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Kinetic Isotope Effects in Reactions of Hot Methyl Radicals with Hydrogen1
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The photolysis at 185 nm of ChUBr or CDsBr has been used as a source of “hot” methyl radicals which
subsequently abstract a hydrogen atom from methyl bromide or from added hydrogen. Relative rate con-
stants for abstraction from H2 or D2 have been determined by isotopic analysis of the methane produced.
The results are discussed in terms of various models for the photodissociation dynamics of alkyl halides.
The normal isotope effect for the reaction of hot CH3 with H2 or D2 is predicted by cross sections calcu-
lated from activated complex theory, but this theory does not predict the inverse effect observed in the

corresponding reactions of hot CD3.

Introduction

The photolysis of diatomic molecules by photons with
an energy greater than the bond dissociation energy pro-
duces translationally “hot” atoms; i.e., atoms with kinetic
energy greater than they would have if they were in ther-
mal equilibrium with their surroundings. Atoms with low-
lying excited electronic states (e.g., the halogens) may
also become excited electronically. This procedure has
been extensively used to produce hot hydrogen atoms
from hydrogen halides, and the subsequent reactions of
the hot hydrogen atoms have been investigated.

If the molecule undergoing photolysis is polyatomic
rather than diatomic, the energy available after bond fis-
sion may appear within the molecular fragments as inter-
nal energy (vibrational, rotational, or electronic) in addi-
tion to relative translational energy. The way in which the
available energy is divided among these various degrees of
freedom has been investigated in a few cases. For exam-
ple, the emission spectrum of OH radicals produced by
the vacuum uv photolysis of H20 has been used to deter-
mine the vibrational and rotational energy distribution in
the radical,2 the reactivity of hot H atoms has been used
to investigate energy partitioning in the photolysis of
H2S,3 and the photodissociation dynamics of several small
polyatomic molecules has been investigated with Wilson's
technique of photofragment spectroscopy.4

Alkyl halides photodissociate principally to the halogen
atom and an alkyl radical. If the wavelength of the inci-
dent light is sufficiently short, the alkyl radicals thus

formed undergo reactions at room temperature,5 such as
hydrogen abstraction from the alkyl halide or from added
hydrocarbons, which are known to have activation ener-
gies of several kcal/mole. These are “hot” reactions, anal-
ogous to the corresponding reactions of hydrogen atoms
with excess kinetic energy, but with the possible added
contribution of vibrational and rotational excitation of the
radical. Our interest was attracted to the reaction of hot
methyl radicals with hydrogen molecules of various isoto-
pic species

CH3* + H,,Do, or HD

for several reasons.

(@) The corresponding reaction of methyl radicals at
thermal equilibrium has been widely studied,6 and kinetic
isotope effects have been determined.7

(b) The reverse reaction, H + CH. —e H. + CHs, has
been studied both in thermal systems6 and with hot hy-
drogen atoms.8

() The number of atoms is small enough so that quan-
tum chemical calculations of the potential energy surface
for the forward reaction, the reverse reaction, and the H-
for-H substitution reaction are feasible.9

(d) Classical trajectory studies of the dynamics of the H
atom abstraction and substitution reactions have been
undertaken.10

(e) The reduced mass in a CH:-H: collision is about
one-half that in a CHs-D. collision, with a proportional
change in the available translational energy.

CH, or CHiD + Hor D

2257
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Experimental Section

After bulb-to-bulb distillation, methyl
bromide (Matheson) was used without further purifica-
tion. It was stored in a blackened bulb on the vacuum
line, as was methyl-ds bromide (Merck Sharp and Dohme,
99.14 atom % D). Deuterium (containing 1% HD) was ob-
tained from Biorad Laboratories. Hydrogen deuteride was
prepared by Dr. D. C. Christman of this laboratory; previ-
ous analyses show that it contains . .-:% H. and :..% D-.
Hydrogen, nitrogen, and oxygen used for calibration pur-
poses were obtained from Liquid Carbonic. Methane (Ma-
theson) was used for calibration together with the deuter-
ated methanes (Merck Sharp and Dohme). Hexafluo-
roethane was obtained from PCR, Inc. The bromine used
was Analytical Reagent Grade, obtained from Mallinck-
rodt.

1. M aterials.

In order to avoid possible complications
due to mercury photosensitization, all vacuum manipula-
tions were carried out on a mercury-free vacuum line,
pumped by an oil-diffusion pump. Pressures were mea-
sured with a calibrated Whittaker Model DM1 digital ma-
nometer. Stopcocks and joints that came in contact with
bromine were lubricated with Kel-F halocarbon grease.

The photolysis cell was a quartz cylinder, 25 mm in di-
ameter, with a volume of 67 ml. On one end, a Suprasil
window allowed transmission of the 185-nm Hg resonance
line. A large standard-taper joint on the opposite end
could be removed for the insertion of a small capillary
tube containing bromine, which served as a scavenger for
moderated methyl radicals. Since a mercury-filled Toep-
pler pump could not be used, the photolysis cell was filled
simply by expansion into the cell of reagents from storage
bulbs, with appropriate pressure measurements. The bro-
mine-containing capillary was then broken by shaking the
cell. After a photolysis run, the reaction mixture was al-
lowed to expand through a trap cooled to —196°, which
removed bromine and methyl bromide, into a measured
volume. The methane in this sample, a known fraction of
the total noncondensable gas in the reaction mixture, was
trapped by adsorption on silica gel at —196°, while hydro-
gen was slowly pumped off. The silica gel trap was then
used as an injection loop for the gas chromatographic de-
termination of methane. It was shown that adsorption at
-196° and desorption at ~60° could be done quantitative-
ly. In the same way, a second portion of the methane in
the reaction mixture was trapped in a small loop with a
rubber septum. A hypodermic syringe was used to inject a
sample in the gas chromatograph used for isotopic analy-
sis. The part of the vacuum manifold used in the above
procedure was made of small-bore and capillary tubing to
minimize the volume.

The total yield of methane was determined by gas chro-
matography, with a 20 ft X % in. molecular sieve (13X)
column at room temperature, and helium carrier gas. A
Varian Aerograph Model 1520 or Model 204 chromato-
graph with a thermal conductivity detector and a Varian
Aerograph Model 475 digital integrator were used. In the
case of experiments with CHsBr, the relative amounts of
CH4 and CH3D were determined by gas chromatography
on an etched glass capillary column of the type described
by Bruner, et al.11 Using a column 40-50 m in length,
with an inside diameter of 0.25 mm, a column tempera-
ture of -196°, and a 30:70 mixture of He and N: flowing
at a rate of about 0.05 ml/sec as the carrier gas, we were
able to obtain almost complete resolution of the elution

2. Apparatus.
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Figure 1. Chromatographic separation of CH3D and CH4 on a
50-m etched temperature,
—196°; carrier gas, 30% He in N2, flow rate 0.04 m I/sec.

glass ~capillary column: column

peaks from a roughly equimolar mixture of CH4 and
CH3D (Figure 1). Relative peak areas were determined
with the flame ionization detector of the Aerograph Model
1520, and the digital integrator; measured amounts of
CH. and CH3D were mixed and used for calibration of
this analytical method.

A few mixtures of CH:. and CHs:D were analyzed by
mass spectrometry, using a Hitachi-Perkin-Elmer RMU-
7E instrument, and the results were in good agreement
with those obtained by gas chromatography.

The glass capillary column did not resolve elution peaks
of CD. and CD3H. Instead, these mixtures were analyzed
mass spectrometrically, using the parent peaks at m 7e 20
and 19.

The light source used in this work was a mercury reso-
nance lamp excited by an rf oscillator.. The lamp itself
was a spherical quartz bulb about 3 cm in diameter with a
1-cm Suprasil window, containing a drop of mercury.
Light emission was optimized by regulating the flow of an
air stream through a jacket surrounding the mercury res-
ervoir. The window of the photolysis cell window was
placed in contact with the lamp window in order to pre-
vent absorption of 185-nm light by oxygen. The lamp in-
tensity was measured roughly at the beginning and end of
a photolysis run by means of an RCA 935 phototube with
a Schott UG .. filter, and a Keithley micro-microammet-
er. Since the filter transmits in the 300-400-nm region,
the intensity of the 185-nm line is not directly measured
by this method.

The absolute lamp intensity was measured by photoly-
sis of N. O, followed by gas chromatographic measurement
of the N: thus produced. Nitrous oxide is transparent at
wavelengths greater than :00. nm, and therefore, the lamp
intensity at 185 nm can be calculated from the nitrogen
yield and the known quantum efficiency:s This result
(-5 x 10.s quantal/sec) was then used in calculating
quantum vyields from the experimental data for methyl
bromide photolysis. We also measured the lamp output at
254 nm, using the production of H. from HBr as an acti-
nometric method:. In this experiment, an interference
filter with a 20-nm bandpass and a transmittance of 23%
at 254 nm was used to isolate the Hg line. Without the fil-
ter, the intensity was about 50% higher at 254 nm than at
185 nm. However, since the quantum yield:s for methane
production by photolysis of CH3Br at 185 nm is fivefold
that at 254 nm, and since the molar extinction coefficients
are 7015 and 1.5.s respectively, the effect of 254-nm ra-
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diation should be negligible in our experiments. It should
be made clear, however, that our work was directed
toward measurement of relative and not absolute quan-
tum yields.

In typical photolysis experiments, the reagent pressures
were CH3Br or CD3Br, 10 £+ 1 Torr; total hydrogen (H2 +
HD + D2), 15-110 Torr; Br2, 5-10% of the total pressure.
Under these conditions, about 75% of the incident light is
absorbed by methyl bromide, and about 5% by bromine.
All experiments were performed at room temperature (23
+ 2°). The extent of photolysis was usually such that the
total methane produced was ~0.05% of the initial methyl
bromide.

Experimental Results

1 Photolysis of CHsBr Alone. A few measurements of
the quantum yield for methane production in the photoly-
sis of methyl bromide were made immediately after acti-
nometry with nitrous oxide. The value obtained was 4xhi =
(.77 £ 0.03) x 10- 2 in good agreement with the value of
(2.0 £ 0.3) x 10'2 obtained previously.15 The pertinent
reactions17 in this system are

CHiBr + hr — CH3 + Br )
CH* + CHjBr CH4 + CH,Br (2)
CB* + CH®Br -> CH3 + CH®Br 3

CH3 + Br2 CHBr + Br 4
CHBr + Br, ->m CH,Br2 + Br

2Br — Br,

The asterisk indicates a “hot” radical, with no further
specification of its energy content at this point. The quan-
tum yield is

* ¥CH3®3r) fe2

“ETECHE) T ® "

2. Photolysis of CHsBr-H: Mixtures. This system was

investigated in order to estimate the relative effectiveness
of H2 and CH3Br for thermalizing hot methyl radicals.
The additional reactions are

CH3 + H2 ch4 + h 5)
ch3 + H2 - ch3+ H, (6)
H + Br, HBr + Br @)

Application of the steady-state assumption, together with
the assumption that f2 ~ fe3and f&6  feg, leads to the ex-
pression

Ty F k§H2 " keN-D
+ fACH3Br)J = 1 + f&JCHBr)

where the superscript O refers to the case where only
CHsBr is present.

A plot of the left-hand side of this equation against the
ratio (H2)/(CH 3Br) should give astraight line with an inter-
cept of unity, provided the correct value of fes/fe2 is known.
Alternatively, various values of the ratio fes/fe2 are tried
until a reasonable fit of the data to a straight line is ob-
tained (Figure 2). The results are not very precise, and
the points at the highest pressures of H2 deviate from a
straight line; however, ranges of 0.05-0.10 for fe5/fe2 and
0.6- 0.9 for hfi/hs appear acceptable.

While there do not appear to be literature data for rela-
tive moderator efficiencies in the CH3Br photolysis, anal-

2259

Figure 2. Data from the photolysis of CH3Br-H 2 mixtures plotted
according to eq B: (0) ks/k2 — o0.10, k$/k3 = 0.86; (A) ks/k2
= 0.05, ke/k3 = 0.60.

ogous data are available53-11 for the photolysis of CH3 at
254 nm. From these and eq B, we obtain moderator ef-
ficiencies relative to CH3l of ~0.5 for H2, D2, Ne, He, Ar
(ref 5f), or ~0.9 for He, Ne, Ar, C02 (ref 5d). Doepker
and Ausloos5l examined the moderator effect of C02,
which can be related to the moderator efficiency of the
polyatomic substrates they used (ethane, propane, 2-
methylpropane, butane, cyclohexane, methanol). Efficien-
cies relative to C02were in the range 1-1.6.

3. Photolysis of CHsBr-Di Mixtures. A few experiments

were done with CH3Br-D2 mixtures, and relative yields of
CH4 and CH3D were measured. The additional reactions
are

ch3 + D2 -> CHD + D (8)
ch3 + D2 CH, + D, 9)
D + Br2— DBr + Br (10

The relative yields of the two isotopic forms of methane
are given by

RA d/Rch, = #{D2)/feIZCHB) ©)

where Rx is the yield of species x. From the data of Table
I, we find that the rate constant ratio fe3/fe2 is (5.0 + 0.7)
X 10-2.

A plot of $cH,°/1=Hi against (D2)/(CH3Br) provides an
estimate of f&¥fe3 = 0.6 for the relative moderator efficien-
cies of D2and CHsBr. Comparison of this with k"/ks shows
that H2 and D2 are approximately equivalent moderators of
hot methyl radicals, with respect to the reaction of these
radicals with methyl bromide. However, the kinetic analysis
leading to eq C tacitly assumes that added moderator (in
this case D2) will have identical effects on reactions 2 and 8.
The small, but apparently real, increase of fe2/feg with in-
creasing D2 pressure is an indication that this assumption is
only approximately correct. If the excitation functions for
these two reactions differ as shown schematically in Fig-
ure 3, then the addition of moderator to the reaction sys-
tem will decrease the yield of reaction 3 with respect to
the yield of reaction 1; of course, the total yield of both
reactions will also decrease. This “shadowing” effect has
been observed in several reactions of hot T atoms pro-
duced by nuclear recoil.18

To test this assumption, several photolysis runs were
carried out with the same amounts of CHsBr and D2, but
with various amounts of He as a moderator. The addition-
al reaction is

The Journal of Physical Chemistry. Voi 77, No. 19, 1973
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Figure 3. Hypothetical excitation functions which would explain
the "shadowing” effect in the reactions of hot methyl radicals
with hydrogen and with methyl bromide. Sr(£) is the reactive
Ccross section.

100 200 300
P Tar

Figure 4. Effect of pressure on the ratio ks/k2 calculated from
eg C. P is the pressure of gas added to a reaction mixture of D2
(~50Torr) and CH3Br (10 Torr): (O) He; (=) D2

CH3 + He ~ CHJ+ He 11)

The results shown in Figure 4 are again consistent with a
“shadowing” effect, since in the absence of such an effect,
the addition of inert gas should not change the relative
rates of reactions 2 and 8.

The data in Figure 4 also indicate that the moderating
efficiencies of D2 and He are comparable, with respect to
lowering the energies of hot methyl radicals below the
threshold energy of reaction 8 but not below the threshold
energy of reaction 2.

Moderation of hot methyl radicals with respect to ab-
straction from CH3Br can also be examined by means of
the expression

'S _ EACH3BY)
$ch, “ (7 + £3XCHBr) X
(fe2 + fB(CH®Br) + (fe8 + (P + fen(He)

7(CH3r)
which can be rearranged to
[ 7* )- HABr) _* ,7.("3 n
L( cth - U (He) * k3 7 (He)

A plot of the left-hand side against (D2)/(He) gives an in-
tercept of 0.24, the moderating efficiency of He relative to
CH3Br, and a slope of 1.2, the efficiency of D2 relative to
CH3Br.

A few runs were made with hexafluoroethane as the
added moderator. Because of difficulties in sample collec-
tion, only the CH:D/CH. ratio was measured. This was
found to be too small for precise measurement; it is
roughly an order of magnitude lower at a given pressure of
C2F6 than at the same pressure of He. This will be dis-
cussed later.

The Journal of Physical Chemistry, Vol. 17, No. 19, 1973
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Figure 5. Data from photolysis of CH3Br-H2-D 2 mixtures, plot-
ted according to eq E.

4. Photolysis of CHzBr~H2~D2 Mixtures. The emphasis
in these experiments was on the relative yields of CHsD
and cH., from which the kinetic isotope effect in reac-
tions 5 and 8 can be determined. The expression used for
this is

Rchad (CH3Br) 7 ks (CH3BYr)

The data are plotted according to eq E in Figure 5, and a
least-squares analysis gives k2/kg = 125 + 0.2 (kg/k2 =
0.08) and ks/kg = 2.12 + 0.05. The latter ratio is in rea-
sonable agreement with the value derived from the ratio
ks'k2 from the CH3Br-H2 system and ks/k2 from the
CH3Br-D2system.

In all these experiments, the initial pressure of CH3Br
was constant at 10 + 0.5 Torr, and the total initial hydro-
gen pressure (i.e., D2 + H2) was also constant (100 Torr)
within a few per cent, although the D2/H 2 ratio was var-
ied. Since other experiments indicate that H2 and D2
have comparable moderator efficiencies, we believe that
the “shadowing” effect discussed above is not important
in these experiments.

5. Photolysis of CDsBr-H2-D2 Mixtures. Analogous ex-
periments were performed with CD3Br in place of CH3Br.
The new reactions in this system are

CD®Br + hv CD3 + Br (12)
}3 + CDBr  CD4 + CDZBr (13)
CD3 + H2-» CDH + H (14)
CD3 + D2 CD4 + D (15)

and scavenging reactions analogous to those in the CH3Br
photolysis. Rate constant ratios can be obtained from the
expression

H2 kI3 ka (D2
------------------- = — 4+ - (F)
~Nadh (CD3Br)  ku ku (CD3r)
The data are plotted according to eq F in Figure 6, and a
least-squares analysis gives 7 3ki4 = 10.8 £ 0.7 and fciy
fei4 = 215 + 0.20. Note that the latter ratio corresponds
to an inverse isotope effect.

Initial reactant pressures were the same as those in the
analogous CH3Br experiments. Again, total hydrogen
pressure was constant, and there should not be difficulties
due to moderator effects.
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Figure 6. Data from photolysis of CD3Br-H2-D 2 mixtures, plot-

ted according to eq F.

6. Photolysis of CH”Br-HD Mixtures. In principle, this

system should permit the study of an intramolecular iso-
tope effect from the reactions

CH3 + HD —» CH4 + D (16)
CHi + DH —* CHD + H a7

With the added complication of methane production by
abstraction from CH3Br. the product ratio is given by

Rmt (HD) k, i ks (HD)
(CHjBr) = ks, + KYX7(CH;Br)

A plot of the data according to this equation is given in
Figure 7, and a least-squares analysis leads to the ratios
Ki/kn = -1.95 + 1.42 and Kie/lkn = 6.37 + 0.07.

There are important differences between this system
and the other two systems used to obtain isotope effects.
First, because 72ch3a is small, it was necessary to use rela-
tively high pressures of HD in order to obtain measurable
amounts of CH3D. The large error in fc2/fei7 (which cannot
be negative) results from a long extrapolation along the
(HD)/(CHsBr) axis, about an order of magnitude larger
than the extrapolation needed to obtain the corresponding
intercepts in the other two systems. Using the rate constant
ratios quoted above, we can rearrange eq G to read

RchJR chd = 637 - 2.0(CHBr)/(HD)

The experimental conditions are such that (CH3Br)/(HD)
is always <0.1, so that Rch,/Rch3d is insensitive to the
ratio, leading to error in ki™/kn.

Also, to change the ratio (HD)/(CH3Br), the initial
pressure of HD was varied; when this ratio is large there is
increased moderation of the hot methyl radicals. The
“shadowing” effect discussed above would lead to an in-
crease in Rch,/Rch3d not resulting from a kinetic isotope
effect.

This consideration led us to perform a series of experi-
ments in which He was added as an additional moderator,
so that the combined pressures of He and HD were about
100 Torr. Relative yields (Rch,/R ch3d) were extremely
variable (Figure 8) and usually much higher than those pre-
dicted from eq G. The added He appears to almost com-
pletely prevent abstraction of D from HD, while permitting
abstraction of H (chiefly from CHsBY).

For these reasons, we believe that the rate constant ra-
tios k2 /kn and k”~/kn cannot be simply derived from the
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Figure 7. Data from photolysis of CH3Br-HD mixtures, plotted
according to eq G.

Figure 8. Effect of added He (pressure in Torr indicated by
numbers near open circles) on the relative yield of CH3D and
CH4 in the photolysis of CH3Br-HD mixtures. The solid line is
taken from Figure 7.

data in Figure 7, and in particular we believe that the in-
tramolecular isotope effect is not as large as 6.

Discussion

1 Energy Barrier for the Reaction CH3 + H: CH: +
H. According to activated complex theory, the activation
energy, Ea, of a chemical reaction taking place at thermal
equilibrium is related to Va, the height of the potential
energy barrier separating reactants and products, by the
expression19

Ea= Va + RT6

where the last term takes into account the temperature
dependence of reactant and activated complex partition
functions. However, in our experiments the methyl radi-
cals are not in thermal equilibrium with their surround-
ings, and a quantity of more direct relevance than Ea or
Va is the threshold energy, Et; i.e., the minimum energy
at which reaction can occur, or at which the reactive cross
section becomes finite. Except for reactions of atoms, the
threshold will depend on both relative translational ener-
gy and the vibrational and rotational states of the reac-
tants. Furthermore, if guantum mechanical tunneling
through the barrier is significant, Et is restricted only by

The Journal of Physical Chemistry. Vol. 77, No. 19. 1973



2262

TABLE I: Photolysis of CH3Br-D 2 Mixtures

Po2 Torr PcHjBr, Torr RCH3D /flcH 4 A8/*2

395.0 108 1.510 0.041
198.2 9.8 0.996 0.049
111.8 9.8 0.520 0.046
55.5 9.9 0.355 0.063
Mean 0.050 + 0.006b

the endothermicity of the reaction. Phenomenologically,
the threshold may depend on the sensitivity of the meth-
od used to measure the rate of reaction.

The limited data available indicate that differences be-
tween Va, Ea, and Et are not much larger than the usual
experimental errors in these quantities. Gann and Du-
brin20 have determined the threshold energy for the reac-
tion

H+ CDD —» HD + CD9

to be 7-8 kcal/mol, whereas Ea — 8-10 kcal/mol.2l For
the reaction

D + H2->- DH + H

Et was found to be 7.5 kcal/mol,23 whereas the activation
energy is 7.6 kcal/mol.24 For this same reaction, classical
trajectory calculations on a surface with a barrier height
of 9.13 kcal/mol give an activation energy of 6.9 kcal/
mol and a threshold26 of 6.6 kcal/mol. For the reaction

F+H -» FH + H

the experimental28 activation energy is 1.71 kcal/mol.
Classical trajectory calculations2 on a surface with a bar-
rier height of 0.90 kcal/mol give an activation energy of
1.57 kcal/mol and athreshold of about 0.75 kcal/mol.

The experimental determination of the activation ener-
gy for reaction 5 has been discussed elsewhere.6-7 The best
value is Eas - 10.9 kcal/mol, with the analogous Ea&=
122 kcal/mol. An estimate of Va can be made from the
experimental value of Ea and a model for the activated
complex that will permit the evaluation of 0. Both a
BEBO model and an LEPS model without tunneling7 in-
dicate that Va and Ea differ by less than 1 kcal/mol. An
LEPS model with tunneling included (and probably over-
estimated) gives Valarger that Eaby 2.5 kcal/mol.

We believe, therefore, that the measured activation
energies for hydrogen abstraction can be adopted as
threshold energies with errors of no more than 1-2 kcal/
mol; these values are given in Table V.

2. Photodissociation of Methyl Halides. The absorption

spectra of alkyl halides generally exhibit broad bands in
the near ultraviolet attributable to n —ma* transitions.3
Methyl iodide vapor has an absorption maximum at 258
nm (f 380), whereas the corresponding peak in methyl
bromide is at 203 nm (¢ 264). The lack of structure in the
bands for both molecules indicates that the upper elec-
tronic state is a repulsive state, from which dissociation
takes place within a time comparable to the period of a
molecular vibration.

Because there are low-lying excited states of both Br
and | atoms, two dissociation processes are possible

CHX + hv —- CH3 + X(2P32 (la)
or
CHX + hv -» CH3 + X(P12 (Ib)
(X =Br orl
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The bond dissociation energy Do of the C-1 bond in
methyl iodide is 54.2-55.0 kcal/mol,3L and the difference
in energies for the two states of the iodine atom is 21.7
kcal/mol (Table I1). Photofragment spectroscopy4l indi-
cates that photodissociation of CH3l at 266 nm proceeds
predominantly (two-thirds to three-fourths of the total
yield) by process Ib, in agreement with spectral analysis.308

Energies of the corresponding photodissociation pro-
cesses32-33 of CH3Br are also given in Table Il. The ab-
sorption spectrum has been interpreted as indicating that
process Ib is unimportant.3 With the exception of this
difference, the photodissociation process for CH3Br at
wavelengths near Amex of the n —»a* band should be com-
parable to that of CH3 at the corresponding wavelengths.

In addition to processes la and Ib, in the case of CH:l
there are minor contributions from

CH3 + hv -+m CHI + H2 (Ic)
CH3 + hv-» CH2 + HI (1d)

In the photolysis of CHZTI at A <315 nm, Tsao and
Root50 found evidence for the production of HT by reac-
tion Ic; however, unless the amount of hydrogen produced
was large enough to change the isotopic composition of
hydrogen used as a reactant, this type of reaction should
not affect our measurements of relative methane yields.

Process Id, which has been reported by Rowland and
coworkers3b in the photolysis of CH3l at 230 nm, is poten-
tially more troublesome, as the following reactions could
then take place

ICH2 + H2 —* CH4*(vibrationally excited)
CH# -» CH3 + H
CH4 + M -» CH4 + M

ICH2 + M XH, + M

CH&  CH3 + H

Rowland’s results indicate that less than 5% of the photo-
dissociation events produce methylene, and that about
95% of the methylene is produced in the triplet state.
Methane produced by reaction with H2 should be vibra-
tionally excited, with a high probability of decomposition
to methyl and hydrogen atom. Braun, Bass, and Pilling%
found this reaction to be important for singlet methylene,
but it was at least two orders of magnitude less rapid for
triplet methylene. Furthermore, the thermochemistry of
the reaction rules out the possibility that methyl radicals
are produced with enough excess energy to react with hy-
drogen.

To confirm these predictions, we photolyzed CH3Br-D2
mixtures, and searched for CH2D2 by mass spectrometric
analysis of the reaction mixture. It was found to consti-
tute <3% of the total methane produced, so we conclude
that photodissociation process la is the only important
one in our experiments.

3. Energy Partitioning in the Photolysis of Methyl Bro-
mide. With the assumption that photodissociation by pro-
cess la is the only significant source of methyl radicals in
our experiments, we now consider the energetics of this
process in some detail.

In the photodissociation of an alkyl halide RX, conser-
vation of energy leads to the expression

Ead =hv - (D, - £inRY -
where Eavi is the total energy available after dissociation,

TH, + H2 —

Eelx
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TABLE IlI: Energetics of Methyl Halide Photodissociation
RX X mm hva Do
CH3I 266 107.3 55.06
54.2,
55.0
54.2
CHzZn 276 103.5 56.3d
55.0
54.2
56.3
55.0
54.2
CH3Br 185 154.6 67.0 = 2c
CD3Br 185 154.6 68.6 = 2¢
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BdX BirtRx £avl Ref
0.0 1.3 53.6 3f
0.0 1.3 54.4
217 1.3 31.9
217 1.3 32.7
0.0 0.0d 47.2 5p
0.0 1.3 49.8
0.0 1.3 50.6
217 0.0 25.5
217 1.3 28.1
217 1.3 28.9
0.0 1.3 87.6 This work
0.0 1.3 86.0 This work

aAll energies in kcal/mole. b Value used in ref 3f. ¢ Calculated from data in ref 32. ¢ Value used in ref 5p. ¢ From Dgfor CH3Br and zero-point vibra:

tional energies of CH3, CD3, CH3Br, and CD3Br.

nv is the energy of the incident photon, bo is the energy
difference between RX in its ground state and R + X in
their ground states, EintRX is the internal energy of RX at
the temperature of the experiment, and e cix is the elec-
tronic energy of the halogen atom. The available energy is
divided between Atrans, the relative translational energy
of fragments R and X, and JEmtR, the internal energy
(rotational and vibrational) of the alkyl radical

£avl = ~trails + En R = E viblR
Conservation of momentum requires that the translational

energy of R (in the laboratory coordinate system) is

E trims + E I0IR +

Etn,J = (M x/M RX)(Eavl -£intR)

However, in the center-of-mass coordinate system of the
alkyl radical and target molecule AB (A, B = H or D), the
relative translation energy is given by

EqM= MBStrars¥ ("R -"Ab) =

A arM x(Eavi ~ E intR)/M RX(M R +

M ab)

The minimum energy available for the R + AB reaction is
the relative translational energy Ecm; if EmtR is not zero,
the fraction of it available for reaction will depend on the
detailed dynamics of the reaction. Moreover, different
models for the photodissociation process lead to signifi-
cantly different distributions of Eavi. We now consider
some of these.

A. Pseudodiatomic Model. If the alkyl radical is consid-
ered as a structureless mass, EintR is zero and ecm is
given directly in terms of Eavi and atomic masses (Table
V). There are several arguments against this model. Gor-
dus and Bernstein16 found an isotopic shift of 280 cm -1 be-
tween the spectra of CH3Br and CD3Br; this is too large
to be accounted for by a zero-point energy difference of
the C-Br vibrations in the two molecules. Tsao and
Root5p determined the threshold energy for the reaction of
H2 with CHZT produced by the photolysis of CH2TI, and
found this to be 103.5 kcal/mol. Even if | atoms are pro-
duced in the 2P:,. state, ecm is 4.7 kcal/mol, well below
the threshold energy for hydrogen abstraction. In our
work, ecm for the CH3 + H2 system is slightly below the
threshold, whereas that for CH3 + D2 is above the thresh-
old. Nevertheless, the former reaction prevails over the
latter.

These arguments are rigorously correct only if the rela-
tive Kinetic energy distribution of the methyl radicals can
be represented by a delta function; the conclusions are

somewhat less firm if one takes into account the spread in
relative velocities due to the thermal velocity distribu-
tions of the parent molecule and the target molecule.
Kinematically, this system is particularly unfavorable be-
cause the target molecule, due to its light mass, has a
mean thermal velocity that is not negligible relative to the
methyl radical velocity. The appropriate distribution
functions have been derived by Chantry.37

The effect of a finite velocity distribution has been esti-
mated from the expression for a bimolecular rate constant
in terms of the reduced mass of collision partners ¢, the
relative kinetic energy e rei, the distribution function
P(Erei), and the reactive cross section S r(Erei)

h.m= f P(ER)S, (Er)(2£1 Vi)l2 dEr
0

With a step function for Sr, the rate constant calculated
with the step at the assumed threshold value of 10.9 kcal/
mol was compared to that calculated with the step at
Ecm- INn the Tsao and Root experiments this ratio is 0.05,
so the velocity spread is relatively unimportant. A more
realistic form of Sr, such as that described below, will de-
crease the ratio further.

Similar calculations for our experiments give a ratio of
0.57 for the rate of CH3 + H2 with the step function at
10.9 kcal/mol compared with that for the step at 8.7 kcal/
mol (e cm), so the velocity distribution spills over signifi-
cantly above the threshold. However, the same ratio for
CH3 + D2 (step function at 12.2 or 15.5 kcal/mol) is
greater than unity, since Ecm is larger than e t. Therefore,
from the observed kinetic isotope effect, it still appears
necessary to assume that internal energy of the methyl
radical is available for reaction.

The most direct evidence against the pseudodiatomic
model comes from photofragment spectroscopy,4l and the
results for the photolysis of methyl iodide are given in
Table I11.

B. Fmnck-Condon Dissociation M odel.
mide or iodide, the H-C-H interbond angle is 111.8°,
whereas in planar methyl it is 120°. If the C-X bond dis-
sociates before relaxation of this angle can take place, the
methyl radical will be formed in an excited state of the
out-of-plane vibrational mode (p2). In terms of /, the per-
pendicular displacement of the C atom from the plane of
the three H atoms, the potential energy is given by

V= (W 2+ af4
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TABLE IlIl: Energy Partitioning in Photolysis of Methyl Halides
RX X, nm X state Bt
CH: | 266 >Pl2 0.12
2P312 0.16
ch2ti 276 2Psi2 Or
ZPI/Z
CH3Br 185 2P/ »
GD3Br 185 2 Psia

° With D» = 55.0 kcal/mol. » Withp o — 54.2 kcal/mol.

The force constants in this coordinate system are related
to those of Pimentel and coworkers3 according to

fc(this work) = 3£4Pimentel) = 3(0.317 mdyn A ')

a(this work) = 9a(Pimentel) =-9(0.098 mdyn A )
In going from the planar configuration to the methyl con-
figuration of CH3l, f increases from 0 to 0.315 A, and the
resulting potential energy increase is 4.2 kcal/mol. Ab ini-
tio molecular orbital calculations lead to a similar esti-
mate of the potential energy change (4.5-5.0 kcal/mol).®
This is very close to the value of EintR found by Riley and
Wilson for dissociation to | (2Pi/2), but only about half
the value found for dissociation to ground state I.

Recently, kinetic spectroscopy of CH3 and CD3, pro-
duced by flash photolysis of methyl iodide and dimethyl-
mercury, has been reported by Pimentel and coworkers.33
Their results seem to disagree with the prediction that \{
will be excited, and they propose that excess vibrational
energy is localized in the jq (C-H stretching) mode. How-
ever, it is not clear just how applicable their results are to
Riley and Wilson's experiment or to steady-state photoly-
sis experiments with monochromatic light. Their flash
source emits light that probably covers the entire absorp-
tion band of methyl iodide, so there is a large spread in
Eavi- Since the energy required for excitation to the S = 1
level is about 8.6 kcal/mol, greater than EintR found in
the dissociation of CH3l to form | (2Pi/2), it is evident
that the excitation of WA cannot be the only form of inter-
nal energy in the hot methyl radical.

C. Statistical Vibrational Model. In contrast to the
Franck-Condon model is the statistical model proposed
by Riley and Wilson, in which Eavlis distributed among
all vibrational modes of the photodissociating molecule.
This model gives, as arough approximation

£EvilR= (BN - 7)-Eai/(31V - 6)
where N is the number of atoms in RX. Thus, for CH3X,
E\\oR/EaA\ — 0.9 (Table Ill). This is much higher than
the experimental ratio, but it would obviously be high
enough to account for the reaction with hydrogen (Table
V).
D. Rigid Radical Model. The “rigid radical” impulsive
model emphasizes the rotational fraction of ENtR. It is
assumed that R and X recoil along the C-X bond axis. If
R has a center of mass displaced from the line extending
the C-X bond, recoil will impart an angular momentum
to R. Tsao and Root5" have used a similar model in dis-
cussing the photolysis of CHZTI, since isotopic substitu-
tion destroys the C3u symmetry of the molecule. However,
for CH3X or CD3X, this model would predict that ErotR
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£intR/Eavl

Rigid Soft

Bxpt* Statistical radical redical
0.14 0.8-0.9 0.0 0.18
0.17 0.8-0.9 0.0 0.18
0.8-0.9 0.69 0.27
0.8-0.9 0.0 0.18
0.8-0.9 0.0 0.29
TABLE IV: Internal Energy (kcal/mol) of Methyl Radicals

Predicted from Photodissociation Models

EintB

Pseudo-

dia=  Statis- Rigid Soft

RX £aM Bptc tomic  tical radical  radical
CH: | 3,2.1° 4.7 0.0 27.8 0.0 5.9
54.4p 9.4 0.0 46.2 0.0 9.8

CH: T 28.9% 4.0 0.0 24.6 19.9 7.8
CHjTI 50.61 8.6 0.0 43.0 34.8 13.6
CH3Br 87.6 14.9 0.0 74.5 0.0 15.3
CD3Br 86.0 0.0 73.1 0.0 24.9

“1in:Pi. state. b | in:P/. state. cCalculated with the assunption
that £intk/£ avi for CH3Br and CHZT1 is equal to thet measured for CH3I

= EintR = 0; it becomes identical with the pseudodiatom-
ic model, which has already been discussed.

E. Soft Radical Model. A second impulsive model pro-
poses a “soft” radical, with the available energy initially
utilized in the recoil of the aC and X atoms. The carbon
atom then “collides” with the rest of the alkyl radical,
imparting vibrational energy to it. It can be shown that4e

£i,,RIfavi = 1 - [MCQMR + MXY/MRMC + Mx)]

Furthermore, this energy is entirely vibrational. The frac-
tion £intR/Eavi calculated from this model is consistently
higher than that obtained by photofragment spectroscopy
(Tables 11l and 1V). However, calculated values do follow
the trend toward a higher ratio observed with larger alkyl
groups,4l and the ratio calculated for methyl iodide is only
10- 20% higher than the mean of the experimental values
for dissociation into the two | atom states.

With this model, the total energy available for the reac-
tion of methyl with hydrogen in our experiments is much
greater than the threshold energy (Table V). However, the
agreement with the photolysis threshold of Tsao and Root
is found only if the process they observe produces | (2Pi/2)
and not | (2P32)- Our observation that hexafluoroethane
is a much better moderator than helium, with respect to
the reaction of methyl and deuterium, is also consistent
with the prediction that most of the energy of the hot rad-
ical is vibrational. Callear and van den Bergh40 found that
polyatomic molecules were 10-20 times as efficient as He
for the vibrational relaxation of CH3*. By contrast, a
hard-sphere model for the transfer of translational energy
predicts that He is about twice as efficient as C2F6.

4. Isotope Effects. The ratios of rate constants for the
reactions of hot CH3 (or CD3) with H2 and D2 found in
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TABLE V: Total Energy (kcal/mol) Available for the Reaction
R + AB Predicted from Photodissociation Models

BrtH+ £an
Pseudo-
dia- Statis-  Rigid Soft Thresh-
RX AB Expt tomic tical radical radical old

CH2Tla h2 10.0 2.7 25.0 20.7 9.8 10.9
CH2TI*  h2 12.5 4.7 43.8 36.3 17.5 10.9
CH3Br h?2 22.1 8.7 75.9 8.7 22.5 10.9
CH3Br HD 25.1 12.3 76.3 12.3 25.4 — 115
CH3Br d?2 27.8 15.5 76.8 15.5 28.1 12.2
CD3Br h2 7.0 74.1 7.0 29.9 10.9
CD3Br HD 10.1 74.6 10.1 32.0 — 115
CD3Br d?2 12.7 75.0 12.7 33.9 12.2

al in 2P1/2 state. * | in 2P3/2 state.

this work can be compared with the corresponding ratics
obtained in the thermal reactions7 With hot CHs, the
ratio ks/ks is 2.12, whereas for the thermal reaction at
25°, this ratio is 857. The ratios for CD3 are kn/kis =
0.465 (hot radical) and 4.30 (thermal reaction).

There are relatively few other reactions of hot radicals
for which isotope effects have been reported. With CHs
and cDs produced by photolysis of methyl iodide at 254
nm, Doepker and Auslooss: found Rcdin/Rcd, = RemJ
Rch d = 131 for the methane produced by hydrogen ab-
straction from methyl iodide. Mains and Lewis5mobtained
values of 148 and 1.43 for these same ratics, in the flash
photolysis of methyl iodide. Doepker and Ausloos also mea-
sured the kinetic isotope effect for the reaction of CD: with
CD:CHs and found Rch3n/R cd), = 0.95. For the reaction of
CDs with an equinolar mixture of C.Hio and C.D:o, they
found Rcd/R cd, — 1-25. All of these rate constant ratios
are much closer to unity than those reported for similar
hydrogen abstraction reactions in thermal systens.22

The customary theoretical formulation of kinetic iso-
tope effects is based on activated complex theory, and is
derived with the assunption that the reactants have a
Boltzmann distribution of energies. Obviously, this ap-
proach is not suitable for the interpretation of hot atom or
hot radical experiments, where values of rate constants (or
reactive cross sections) for a specific reactant erergy are
needed. Moreover, a conplete treatment of the isotope
effect would also require consideration of the steady-state
erergy distribution for the hot reactant, since in any real
experiment this will differ from that produced by photo-
dissociation.

Such a detailed treatment does not, at present, seem
feasible for the reactions considered here. However, we
have tried to approach the problem at a level correspond-
ing to that gererally used in the explanation of kinetic
isotope effects. This approach uses activated complex
theory to calculate an average reactive cross section Sr(E)
as afunction of total energy E4L

sHE) = (afz/. um)[eH(8 )/e(A)]

In this expression, k is the transmission coefficient, x is
the reduced niss of reactants, ei(E) is an energy density
function for the reactants, and enNiE) is the number of in-
temal states of the activated conplex with total energy
less than orequal tOE.

We have introduced a further simplification by treating
the methyl radical as a structureless mass, thus reducing
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Figure 9. Excitation functions (solid lines) for the reactions CH3
+ H2and CH3 + D2, calculated from activated complex theory.
Energy distribution (dashed lines) with £intR (15.3 kcal/mol)
added to Ecm with a thermal distribution.

Figure 10. Excitation functions (solid lines) for the reactions
CD3 + H2 and CD3 + D2, calculated from activated complex
theory. Energy distribution (dashed lines) with EintR (24.9 kcal/
mol) added to Ecmuwith a thermal distribution.

the problem to that of an atom colliding with a diatomic
nolecule. Then the only contributions to ti(E) come from
the ore vibrational mode and doubly degererate rotation
of the hydrogen nolecule. A direct count method wes
used to evaluate a(E) for Hz2 and D2, from the expressions
given in section 111C of the paper by Morokuna, et al.41a

For the activated complex, we have used the actual six-
atom nmoments of inertia for the doubly degererate rota-
tion and vibrational frequencies calculated for the “three-
atom” complex, from force constants and interatomic dis-
tances obtained by the BEBO method.7 At erergies of in-
terest in this work (>20 kcal/mol), the completely classi-
cal expressioruis fore*(£) wes found to be a very good
approximation, and it wes used for the evaluation of
SAE).

The results of these calculations are shown in Fgures 9
and 10, together with the appropriate energy distributions
for methyl radicals with intermal energy calculated from
the soft radical model and a distribution in center-of-mass
erergy calculated from the expressions given by Chan-
try.37 The absolute values of these cross sections seem to
be unreasonably large.
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It is not clear how one calculates a rate constant using
the excitation functions obtained from activated conplex
theory, because the cross section is not simply a function
of translational energy. Howewver, if the cross section is
weighted in the usual way by the factor P{E) (2E/p)1/2,
the following rate constant ratios are obtained: CH: +
H2/CHs + D2 = 130 and CDs + H./CDs + D2 = 179.
These do not agree very well with the experinmental
values, and in particular, the reversal between CH: and
CDs is not predicted.

Ore can probably devise ad hoc excitation functions
that can be combined with the energy distributions of
FHgures 9 and 10 to account for the obsernved results. How
ever, it seems pointless to do this without nore detailed
knowledge of the energy partitioning in the formation of
methyl radicals, and the relative roles of intermal and
translational energy in surmounting the energy barrier for
reaction.
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Intramolecular Photolytic Interactions of Aromatic Carboxylic Acids in Solution
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The primary photolytic processes in agqueous solutions of ionized and nonionized phenylalkylcarboxylic
acids and esters, Ph(CH:)nCOOR (Where R = H, CHs, and C:Hs and n = 1, 2 and 3), at 20° were stud-
ied using the technique of flash photolysis. The main observed processes are Ph(CH2),COOR ——*
PhCH2- + -(CH2)n-iCOOR (25) and Ph- + -(CH2)nCOOR (26). No evidence wes obtained for eithei

photoionization or rupture of the Ph(CHz),,GOO-R bond. The nature of -R wes, however, found to influ-
ence the relative importance of the two photoprocesses. The ratio 026/°25 wes found to be 0.7, 1.5, and
3.0, respectively, when R = H, CHs, and C:Hs. The major process observed in the photolysis of ionized
phenylalkylcarboxylic acids wes photoionization, leading to the production of e and carbon dioxide:

Ph(CH:),COO- Ph(CH2),- + et + CO0: (27) and Ph- + -(CH2)nCOO- (29). The quantum vyield
of process 27 wes found to increase with increase in n, with 02e ratios of 1.0:1.18:1.45 whenn = 1, 2, ad
3, respectively. The concentrations of the radicals in processes 25-27 and 29 were found to be directly
proportional to the sgquare of the incident light intensity, P, revealing the biphotonic nature of these pro-
cesses inwater at 20°. The effects of low concentrations of specific quenchers, such as ethyl pyruvate and
Ni2+ ions, showed that the excited state precursors of these photoprocesses must be relatively long lived,

probably the triplet excited states. Since under the experimental conditions used, optical excitation
energy wes absorbed initially only by the aromatic ring and the photoejected electron comes mainly from
the -c00O- group, intranolecular photolytic interactions are clearly indicated. Such interactions are
probably enhanced if spatial configuration is favorable by increased electronic overlap and intersystem

crossing.

Introduction

Considerable interest exists in the photochemistry of
benzyl derivatives and, in particular, of phenylalkylcar-
boxylic acids. With the former compounds, Ph(CHg),,X,
the interaction of the side chain on optical excitation of
the 1Aig—»1B2u benzene absorption band has been found
to be quite strong. Such interactions have been the
subject of various studies by photochemists and spectros-
copists. The interest in phenylalkylcarboxylic acids is a
nore particular case (X = COOH) and stems from the
important role of the aromatic amino acids phenylalanine
and tyrosine as spectroscopic probes for the study of poly-
peptides and proteins, and as major participants in their
photochemistry.

The absorption and fluorescence spectra of a number of
aromatic carboxylic acids have been examined at room
termperature as a function of pH (see ref 2-4, and refer-
ences cited therein). The observed changes in the intensi-
ty and in the vibronic structure of the 1Aig —»1BAJ ben-
zere absorption band have been attributedk-3 to the in-
ductive effect of the carboxyl group. The quenching of flu-
orescence due to the substituent X has been interpreteds 4
in terms of an intranolecular charge-transfer interaction
between the carboxyl group and the aromatic ring. The
substituent is suggested to enhance spin-orbit coupling
leadings to a quenching of fluorescence, enhancenent of
the intersystem crossing (ISC) rate constant and the
phosphorescence yields, and a decrease in the natural
phosphorescence lifetime.

Various mechanisns have been proposed for the photo-
chemistry of aromatic carboxylic acids in solution (see ref
5 and 6, and references cited therein). Photoionization
and the formation of benzyl radicals have been observed
in aqueous solutionss at room tenperature. While no di-
rect evidence is available with regard to the nature of the
excited state precursors in the photochemistry of

Ph(CH2),,COOH compounds, it wes suggesteds that elec-
tron ejection occurs from the singlet excited state of these
aromatic systerms. This conclusion differs from that ar-
rived at in nore recent work where the photoionization of
tyrosiner-8 and the photoionization and photodissociation
of phenylalanines-10 in water at 20° were shown to occur
fromthe triplet excited state via a biphotonic process.

In this work, we report the results obtained on flash
photolysis of phenylacetic acid, phenylpropionic acid, and
methyl and ethyl phenylacetate in agueous solutions. The
effects of pH, light intensity, and specific quenchers on
the transient species observed were examined in detail.

Experimental Section

The flash photolysis set-up11 and the experinmental con-
ditions12 used have been described elsewhere. Most of the
work wes carried out using flash intensities of ~2000 J.
The light output from the flash lamps wes varied by
changing the charging voltage across the lamps, typically
from ~17 to ~23 KV, at constant capacitance. The light
output wes checked and found to be directly proportional
to the charging (voltage)2 in the far-uv region (Where opti-
cal excitation occurs).

Quartz optical cells of 20-cm path were used through
out. Solutions were prepared with triply distilled water
and were degassed by bubbling with prepurified nitrogen
gas. Appropriate solution cut-off filters were placed in the
outer jacket of the optical cell. Solutions were buffered
using perchloric acid, potassium hydroxide, and ~1 mM
phosphate and borate.

The chemicals used were the best grade available com+
mercially. Phenylacetic acid wes obtained from MCB ad
phenylpropionic acid from K & K. The esters (Eastman
and Aldrich) used were further purified by distillation.

All experiments were carried out in oxygenfree solu
tions at room tenperature (~ 20°).
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Results and Discussion

Unless stated otherwise, mainly the first absorption
transition iAilg —* 1B2u of the benzene nucleus of the
phenylalkylcarboxylic acids and esters studied wes opti-
cally excited. This wes done by using a 240-nm (15%
agueous acetic acid solution) cut-off filter in the outer
jacket of the optical cell. Small but distinct differences
exists (~20% lower integrated intensity for the -COOH
acids) between the absorption spectra of the ionized and
nonionized carboxylic acids. The spectra of the esters are
almost identical with those of the corresponding nonion-
ized acids.

It should be clearly stated that, due to certain limita-
tions of the flash photolysis technique, photolytic pro-
cesses ather than those obsernved and discussed below may
also be occurring. However, due to lifetime (flash duration
~10 /¢sec) and spectral detection limitations, certain pho-
tolytic processes may not be observed.

Phenylacetic Acid. The flash photolysis of oxygenfree
aqueous solutions of 2 mM phenylacetic acid (pKa = 4.31)
produced transient optical absorptions which are dependent
upon the pH of the solution. Figures 1 and 2 show the tran-
sient spectra obtained at pH 2.2 and 6.3, respectively. The
spectrum at pH 2.2 shows mainly the formation of the char-
acteristic transient absorption of the benzyl PhCH2- radi-
cal. A closer examination of the experimental cune and a
comparison with the recently redeterminechz absorption
spectrum of PhCH2- in water (dotted spectrum in Hgure 1)
reveals the presence of other absorbing transient species.
The folloning primary photolytic processes can be consid-
ered.

PhCH2 + -COOH @
PhCH,COOH Ph- -I- -CPLCOOH %)
PhCH2 + CO0. + (ea~ + H+) (3

Concomitant with the formation of PhCHz- is the for-
mation of COOH radicals. The spectrum of this radi-
calis has a Xvex 235 nm and ¢235 3 X 18 M-1 cm1 and
undergoes ionization with a pKa ~ 1.4.18 The spectrum of
the basic form

mCOOH ~

is essentially indistinguishableis from that of the acid
form Its maximum could not be observed here due to the
strong absorption by phenylacetic acid in this wavelength
region. However, based on the knowniz extinction coeffi-
cients of the benzyl, fsis 9.0 x 10s and ;307 4.7 X 10: M -1
cm1 and -COOH radicals, and assuming equinmolar con-
centrations of -COOH and PhCH2- (based on reaction 1),
the absorption due to the contribution from -COOH has
been derived and is shown in Fgure 1L The sum of the ab-
sorptions of these two radicals can be seen not to account
conmpletely for the absorption of the experimental curve,
particularly above 330 nm It is suggested (see also below)
that process 2 also occurs and that the residual absorption
is due to the carboxylalkyl radical «CHCOOH. The spec-
trum of this radical has been determined 14 Xrax 320 nm
and £320 650 M~4 cm'Ll It undergoes an acid-base reac-
tion

-COC + H+ (4)

=CHXCOOH -CHCOO_ + H+ )

with a pKa = 4.5.14 The absorption of the -CH2COO rad-
ical is red shifted and hasi4 a Xvax 350 nm and £350 800
M_1cm-1.

The absorption of the phernyl radical, reaction 2, is not
obsenved. In the gas phase, the Ph- radical is reportecis
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Figure 1. Transient spectrum produced in the flash photolysis of
2 m/W phenylacetic acid at pH 2.2, N2 (O). Spectrum of the

PhCH2- (- ), the -CC>H (--), and the sum of PhCH2-
plus -C02H (- ) used to synthesize the experimental curve
is shown. The spectrum of the CH2COOH radical (¢s*) ob-
tained by difference is also shown. A 240-nm cut-off filter was

used.

to absorb at ~440 nm. A recenti7 indirect method indi-

cated that the maximum is at 260 nm and t 630 M~1

cm-1, in agueous solution. The absorption spectrum of

phenyl in water was rechecked. The method utilized dis-

sociative electron capture by chlorobenzene as a means of
PhCl + eaj —* Ph- + CU

generating phenyl radicals. A 5 mM PhCl agueous solution
wes pulse radiolyzed at pH 9.2 in the presence of L5 M t-
BUuOH. The transient spectra were determined in argon (1
atm) and N2 (1 atm) solutions. The “ difference” spectrum
is taken to be due to the Ph radical. The spectrum wes
similar to the one recently reported 17 with Xrex <270 nm
and £80400M_1 cm-1.

Based on the known extinction coefficients, and
[PhCH2-] = 057 /(M [-CH2COOH] = 041 /;)M it is in-
teresting to note that ~ 14

No evidence is presently available for the occurrence of
process 3. Hydrated electrons could not be observed at our
time resolutions (— 10 /¢sec) due to the rapid reaction with
H+, withfee= 23 x 1010M- 1sec1 (ref 18)

e + H+ —*H ()

However, if H atoms were produced via reaction 6, or di-
rectly, they would have added to the aromatic ring and
produced a substituted cyclohexadienyl radical, with an
absorption in the region ~320 nm. It is, therefore, con
cluded on the basis of available information that phenyla-
cetic acid does not undergo photolysis via process 3
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Figure 2. Transient spectrum produced in the flash photolysis of
2 mm phenylacetic acid at pH 6.3, N2 (O) and in N20 plus
1.0/W f-BuOH (m). Spectrum of the PhCH2- (- ) and the
CH2COO"' (+++) radicals used to synthesize the experimental
curve is shown. The insert shows change in absorbance at 318
nm with pH in N2-saturated solutions. The spectrum of the tran-
sient produced in the presence of 5 X 10~2 m nickel perchlo-
rate is shown (A ); cut-off filter 240 nm.

The process
PhCH,COOH PhCTLCO- + OH

wes suggesteds to occur on photolysis in methanol solu-
tions. No evidence for this process wes obsenved in ague-
ous solutions. This waes concluded on the basis of the ab-
sence of a change in the transient spectrum in presence of
1.0 M terf-butyl alcohol, an efficient scavengeris for OH
radicals. The OH radical if produced would have added to
the benzene ring to give the cyclohexadienyl radical, with
amaximum at ~320 nm

Phenylacetate lon. The photochemistry of ionized
phenylacetic acid in water produced a somewhat different
and nore intense transient absorption, FHgure 2 The fol-
loning primary processes are considered

PhCH,- + eay + CO, @)
PhCH.COO™ Ph- + mCH,COCT (8)
PhCH,- + COO" (9

The characteristic absorption spectrum of eaq with Xrax
~720 nm wes observed. In order to slow donn the decay
kinetics of eag~, since k (eaq’ + PliCH2COOQ') = 20 x
107 M' 1 sec-1 (ref 20), the flash photolysis of 2 x 10 4 M
phenylacetate at pH 9.2 was nonitored at 700 and 318
nm, using a 240-cm cut-off filter. Good reproducible re-
sults were obtained under these conditions. Based on 6700
18 x 1 M' 1 cm 1 (ref 21) for eaq’, identical concen-
trations (0.17 mv) of eaq’ and PhCHz- radicals were ob-
tained. These results confirm the occurrence of process 7.
A similar experiment wes carried out using a water filter,
i.e, a ~200-nm cut-off instead of 240 nm. Under these
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Figure 3. Quenching of the excited state of phenylacetic acid (5
m M) by ethyl pyruvate, as a function of the quencher concen-
tration. Monitored at 318 nm; (A) at pH 6.8, 260-nm cut-off fil-
ter; (B) at pH 1.5, 250-nm cut-off filter.

conditions the 1Aig —»1Biu as well as the 1Aig —»1B2U
transitions are optically excited. Except for a threefold in-
crease, equinolar concentrations of eaq' and PhCHz-
radicals were produced. The photoionization of phenylace-
tate probably produces initially the carboxylate radical
PhCA~COO- which breaks down to PhCH2- and COz.

The formation of -CH2COO (process 8) can be seen in
FHgure 2 from the absorption spectrum of this radical, 14
with Xrax 350 nm. The experimental results do not ap-
pear to provide room for the occurrence of process 9; all
the benzyl radicals are acoounted for by the ead mea-
sured, process 7, and the experimental curve can be syn
thesized without any contribution from COz' radicals.

The ogo7 ~ 18, but 08/02 ~ 36 indicating a much
nore efficient rupture of Ph-CH2COO* compared to Ph-
CH2COOH. The dependence of the photochemistry of
phenylacetic acid upon the state of protonation of the car-
boxyl group wes determined by nonitoring the absorption
of PhCHz- at 318 nm as a function of pH. The insert in
Fgure 2 shows the results obtained: a typical “titration”
cune with a midpoint value of 4.4 +0.1. This value is in
excellent agreement with the pkKa = 4.31 of the ground
state nolecule.

Excited State Precursors. As merntioned in the Intro-
duction, the nature of the excited states involved in the
photodissociation and photoionization of phenylalkylcar-
boxylic acids in solution has not been established. To test
whether triplet excited states are involved in the photo
dissociation process leading to the formation of benzyl
radicals, two typical quenchers were added in low concen
tration. The addition of 5 x 10 2 M nickel perchlorate
(does not absorb >230 nm) to 2 mM PhCHCo o ', pH
6.3, using a 240-nm cut-off filter, produced a relatively
very weak and completely different transient absorption,
see Hgure 2, with Xmax ~315 nm. A similar spectrum wes
also obtained on flash photolysis in presence of N20O 1
atm) and 1.0 M f-BuOH. This spectrum is similar to that
of Ni+ producedzz from the reduction of Ni2+ by ead. In
the present experiments it could be produced by erergy
transfer to Ni2+ followed by reduction of *Ni2+ by H20.

Ethyl pyruvate has also been used as a quencher; its
triplet energy level ¢ « is ~2.4 eV (65 kcal/mol).23 The
quenching of the benzyl radical was nonitored at 318 nm,
and Stern-Volmer plots are given in Hgure 3 for results
obtained on flash photolysis of phenylacetate at pH 6.8

The Jourmal of Physical Chemistry, \dl. 17, No. 19 1973
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Figure 4. Dependence upon the light intensity (/ and 12) of the concentration of the transient species produced in the flash photolysis
of 2 m/W phenylacetic acid at different pH values and different wavelengths. A 240-nm cut-off filter was used.

TABLE |: Decay Kinetics of the Intermediates Produced on Flash
Photolysis of Aromatic Carboxylic Acids in Oxygen-Free
Aqueous Solutions

Second-order decay,6

System0 PH 2k/e, Cm sec-1
Phenylacetic acid 2.2 5.2 + 0.3 X 105
Phenylacetate ion 6.7 3.1 + 0.2 X 105
Phenylpropionate ion 6.6 4.7 £ 0.2 X 105
Methyl phenylacetate 6.5 3.0 £ 0.3 X 105
Ethyl phenylacetate 6.7 7.7 £ 0.6 X 105

a2 m/M solutions of aromatic carboxylic acids and esters were used,
and a 240-nm cut-off filter. b Decay monitored at 318 nm.
and phenylacetic acid at pH 1.5. Using appropriate cut-off
filters, <5% of the exciting light is albsorbed by ethyl py-
ruvate. These plots depart from linearity due to the for-
mation of increasing anounts of a transient species
(Which absorbs at 318 nm) with increase in the quencher
concentration. Energy transfer from PhCH2COO and
PhCH2COOH to ethyl pyruvate produces a triplet excited
state, which then gives rise to a transient species identical
with that observecks by direct optical excitation of ettwyl
pyruvate in agueous solution. From the tangents to these
Stern-Volmer plots, a quenching constart of 1.25 X 103
and 9.0 X 138 can be derived at pH 6.8 and 1.5, respec
tively.

The lifetime of the singlet state of phenylacetic acid hes
not been determined, but is presumably similar to that of
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phenylpropionic acid, rs ~8 nsec.2s Phenylacetic acid has
a Mp ~ 0.044 identical with that from phenylpropionic
acid.2s Assuming a rate as high as 5 x 1010 sec-1 for
the quenching of the singlet excited states of pherylacetic
acid and acetate by ethyl pyruvate, the results obtained
(Hgure 3) at >2 x 10"4 M concertration of the quencher
must be due to the quenching of a much longer-lived ex-
cited state, probably the triplet state.

The dependence of the concentration of the transient
species produced upon the intensity of the exciting light (1)
wes examined. FHgure 4 shows the results obtained. On
monitoring processes 1 and 7 at 318 nm and process 8 at
330 nm a linear dependence of [PhCH2] and
[*CHCOO~] upon the square of the light intensity, P,
wes observed in all cases. The experimental results seem
quite clear and indicate that (a) the photodissociation of
PhCH2COOH to give PhCH2- and -COOH; (b) the pho-
todissociation of PhCHCOO~ to giwvwe Ph and
«CH2COOand (c) the photoionization of PhCH2COO~
to give PhCH2-, eag~ and C02, all are biphotonic pro-
cesses. The lifetime of the triplet excited state precursors
must be less than ~10 “sec (the lifetime of the exciting
light flash), in order for them to absorb a second quanta
of light.

Phenylpropionic Acid. The optical excitation of /3-phenyl-
propionic acid in water at pH 2.0 was done without using
a cut-off filter (i.e., down to ~200 nm), thus exposing
both benzene transitions to light absorption. The tran-
sient absorption produced is shown in Fgure 5. The main
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Figure 5. Transient spectrum produced in the flash photolysis of
2 m/W (3-phenylpropionic acid at pH 2.0, N2 (O). Spectrum of
the PhCH2- (- ) and the CH2COOH radicals
used to synthesize the experimental curve. No cut-off filter was
used.

species formed appears to be the PhCHe - radical, with an

equinolar concentration of the -CH2COOH radical. The
follomMng primary processes are considered

PhCH2- + CHZOOH (10)

PhCH.CH.COOH PhCH.CH2 + -COOH (1D

T Ph- + -CH.CH2COOH (12)
PhCH.CH2 +

CO, + H(or ear- + H+) (13)
The experimental results demonstrate the occurrence of
process 10 and the absence of process 11 The
PhCH2CH2- radical starts absorbingd below ~340 nm,
and the results do not allow for any absorption due to the
PhCH2CH2- or the -COOH radicals. Process 12 is consid-
ered to be occurring even though no evidence for it can be
provided. This is because both the Ph and the
*CHCH2CO radicals}4 absorb below ~280 nm. For the
same reasons and argunments mentioned above in the case
of phenylacetic acid, process 13 does not apjpear to occur.
The photolysis of /3-phenylpropionate ion differs in some
respects from that of phenylacetate ion there does not
appear to be a marked dependence of the quantum yield
of deconmposition upon the ionization of the carboxyl
group of phenylpropionic acid. The transient spectrum
observed is shown in Figure 6. A strong absorption with
Xrax ~720 nm due to eaq wes also observed. No absorp-
tion other than that of eeq- wes previously5 reported. The
following photolytic processes can be considered

—  PhCH,- + -CHXOCr (14)
PneH.CHcoo " PRCTLCH- + -coz (15)
MEYE- _p Phe + -CHCHXCOCT (16)

- PhCH:.CH2 + ear + CO: (17)
The experimental spectrum given in Hgure 6 has been
synthesized to account for (a) equinolar concentrations of
PhCH2- and -CF™COQ" radicals (process 14, based on
the knownl314 extinction coefficients of these radicals,
ad (b) equinolar concentrations of eaq and
PhCH2CH2- radicals (process 17), again based on the
known21-20 extinction coefficients and absorption spectra
of these radicals. These calculations indicate that <n/'<tn
= 2.3, i.e., that photoionization of the ¢j-phenylpropionate

27

Figure 6. Transient spectrum produced in the flash photolysis of
2 mwm /3-phenylpropionic acid at pH 6.6, N2 (O) and N20 plus
1.0M f-BuOH (O). Spectrum of the PhCH2- (- ),
CH2CO0O0~ (- ), and PhCH2CH2- (--) radicals wused to
synthesize the experimental curve. No cut-off filter was used.

ion is nore effective than the rupture of the PhCH2-
CH2COO~ bond (see nore below).

It can be seen in Fgure 6 that a weak absorption in the
330-450-nm region has not been accounted for. In this
wavelength region part of the transient produced wes
found to decay much faster with a half-life <40 fisec. A
similar fast-decaying transient wes also observedld on
flash photolysis of phenylalanine at pH ~6.0. This short-
lived absorption is tentatively assigned to the triplet-trip-
let absorption of the /3-phenylpropionate ion.

No evidence appears for the formation of -C02~ (pro-
cess 15). A similar conclusion wes reached in the photoly-
sis of the phenylacetate ion. These results cannot exclude
the occurrence of process 16; indeed, the feeling is that it
probably occurs. It is interesting to note that within 10%,
<f>10 ~ 014-

Methyl Phenylacetate. The flash photolysis of oxygen-free
2 mM agueous solution of methyl phenylacetate wes car-
ried out at pH 6.0 using a 218-nm (10-2 M KBr) cut-off
filter. The transient spectrum observed is shown in FHgure
7. Three primary processes can be cornsidered

PhCH2 + COOCHs (18)
PhCH,COOCH:1 Ph- + -CHXOOCB, (19
e + A (20)

The benzyl radical is clearly produced in this system but
no absorption due to the partner -COOCHS3 could be ob-
served. The -COOCHS3 radical wes also not observed?d in
the flash photolysis of aliphatic methyl esters. This wes
explained on the basis of the relatively short lifetime (r <S
10 ¢¢se0) of this radical. It undergoes rapid unimolecular
decomposition to give CO2 and -CH3

«COOCH, —* CO, + -CHb @1

The methyl radicals presumably absorb below ~220 nm,
are relatively poor reactants, and under flash photolysis
conditions probably recombine to produce ethane, C2Hs-
Evidence for process 19 is available, as shoan by the
absorption spectrum of the -CH2COOCHSs radicals, Fig-
ure 7. This radical has been reported previously,® has a
Xrax 320 nm, and an €320 800 M1 ecm“1l A quaritum
yield ratio of 0i9/0is ~ 15 wes derived based on
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Figure 7. (A) Transient spectrum produced in the flash photoly-
sis of 2 mm methyl phenylacetate at pH 6.0, N2 (O) and in N20
plus 1.0 m f-BuOH (m) using a 218-nm cut-off filter. Spectrum

of the PhCH2- (- ) and the CH2COOCH3 (- +) radicals
used to synthesize the experimental curve.
[*CH2COOCH3] = 0.81 /;M and [PhCH2] = 055 fiM

These results indicate that the rupture Ph- CH2COOCH3
is considerably nore efficient than Ph-CH2C00H (pro-
ocesses 19 and 2, ie., (o19/018)ester 3> (01/02)acid- No pH
dependence wes observed in the flash photolysis of
PhCH2COOCHS3.

No photoionization of this ester appears to occur (pro-
cess 20) since the transient absorption produced (Fgure
7) wes the same in presence or absence of N20, an effi-
cient scavenger for eaq” . These experiments were carried
out in presence of 1.0 M tert-butyl alcohol in order to sca-
venge the OH radicals produced according to

e + ND —* N + OH + OH*

The electron adduct to methyl phenylacetate is expect-
ecbo to absorb in the 300-330-nm region.

The absorbance at 318 nm wes nonitored as a function
of the incidert light intensity (/) from the flash lamps. A
linear dependence upon the square of the light intensity,
P, wes found (see Fgure 7). The transients produced from
both processes 18 and 19 absorb at this wavelength. These
results denonstrate that (a) the photolysis occurs via a
biphotonic process, and (b) longlived excited states are
the precursors of these processes.

Ethyl Phenylacetate. The photochemistry of ethyl
phenylacetate is qualitatively similar to that of methyl
phenylacetate

PhCH2 + COOC:Hs (22)
PhCH.COOC:Hs Ph- + -CH.COOC:Hs (23)
eq H B (24)

Processes 22 and 23 occur (see Fgure 8), but no evidence
for process 24 is available. The -COOCMHs radical also
decays very fast to produce C02 and -C"Hs radicals. The
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Figure 8. Transient spectrum produced in the flash photolysis of
2 mm ethyl phenylacetate at pH 6.7, N2 (O), using a 240-nm
cut-off filter. Spectrym of the PhCH2- (- ) and the
mCH2COOC2HS5 (. ) radicals used to synthesize the experi-
mental curve. Dependence of OD318 upon the intensity (/) of
the exciting light (curve b).

«CH2COOC2HS radical is expected to have the same
spectrum and extinction coefficient as the -CH2COOCH:3
radical.® The ratio 023/022 ~ 3.0, i.e., process 23 is the
predominant reaction. The corresponding ratios for meth-
yl phenylacetate and phenylacetic acid are 1.5 and 0.7,
respectively. Thus a marked dependence upon the nature
of the substituent R in PhCH2COOR (Where R = C:Hs,
CHs, and H) can be noted for the photolytic rupture of
the Ph-CH2COOX bond.

The dependence of the formation of processes 22 and 23
upon the light intensity was monitored at 318 nm. A lin-
ear dependence upon P wes found, see Fgure 8, indicat-
ing that these processes are biphotonic and have a long-
lived excited state, probably the triplet, as the precursor.

Conclusions

Similar primary photolytic processes were observed in
agueous solutions from nonionized phenylalkylcarboxylic
acids and the corresponding esters

it — « PN + (O, COCR ()

= P + (GD,00R (26)
where R = H or alkyl group, and n = 1 and 2 No evi-
dence wes abtained for either photoionization or rupture
of the Ph(CH2)NCOO-R bond. The nature of R, howewer,
wes found to have a considerable influence upon the rela-
tive importance of processes 25 and 26. For PhCH2COOR
the ratio 026/025 wes found to be 0.7, 1.5, and 3.0, respec-
tively, when R= H, CH3, and C2H5.

The fluorescence quantum yield Of at 300°K for
PhCH2COOH, PhCH2C002H5, and PhCH2CH2COOH is
~0.044-5 and tf ~ 8 nsec2s At 77°K in EPA or alcohol
glasses these acids have a phosphorescence lifetime of
~5-7 sex-4 and a (0,0) band at 341 nm.2 From absorp-
tion spectra and luminescence studies it was concludeck-4
that the -COOR group erters into an intramolecular

Ph(CH2,COOR
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charge-transfer interaction with the pheryl group, eg.,
fluorescence quenching was founds to be very pronounced
in fluid media in contrast to rigid glasses where intramo-
lecular relaxation processes are inhibited. In the flash
photolysis experiments described above, the photodisso-
ciation processes 25 and 26 were found to occur via a long-
lived excited state, probably the triplet state, in water at
20°. Furthermore, these processes were biphotonic. Since
the duration of the flash was ~10 ¢sec, one must corr
clude that the triplet must be produced in times <10
075

The photolysis of ionized phenylalkylcarboxylic acids
does not lead to the corresponding process 25. Instead, the
mejor reaction leads to photoionization (process 27). Pro-
cess 27 wes shown to be biphotonic and hence to involve a
long-lived triplet excited state. Indeed both the photoioni-
zation and photodissociation reactions of Ph(CH2),,COO-
are biphotonic and occur from long-lived excited states.

—» Ph(CH2,; + eaq + CO, 27
Ph(CH2,,CO(T —* PhCH2 + (CH2,,_CO(T (28)
—» Ph + <(CH2,.COO_ (29)

The quartum yield of process 27, as determined from
the amount of eag- produced at “zero time” after the
flash27 wes 1:1.18:1.45 when n = 1, 2 and 3, respectively.
The above-mentioned results demonstrate (a) that the
photoejected electron comes from the -COO- group, (b)
that since the exciting energy is absorbed initially by the
aromatic ring, intramolecular interactions of the triplet
excited state must occur, and (¢) that such an interaction
is enhanced if spatial configuration is favorable by in
creased electronic overlap and intersystem crossing.

Intranolecular charge-transfer interactions have been
suggestecb-4 to explain absorption and fluorescence re-
sults. Intramolecular excitation transfer between noncon:
jugated chromophores is knownzs This possibility canr
not be excluded, since the energy level of the biphotoni-
cally excited triplet Ph(QH),,COO- could be well above
the triplet energy level of the -COO- group.

The pKa values of triplet excited states of aromatic
compounds are known to be close to the dissociation con-
stants of the ground-state molecules2s The changes with
pH in the photolytic processes obsernved are corsidered to
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result, honever, from the change in the concentration of
the nonionized or ionized foms of the phenylalkylcarbox-
ylic acidks.
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The ionization constants, absorption maxima, and extinction coefficients of the semiquinone radicals and
radical anions of 12 quinones were determined. These were obtained in agueous solutions in the presence
of 1-3 M fert-butyl alcohol or isopropyl alcohol by electron eag~ attachment, using the technique of
pulse radiolysis. Various benzoquinones, naphthaquinones, anthraquinones, diphenoguinone, epineph-
rine, and adrenalone were studied. The ionization constants range from 3.2 to 5.4. These values are cor-
related with the redox potentials of the corresponding quinones. The decay kinetics of some semiquinone

radicals and radical anions were determined.

A large number of quinones are knowre to occur in na-
ture and to play an important part in oxidation-reduction
reactions. The role of semiquinone radicals as active
agents in biochemical electron transfer reactions has been
indicated 2'3 Recently, the kinetics in aqueous solutions of
electron transfer processes from free radicals (leading to
the oxidation or reduction of these free radicals) to various
quinones has been studied s-10 It became apparent that
basic information on the ionization constants, absorption
spectra, and extinction coefficients of most semiquinone
radicals in water wes lacking, in spite of a recent investi-
gatiom1 on this subject. Reported below is a pulse radiol-
ysis study aimed at obtaining this information. Twelve
quinones were examined, including benzoquinones, naph-
thaquinones, anthraquinones, adrenalone, and dipheno-
quinine. These were selected on the basis of their redox
potentials, ranging from E° 1 values of -0.266 to +0.534 V,
and their relative solubilities in aqueous alcohol (1-3 M)
solutions.

Experimental Section

The pulse radiolysis set-up used has been described
elsewhere12 Single pulses of 2.3-MeV electrons of ~30
nsec duration were used. Due to the intense photochemi-
cal decomposition of quinones in solution, particular care
wes taken to carry out the experinents with minimum ex-
posure to light. Appropriate glass filters were used to re-
duce the effect of the nonitoring light from a 450-W
xenon lamp, in addition to placing a synchronized shutter
which opened for ~7-8 nsec.

The quinones used were supplied by Eastman and by
Aldrich, and most of them were recrystallized and/or sub-
limed. The quinones were initially dissolved in 1.0-3.0 M
tert-butyl alcohol or isopropyl alcohol, as indicated, and
then appropriate amounts of triply distilled water were
added. Solutions were buffered using perchloric acid, po-
tassium hydroxide, and ~1.0 mM phosphate or borate
buffers.

Dosimetry wes carried outi2 using KCNS solutions. The
extinction coefficients were derivedi2 based on G(ear) =
G(OH) = 28 Bxperimental conditions of concentration
and dose were chaosen for 100% formation of the semiqui-
nore radicals. The extinction coefficients derived by elec-
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tron transfer from (CH3)2COH radicals are low by ~ 10-
15%, due to the formation of fi radicals on reaction of OH
radicals with isopropyl alcohol.

Results and Discussion

The semiquinone radicals were formed by the reaction
of hydrated electrons, eag~ with quinones (Q)

+Q—1Q O
—* Q--H+ + OH-~ %)
—* .Q“-H+ + H,0 ©)

Depending on the acid dissociation constant, the semiqui-
nore radical anion can be protonated to give the corre-
sponding radical, reactions 2 and 3. The OH radicals pro-
duced from the radiolysis of water were scavenged by tert-
butyl alcohol aor isopropyl alcohol

OH + (CH33COH —* -G(CH)Z0H + HD  (4)
OH + (CH3ZCHOH —> (CH3ZCOH + H,0 ®

The radical produced in reaction 4 is relatively inert and
wes found not to react with the quinones examined. The
acetone ketyl radical, honever, reacts with the quinones
producing -Q--H+ radicals according to reaction e

(CHRCOH + Q —» -Q—-H+ + CHCOCH,  (s)

mQ--H+ Q- + H+ @
with values of /e6 ranging from ~1.0 to 6.0 x 100 M~ 1
sec1 (see ref 8). Under the experimental conditions used
all the (CHaHCOH radicals produced semiquinone radi-
cals quantitatively according to reactions.

Typically, these experiments were carried out in 1-3 M
t-BuOH or (CHsHCHOH, 50-100 pM quinone, and argon
(1 atm). Relatively low doses of 1-2 krads/pulse were used
throughout.

Transient absorption bands were observed with maxima
in the 400-450-nm region for -Q radicals, see Table |,
except for 1,2-naphthaquinone, epinephrine, and adrenal-
ore. Similarly, -Q--H+ radicals showed maxima in the
370-425-nm region. In most cases, the semiquinone radi-
cals and radical anions have other absorption bands in the
uwv or far-uv region (see e.g., refs and 13), but these have
not been examined in detail.
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TABLE [: lonization Constants, Absorption Maxima, and Extinction Coefficients of Semiquinone Radicals

mQ and Radical Anions «Q-H + in Aqueous Solution®

No. Quinone E°\ V PW
1 Anthraquinone* -0.266 5.3
2 Anthraquinone-1 -sulfonate® -0.218 5.4
3  2-Hydroxy-1,4-naphthaqulnonerf -0.139 4.7
4 Menaquinone +0.C02 4.5
5 1,4-Naphthaquinone +0.C50 4.1
6 Duroquinone +0.C68 5.1
7 1,2-Naphthaquinoned +0.143 4.8
8 2,5-Dimethyl-p-benzoquinone +0.176 4.6
9 p-Benzoquinone +0.293 4.0"
10 Epinephrine” +0.380 3.7
11 Adrenaloned +0.480 3.6
12 Diphenoguinoned +0.534 3.2
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Amaxi riri"l emM 1lcm 1 Amaxi nm &M lcm-1
395,480 7.8 X 103,7.3 X 103 375 1.1 X 104
400, 500 8.0 X 103,8.0 X 103 385 1.2X104
390 6.3 X 103 370 5.9 X 103
395 1.2 X 104 370 9.7 X 103
390 1.3X104 370 7.3 X 103
445 7.1 X 103 425 4.0 X 103
265 4.0 X 104 <260 1.6 X 104
440 6.8 X 103 415 3.6 X 103
425 7.2 X 103 415 4.5 X 103
265 3.3 X 103 <260 1.3 X 103
290 1.7 X 104 ~280 1.0 x 104
400 2.6 X 103 370 4.7 X 103

a Obtained in 1-2 m aqueous i-BuOH solutions, evalues good to #10%, only main absorption bands usually given. b pKa values better than +0.2 units
¢ In 3.0 m isopropyl alcohol, r values are +20%. d Data corrected for depletion of the absorption due to the qulnone at the appropriate wavelengths

e From ref 14. 1 From ref 11.

TABLE II: Decay Kinetics of Semiquinone Radicals in Aqueous Solution*

Quinone -Q--
Anthraquinone-1 -sulfonate” 1.6 X 109
Menaquinone 1.3 X 109 (
1,4-Naphthaquinone 1.3 X 109 (
Duroquinone 7.2 X 108 (
p-Benzoquinone 1.2 X 109 (

pH 3.0, 370 nm
pH 3.0, 370 nm
pH 3.0, 420 nm
pH 2.6, 410 nm

Decay rate, 2x. m - sec “16

1.6 X 10s (pH 9.2, 395 nm)
1.0 X 10® (pH 9.2, 390 nm)
2.9 X 107 (pH 9.0, 440 nm)

( )

)
)
)
) 5.5 X 107 (pH 9-2, 430 nm

“ Determined in 1-3 m isopropyl alcohol. “Values In parentheses are the experimental conditions used In determining 2A; values good tc +15%

c From ref 14.

Table | shows the absorption maxima and extinction
coefficients of the semiquinone radicals studied. In all
cases, the absorption of -Q- radicals is redshifted com
pared to that of -Q-H+ radicals. This is consistent with
the gereral observation that the basic foms of free radi-
cals absorb at lower energies compared to the acidic
forms.

The semiquinone radicals and radical anions were found
to decay by good second-order kinetics in agueous 1-3 M
isopropyl alcohol solutions. In 1-3 M t-BuOH solutions,
the radicals appear to decay faster and the second-order
kinetics wes not good. Table Il shows some of those rates.
The semiquinone radical anions decay nore sloMy, with
2k ~ 15 X 18 M-1 sec1 and the semiquinone radicals
with2k ~ 15 X 100 M-1 sec-1.

The ionization constants of the semiquinone radicals
were determined by nonitoring the change in absorbance
at a fixed wavelength (usually at the absorption maxima
of the -Q- radicals) as a function of pH. Typical titration
cunves were obtained and from the midpoint values the
pKa were derived. These are listed in Table I. The pKa
values of the semiquinone radicals of anthraquinone-I-sul-
fonate14 and benzoquinonel1 were obtained from the liter-
ature. The ionization constant values ranged from 32 to
54. It appeared that a correlation existed between the
pKavalues and the redox potential E° 1 (at pH 7.0) values
of the quinones (taken from ref 15). FHgure 1 shows a plot
of pKa vs. EO1, with a least-squares line drawn across the
values.

Various correlations have been shown between the redox
potential of quinones and their half-wave reduction poten

gor
Figure 1. Plot of the ionization constants, pKa, of semiquinone
radicals in aqueous solution vs. the redox potential £° 1 of the
corresponding quinones at pH 7.0 and ~22°. The numbers refer
to the different quinones used and are given in Table I. The - 1
values were taken from ref 15.

tial,16 electron affinity,17 energy of the highest occupied
orbital (calculatechs by L CAO-MO method), and heat of
atomization between the quinone and the hydroguinone
form (calculatechs using the semiempirical SCF-MO pro-

Tre Journdl of Physical Cherristry. \Vol. 77, No. A 1973



2276

cedure). The correlation presented in Fgure 1 shows that
the acidities of the semiquinone radicals increase with in-
crease in the reduction potential of the quinones. It is in
teresting to note that similar correlation was recently
founcko between the basicities of a series of substituted
anilines and the electrolytic oxidation potentials.
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The spectroscopic properties of representative aromatic hydroxycarbonium ions have been investigated
and compared with those of the parent unprotonated carbonyl compounds. The energy levels, oscillator
strengths, polarizations, and charge densities of the planar carbonium ions were calculated by a MO-
SCF-CI procedure. Comparison of theoretical values with experimental quantities yielded satisfactory
structural models for the cations. The aromatic ketones studied are readily soluble in sulfuric acid, are
conpletely monoprotonated, and form wery stable solutions. In contrast to the parent ketones, nmost
hydroxycarbonium iors exhibited strong ir* —»a fluorescence (or > 0.5) and less intense e~ —:r phos-

phorescence.

Whereas the excited-state properties of carboryl com
pounds have been extensively investigated both spectros-
copically and photochemically,2 those of their protonated
derivatives, the hydroxycarbonium ions, have received
much less attention mainly because the strongly acidic
inorganic media required for the preparation of carbonium
ions are less commonly employed by most spectroscopists
and photochemists than the usual organic or aqueous sol-
vents. Since many hydroxycartonium ions are remarkably
stable and since others are active photochemically,3 they
represent an important class of compounds of potentially
high interest both in photochemistry and molecular elec-
tronic spectroscopy.

In this paper we report on the uv-visible absorption and
emission spectra of selected aromatic carboryl conmpounds
dissolved in sulfuric acid or, at low temperatures, in sul-
furic-acetic acid mixtures. The follonming representative
ketones and lactones are grouped together in the present
work coumarin (C), xanthone (X), flavone (FLA), fluo-
renone (FLU), perinaphthenone (PN), di-p-methoxyben-
zophenone (DMB), and 2-acetonaphthone (2AN). These
aromatic compounds were selected because they present
conmon features that may allow valuable generalizations,
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because they yield stable and planar protonated deriva-
tives which lend thenselves both to accurate quantitative
spectral measurements and to useful theoretical analysis,
and because their spectroscopy and photochemistry in
nonacidic solvents has received previous attention.s

Results and Discussion

The ketones studied were readily soluble in sulfuric
acid; 1A M standard solutions remained stable over ex-
tended periods (Wweeks). No significant spectral differences
could be detected in samples in which atrmospheric oxygen
wes partially or rigorously excluded. Since concentrated
sulfuric acid is known to have oxidative properties and is
a medium of choice in the preparation of a variety of aro-
matic free radicals, all our ketone solutions were exam-
ined in an esr spectrometer.s Absence of esr signal indi-
cated that no paramagnetic species was present. Except
for protonated coumarin, the other solutions did not ex-
hibit significant photochemical changes when irradiated
for several hours with a 500-W high-pressure Hg arc.

Absorption Spectra. The uw-visible absorption spectra
of the seven hydroxycarbonium ions in sulfuric acid are
compared to those of the respective parent ketones in 3-
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methylpertane (3MP) in Fgure 1 In sulfuric acid solu-
tions diluted with 1:1 ethanol-water to 0.1 N H2SO0s, the
electronic absorption spectra of the ketones were consis-
tent with the coexistence of both ketone nolecules and
respective hydroxycarbonium ions. This undoubtedly cor-
responds to a state of partial protonation of the carboryl
groups with the two absorbing species in dynamic equilib-
rium

In sulfuric acid solution, most of the compounds exhib-
ited a shift of the lowest-energy band tonard longer wave-
lengths. For coumarin and flavone this red shift was not
sufficient to cause visible absorption and consequently
their H2SO4 solutions remained colorless. The others,
however, became vividly colored from different shades of
yellow and green for DMB, PN, X, and 2AN to purple for
FLU.

The differences between the absorption spectra of the
ketones in 3MP and those in H2SO4 are sufficiently pro-
nounced to suggest that in pure acid the ketones exist
only as the respective hydroxycarbonium ions, or, that
there are no significant amounts of unprotonated carbonyl
rmolecules in solution.

Theoretical Analysis of Absorption Spectra. On inspec-
tion, there seens to be no obvious correlation between the
near-ultraviolet absorption bands of the ketones and those
of their protonated derivatives. One should mention, how
ever, that except for the usual N —»it* and w— ie* classi-
fication based on relative energies and extinction coeffi-
cients there has been no reported attempt to assign indi-
vidual bands in the absorption spectra of the above ke-
tones to specific electronic transitions. Therefore, we will
not try in this paper to establish theoretical ketone-pro-
tonated ketone correlations; instead, we analyze the ab-
sorption spectra of the hydroxycarbonium ions indepen
dently. The results of this analysis will provide not only
sore reasonable agreement between calculated and exper-
imental spectra but also additional significant information
such as extent of « delocalization, whether mono- or di-
protonation takes place (wWhere hypothetically possible),
and charge densities in ground and exdited states (related
to chemical and photochemical reactivities).

Method of Calculation. Energy levels, oscillator
strengths, polarizations, and charge densities were derived
via a m-electron calculation employing a semienpirical
MO-SCF-CI procedure which included only singly excited
configurations. The structures of all cations were consid-
ered planar with C-C and C-0 distances of 1.40 A, C=0
125 A, and C-OH 136 A. Within hexagonal cycles or in
sp2-hybridized atoms, the bond angles were taken to be
120°; for ether oxygen the bond angle wes 114°. Slight
variations in bond distances and angles did not alter sig-
nificantly the calculated data. The following optimized

rs were used: valence-state ionization potentials
for C+ 826 eV, for 0+ 17.70 eV, and for 02+ 2850 eV,
one-center repulsion integral for C 11.13 eV, for 0+ 1523
eV, and for 02+ 21.53 eV; both bond resonance integrals
/S and (ico were —2.37 e€V. The two-center repulsion in-
tegrals were evaluated by the Mataga-Nishimoto approxi-
mation.s Self-consistency wes reached after six or seven
iterations. This method of calculation is known to give
good results for evaluating spectral properties of heteroar-
omatic and nonalternant systems.7 A modification to
Bloor and Gilson'’s closed-shell SCF-CI programs wes used
onan IBM 360/50 conmputer.

Calculated values for singlet and triplet erergy lewvels,
oscillator strengths for transitions to and from the ground
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Figure 1. Absorption spectra of the selected aromatic ketones in
3MP and in sulfuric acid.

state, and polarizations are compared with experimental
quantities in Table I. The values listed are those obtained
for the configurations 1-7 shown in FHgure 2.

The valence-bond structures have been purposely writ-
ten as oxonium ions for 1, 2, and 3, and carbonium ios
for the remaining four. In fact the results of our calcula-
tions indicate that there is little 7r delocalization over the
hydroxyl oxygen in the first three ions in contrast with the
latter four. When the core of the exocyclic oxygen atom of
1-3 ions wes included in the r-electron calculation the de-
rived spectral values became unacceptable on comparison
with experiment. For instance, if the OH oxygen in
coumarinium ion is included in the delocalization with a
total of 12 7 electrons, then the energies of the first excit-
ed singlet state come out to be about 2 eV lower than the
obsernved value. In addition, the calculated lowest triplet
comes also unacceptably low compared to experimental
values. On the other hand, the hydroxyl oxygens of cations
4-7 must be included in the MO calculation to obtain rea
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TABLE I: Comparison of Experinental and Calculated Spectral Parameters of Hydroxycartonium lons

g\/ECEnm) Scaled Polarization0 AEobsd, eV (nm) Aobsd Main configuration
Coumarin (1)
3.81 (325)» 0.59 11° 3.88 (319) 0.30 0.97 (5 — 6)
4.16 (297)6 0.08 108° 4.13 (300) 0.05 0.92 (4—6) +0.32 (5— 7)
5.80 (213)" 0.52 72° 5.14 (241) 0.20 0.94 (5— 7)
6.49 (191)» 0.60 21° 0.99 (4 —7)
2.38 (519)C 11° 0.97 (5 — 6)
3.48 (355)c 21° 0.94 (4— 7)
3.67 (338)c 108° 0.94 (4 —6)
4.65 (267)c 720 0.97 (5— 7)
Xanthone (2)
3.30 (375)» 0.29 90° 3.17 (390) 0.07 0.99 (7 —8)
3.54 (350)» 0.65 0° 3.72 (333) 0.25 0.97 (6 — 8)
5.45 (227)» 1.07 180° 4.93 (251) 0.44 0.97 (7— 9)
6.17 (200)» 1.52 90° 5.71 (217) 0.99 (6 —9)
2.01 (620)» 8o° 2.36 (525) 0.99 (7 —8)
2.61 (474)» 0° 0.99 (6 —8)
4.64 (267)» 180° 0.99 (7—9)
4.81 (257)» 90° 0.99 (6 —9)
Flavone (3)
3.59 (345)» 0.92 8° 3.47 (357) 0.52 0.97 (8 —9)
3.92 (316)» 0.21 54° 3.90 (318) 0.10 0.98 (7— 9)
5.23 (237)» 1.2 68° 4.86 (255) 0.59 0.98 (8 — 10)
5.69 (217)» 0.85 168° 0.97 (7— 10)
2.61 (475)» 6° 2.70 (447) 0.72 (7— 9) - 0.33 (7 — 10)
2.74 (451)» 54° 0.79 (8 — 9) + 0.59 (7 — 10)
4.06 (305)» @O 0.91 (8— 10) + 0.40 (7 — 10
5.08 (244)» 168° 0.85 (7— 10) - 0.39 (8 — 10
Perinaphthenone (5)
3.30 (376)» 0.75 64° 2.74 (452) 0.30 0.99 (77— 8)
3.87 (320)» 0.27 164° 3.44 (360) 0.19 0.92 (6 — 8)
5.21 (238)» 1.2 176° 4.93 (251) 0.91 (7— 9)
6.10 (203)» 0.59 121° 5.73 (216) 0.99 (6 — 9)
1.70 (731)» 61° 0.99 (7 — 8)
2.70 (459)» 162° 0.99 (6 — 8)
4.38 (283)» 164° 0.89 (7— 9)
4.84 (256)» 95° 0.90 (6 — 9)
9-Fluorenone (4)
3.01 (411)» 0.31 15° 3.06 (406) 0.16 0.99 (6 — 7)
4.48 (276)» 0.00 45° 4.21 (344) 0.12 0.70 (6 — 8) - 0.70 (5 — 7)
5.31 (233)» 1.19 45° 4.65 (267) 0.77 0.70 (5— 7) + 0.70 (6 — 8)
6.63 (187)» 0.28 127° 0.99 (5 —8)
1.24 (1000)» 15° 0.96 (6 — 7)
3.28 (378)» 63 0.68 (5—7) + 0.68 (6 — 8)
4,4' .Dimethoxybenzophenone (6)
3.88 (318)» 0.94 180° 3.60 (344) 0.29 0.99 (7 —38)
4.11 (301)» 0.13 90° 4.24 (292) 0.09 0.98 (6 — 8)
6.31 (196)» 0.34 90° 0.98 (7— 9)
6.38 (194)» 0.43 180° 0.99 (6 — 9)
2.97 (418)» 180° 2.75 (451) 0.99 (7 —238)
3.36 (369)» 90° 0.99 (6 — 8)
5.24 (236)» 90° 0.99 (7—9)
5.39 (230)» 180° 0.99 (6 —9)
2-Acetonaphthone (7)
3.43 (361)» 0.17 153° 2.96 (420) 0.08 0.95 (6 — 7)
4.25 (291)» 0.20 e 3.66 (339) 0.30 081 (5—7) - 0.54 (6 —8)
5.05 (245)» 1.56 44° 4.57 (271) 0.47 0.83 (6 —8) + 0.55 (5 —17)
5.57 (222)» 0.69 0.97 (5 —28)
2.30 (537)» 152° 0.89 (6 —7) + 0.45 (6 — 8)
3.09 (401)» 44° 0.88 (6 — 8) 0.44 (6 —7)
3.53 (350)» 60° 0.98 (5— 7)
4.44 (279)» 33° 0.98 (5 — 8)

“The an9|e made with respect to the direction of x axis. » Singlet state (S0— S,). » Triplet state (S0— T,).
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sonable agreenment with experimental spectral quantities.
That protonation does not take place in the aromatic
rings of the ketones wes clearly shown by their nmr spec-
tra in D2SOt which showed no additional H splitting or H
exchange.

The agreement between theoretical and experimental
values in Table | is as good as any previously reported on
aromatic and heteroaromatic nolecules.

Charge Densities. The calculated charge densities for
the ground and first excited singlets and the lowest triplet
of the hydroxycarbonium ions are given in FHgure 3. These
values may prove valuable in estimating the reactivity of
the cationic species in both the ground and the Si and Ti
states. Several interesting generalizations can be obtained
from examination of the numerical values in Fgure 3. For
the hydroxycarbonium ions derived from DMB, 2AN, PN,
and FLU which have no ether or lactone oxygen and
which have substantial wdelocalization over the hydroxyl
oxygen, the electronic charge density increases slightly on
going from the ground state to either the lowest singlet or
lonest triplet excited states. On the other hand, the in-
crease in density on the carbon atom adjacent to the OH
increases substantially in the Ti and Si states with some-
what higher values for the Si level. This behavior is com-
mon to all compounds in this study and is analogous to
that of the unprotonated ketones in which the natural C
—»0 polarity in the ground state has been shown to re-
verse to a considerable extent in the Si and Ti states.2 On
those carbon atonms included in the aromatic ring system,
there are changes in the electron density on going from
ground to excited states; however, none of them comes
close to those observed for the carbon atom attached to
the hydroxyl group. For the ions containing an ether-
linked oxygen, a consistent increase in electron density on
that atom is observed in the Si and Ti states when com-
pared to the ground state.

Emission Spectra. The fluorescence, phosphorescence,
and excitation spectra of four representative hydroxycar-
bonium ions are shown in Hgure 4. Those of the remain-
ing three have been omitted for the following reasors:
FLU emits only a very weak, broad-band fluorescence in
the red spectral region (=610 nm), which seens to be
concentration dependente 2AN shows only intense fluo-
rescence in a broad band between 500 and 600 nm, but no
phosphorescence, and DMB emits fluorescence and phos-
phorescence similar to that of benzophenone. 10
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Figure 2. Hydroxycarbonium ions investigated.

The emission quantum yields and phasphorescence life-
times of the hydroxycartonium ions which exhibited both
fluorescence and phosphorescence are given in Table |l
The corresponding emission paraeters of the parent car-
boryl compounds determined under identical conditions
in nonacidic solvent (3MP) are also included in Table I
for comparison. While the ketones exhibit characteristic,
short-lived irs —»n phosphorescence and virtually no fluo-
rescence in 3MP, in acid, the respective cations, with the
exception of coumarin 11 emit significant fluorescence and
weaker phosphorescence of 2-3-sec lifetime characteristic
of ™ —» spinforbidden transitions. The change in emit-
ting state from n7r* to is readily understood since
protonation takes place at the nonbonding electrons of the

oxygen. The decrease in phosphorescence quan-
tum vyield associated with protonation reflects a corre-
sponding decrease in intersystem crossing efficiency. This,
again, can be explained satisfactorily by analyzing the re-
spective changes in energy levels both obsenved experi-
mentally and derived theoretically. As expected, the
S1-T1 gap is substantially larger in the cation (™
states) than in the ketone (n,7* states). This sizable dif-

TABLE IlI: Emission Spectral Parameters of the Ketones, Lactones, and Their Protonated Derivatives

Xnmax, nm
(H2S04/H 0 Ac (3/1))

Compound 77°K 298°K P <410P Tn sec rfi°, nsec

Coumarin 400 435 a ~0.20c

0.12* 0.84* 0.143 2.4 £ 0.10 5.0
Xanthone 425 458 0.689°

0.72* 0.12* 6.00 2.2 £ 0.10 34.0
Flavone 375 402 0.09° 0.697° 0.129

0.47* 0.36* 1.30 2.1 * 0.10 4.0
Perinaphthenone 490 503 0.58°

0.82* 33.7
4,4'-Dimethoxybenzophenone 435 445 0.70°

0.626* 0.235* 2.66 2.80 = 0.15 4.2
2-Acetonaphthone 490 537

0.690 38.0
“3MP. * H2S04/HOA c (3/1). ¢ J. B. Gallivan, mol. Photochem .. 2, 191 (1970).
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S,

Figure 3. Calculated charge densities for the ground and first excited singlets and the lowest triplet of the hydroxycarbonium ions.

ference should decrease the spin-orbit coupling matrix el-
ement accordingly.

In addition, the theoretically derived T2 state, which is
known to be instrumental in intersystem crossing when
properly located energetically with respect to Si, seenrs to
be distinctly higher than Si in the hydroxycarbonium ions
which emit poorly or not at all from Ti but lower in those
exhibiting phosphorescence. Nevertheless, even in the lat-
ter, the T2-mediated crossover does not seem to compen-
sate for the larger effect of the increase in the S1-T1 gap.
Consequently, the cations remain poorer phosphorescence
emitters than their respective unprotonated ketones.

The fact that there wes no detectable w* — n phaospho-
rescence in acidic glass and that Ti — So emission wes
distinctly singly exponential seerms to confirm the totally

The Jourmal of Physical Cheistry, et 77, No. 19 1973

protonated state of dissolved ketone suggested by the ab-
sorption spectra.

The fluorescence maxima at ambient temperature and
at 77°K and the calculated fluorescence lifetimes are also
included in Table 1. It is interesting that the hypsochrom:
ic shift in Xrax of fluorescence on going from room to lig-
uid nitrogen tenperature is quite sizable (20-25 nm).
This, however, is not unexpected since both the cationic
solute and the solvent are highly polar and this is reflect-
ed in ground-excited state differences in solvation and
equilibrium configurations.

Polarization. The calculated polarizations corresponding
to different singlet-singlet electronic transitions are given
in Table I. The main feature of these derived values is
that by comparison with experimental fluorescence-exci-
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Figure 4. Emission, excitation, and polarization spectra of coumarin, xanthone, flavone, and perinaphthenone in rigid glass at 77°K.

Solvents were 3MP for ketones and HSO4-
sion spectra of cation (-© -) and ketone (—

tation polarization .measurenents shown in FHgure 1, they
confirm the validity of cationic corfigurations 1-7. Possi-
ble structures other than those shown for 1-7 and diproto-
nated species considered in calculations failed grossly to
agree with the experimental values. On the other hand,
the calculations for species 1-7 gave a satisfactory overall
corsistency between calculated and experimentally mea-
sured quantities. For example, configuration 2 for protor-
ated xanthone predicts theoretically that the first elec-
tronic transition should be short-axis and the second and
third be long-axis polarized. In agreement with these pre-
dictions, the measured polarized fluorescence excitation
spectrum shown in Fgure 1 shows the first electronic
transitions to be positively polarized while the second and
third absorption bands are negatively polarized.

Fgure 1 also shows the phaosphorescence polarization
curnves of the hydroxycarbonium ions which emit phospho-
rescence. In general, these measurements indicate an out-
of-phase polarization for the o -- o bands of the Ti —»S0
emissions. As expected, this is characteristically associ-
ated with phosphorescence.

Conclusion

Aromatic ketones are readily soluble in acidic solvents
such as sulfuric acid, are completely protonated, and yield
very stable solutions of hydroxycarbonium ions. These
ions exhibit quantitatively measurable fluorescence and
phosphorescence. Being planar, they are very well suited
for both theoretical and experimental studies in nolecular
spectroscopy and photochemistry.

Experimental Section

The selected ketones and lactones were purified by re-
peated recrystallization from appropriate solvents fol-

for their cations: fluorescence excitation of cation (-] ), and ketone (e¢¢); emis-
); polarization spectra (-0-):

1, excitation; 2, fluorescence; and 3, phosphorescence.

loned by vacuum sublimation. FHuorometric sulfuric and
acetic acids were obtained from Matheson Coleman and
Bell and 3-methylpent.ane from Phillips Petroleum Co.

When ketone solutions in pure sulfuric acid were cooled
to 77°K, they formed a poor quality glass. In contrast, the
samples dissolved in a mixture of sulfuric acid and acetic
acid (3:1 by volume) yielded a clear rigid glass at 77°K.
Since no significant differences could be detected in either
the absorption or emission spectra on going from pure sul-
furic to sulfuric-acetic acid mixtures, all quarntum yields,
lifetimes, and polarization measurements of the hydroxy-
carbonium iors at 77°K were carried out in sulfuric-acetic
acid mixtures.

All sanples were deaerated by passing pure dry nitro-
gen gas for 20 min before measurements. The emission
spectra (both fluorescence and phosphorescence) were
measured with the Perkin-Elmer Model MPF-2A fluores-
cence spectrophotometer with a 150-W xenon light source
and the necessary phaosphorescence accessories. The excit-
ing and emission monochromators had 600 lines/mm grat-
ings blazed at 3000 A. An R106 photomultiplier wes used
for the blue region and an R136 for the red region. Two
film type polarizers were used for the polarization mea-
surements. Quartz tubes of 2 mm i.d.,, contained in a
quartz dewar flask, were used for the lowtemperature
emission spectra. A 3-mm slit width (22 nvi band pass) in
the excitation monochromator and a 2-mm slit width (15
mu band pass) in the emission monochromator were nor-
mally used. Higher slit widths had to be used for record
ing emission of low intensity in a few cases. The emission
wes obsenved at right angle to the exciting beam The re-
corded luminescence spectra were not corrected for instru-
ment response.

The polarization of emission and its excitation wes ob-
tained by photoselection. The degree of polarization (P)

The Journal of Physical Chemistry, VL. 77, No. 19 1973
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wes calculated from the formula, P = (/M- IxX)/(1 +
1+). All polarization graphs represert an average of at
least four different measurements. The results were repro-
ducible within + 6%.

Quantum yields of emission were measured relative to
9,10-diphenylanthracene  whose fluorescence  quantum
yield wes taken to be unity. Huorescence quantum yields
at room temperature were also checked with quinine bi-
sulfate standard (fa = 0.55); the agreenents were good
The results of several measurements agree within £10%.

The phosphorescence lifetime measurements were made
on the Perkin-Elmer fluorescence spectrophotometer with
phosphorescence attachments and the decay cune wes
displayed on a Hewlett-Packard oscilloscope (Model
10175B).

All absorption spectra measurements were made using a

Cary 15 recording spectrophotonmeter.
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The methylmercury ion CHsHg+ is shown to form a 1:1 complex with the model peptide iV-acetyl-L-cys-
teine as studied by proton magnetic resonance. Both the chemical shift of the CH3Hg protons and the
J(199Hg-CH?3) coupling constant decrease with the addition of N-acetyl-L-cysteine until an excess of pep-
tide is present, whereupon they remain constant. The snall J(199Hg-CH3) coupling constant of 170 Hz
for the conmplex is consistent with the formation of a covalent Hg-S bond. Two separate CH2 peaks occur
for the peptide-metkylmercury mixtures corresponding to the CHz of the cysteine residue in the complex
and free peptide; the latter occurs only in excess peptide. Broadening of the CH2 doublets is interpreted
as due to slow dissociation of the complex unassisted by protonation or chloride addition. The chemical
shift of the CH2 protons in the conplex increases with increasing methylmercury:peptide nolar ratio, in-
dicating higher conplex formation in excess methylmercury.

Mercury compounds are of great environmertal concem
in view of their occurrence in many biological sanmples.
Methylmercury salts are of particular interest because of
thelr high toxicity2 and since they are formed in the envi-
ronment from metallic inorganic and organic compounds
of mercury.3*s Many mercury compounds form a stable
Hg-S bond to sulfur-containing amino acids residues and
are thus rather tightly bound to proteins in living sys-

temss Cysteine conmpares with the sulfhydnyl group of
serum albumin in its reaction with the methylmercuric
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ion, HC3Hg+,6'7 and is expected to senve as a nmodel for
most sulfhydryl proteins. Proton magnetic resonance
(pmr) has not been used to a great extent to determine
the structure of Hg-amino acid residue complexes, but
has been used by Kan and Li for Hg-nucleoside com
plexes.s Their investigations are also limited to Hg2+ ios
inthe nonagqueous solvent dimethyl sulfoxide.

In this communication we shall demonstrate the use of
pmr for the study of the interaction of methylmercury
chloride with the model peptide N-acetyl-L-cysteine. The
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a-amino group wes blocked with the acetyl group in order
to eliminate its possible interaction with the methylmer-
cury iors-9 which might complicate the results. The bind-
ing of the amino group to Hg is much weaker than that of
the sulfhydryl group, and the interaction of the carboxylic
group is even weaker.6

Experimental Section

Materials and Methods. Reagent grade methylmercury
chloride wes obtained from Strem Chemicals, Inc., Dan-
vers, Mass. The blocked amino acid Ahacetyl-L-cysteine
wes obtained from Cyclo Chemical Co., Los Angeles,
Calif.,, supplied with the follonmng data: % N 8.55 theoret-
ical, 8.32 found; melting point 108-110°; chromatographi-
caly pure (tic with CHC"HAc, CHC™MeOH ard
CHCU-acetone solvents). It wes used without further pu-
rification. Solutions of freshly prepared material showed
no impurities in the pmr spectra. However, aged solution
did show inpurities of ~10% in the pmr spectrum Solu-
tions of the mercury compound, amino acid, and mixtures
were prepared by dissolving weighed quantities in D20.
Prr spectra were recorded at 100 MHz on a Varian HA
100 nmr spectrometer, interfaced with a Varian model C-
1024 time-averaging computer. To obtain good spectra of
these dilute solutions 25 to 200 scans were averaged.
Chemical shifts were measured and reported with respect
to sodium 2,2-dimethyl-2-silapentane-5-sulfonate (DSS) as
an intermal standard. The line width Aig2 of the gererally
collapsed CHz doublet peak wes calculated by the fol-
loning equatiorio

Argz = A*iobsd) - J(CHzCH)

where Aiu/2(obsd) is the obsenved width at half-height of
the doublet and J(CH2-CH) is the coupling constant. For
consistency we used this method in those few cases where
the doublet wes not collapsed. All spectra were recorded
at 31°. The estimated standard error of line width, chemi-
cal shift, and coupling constant measurements are 1, 1,
and 3 Hz, respectively.

Results

The pmr spectrum of methylmercury chloride in D20
(FHgure la) shows a single methyl peak at 0.99 ppm down+
field. A satellite doublet corresponding to the 19Hg iso-
tope (spin \4 and natural abundance 17%) having a cou
pling constant J(199Hg-CHs) = 221 Hz appears around
the methyl peak The methylmercury salt did not show
any concentration-dependent effect in either the chemical
shift or the coupling constant of the methyl peak. Peaks of
the satellite quartet due to 201Hg with spin 32 (natural
abundance 13.2%) were not observed. This may be due to
line broadening caused by the large quadrupole moment
of the 201Hg isotope.

The pmr spectrum of the peptide in D20 (Fgure Ic)
shows a sharp singlet at 2.08 ppm due to the methyl pro-
tons of the acetyl group, and a doublet due to the CH2
protons at 2.97 ppm (J = 5 Hz). The COOH proton peak
is not observable because of its rapid exchange with D20
resulting in the formation of HDO (6 = 4.9 ppm). Due to
this strong HDO peak the CH proton wes not observable,
although the CH sextet peak was observed in the solvent
acetone. The NH proton peak wes observed in HO & =
8.4 ppm, pH 22) and is broadened by the quadrupole mo-
ment of 14N. This peak is absent in D20, indicating that
exchange with D20 has corverted the NH to ND. Similar-

Figure 1. (A) The proton magnetic resonance spectrum of
methylmercury chloride (6.9 m/W). (B) The spectrum of a 2:1
molar ratio mixture of A/-acetyl-L-cysteine with methylmercury
chloride. The two separate CH2 peaks correspond to equal
amounts of free peptide and a 1:1 complex with methylmercury.
(C) The spectrum of /V-acetyl-L-cystelne (8.2 m/W).

ly, an NH proton peak for Af-acetylglycine was obsenved in
H2 (G = 8.3 ppm) but not in D20. The NH proton peak
of AZ-methylacetamide has been reported in H20 ,11 as well
as the conversion of the amide’s NH to ND in D20 .12 The
pmr spectrum of the amino acid did not show arny concen-
tration dependence in the chemical shift of the CH3 and
CHz protons.

Addition of .2V-acetyl-L-cysteine to an approximate 75%
saturated solution (6.9 mM, 1.7 mg/ml) or methylmercury
chloride produced two separate peaks corresponding to the
CH2 protons, depending on the nolar ratio of the amino
acid to methylmercury. The new CHz2 peak 6 = 3.6-34
ppm) wes obsenved in excess methylmercury. When the
nolar ratio of the amino acid to methylmercury exceeded
11 then the doublet at 2.97 ppm reappeared as a broad
peak and became increasingly dominant and sharp as the
amino acid concentration wes increased. The CH3 peak
did not show any change in line width or chemical shift
The spectrum of a 221 nolar ratio mixture is shown in
Hgure Ib.

The addition of the peptide to the methylmercury solu-
tion also produced changes in the chemical shift of the
CHsHg protons as well as in the coupling constant
J(199Hg-CH3) (see Hgure Ib). The methylmercury proton
peak gradually shifted to high field as the concentration of
the peptide wes increased, with a final net chemical shift
difference of 21 Hz as shown in Hgure 2a. The coupling
constant J(199Hg-CHs) showed a drastic decrease from
221 to 170 Hz as the peptide concentration wes increased
(Figure2b).s

The new CHz proton peak showed a dependence on the
peptide:mercury molar ratio in excess methylmercury
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Figure 2. (A) The change in chemical shift of the CH3Hg pro-
tons as a function of the molar ratio of /V-acetyl-L-cystelne:
methylmercury chloride mixtures. (B) The mercury-proton cou-
pling constant as a function of the molar ratio. The coupling
constant and chemical shift of the CH3Hg protons in excess
peptide indicate the formation of a covalent Hg-S bond in the
complex. (C) The change in chemical shift of the CH2 protons
as a function of molar ratio, Indicating the formation of higher
complexes In excess CH3HgCI.

(Hgure 2c¢). Dilution of the 1.1 nolar mixture did not
show any shift of that peak or any other peak indicating
that it wes not adilution effect.

Discussion

The changes in the pnmr characteristics of the amino
acid as well as the methylmercury chloride can be ex-
plained unequivocally on the basis of the binding of the
methylmercury to Wacetyl-L-cysteine. The high affinity
of Hg to S will favor a conplex of type I. The formation of
such a complex would produce the greatest change in the
electronic environment for the CH2 and the CH3Hg protors.

S— Hg—CHi

0 CH:

CHs— C— NH— CH— COOH
|

The shift of the bound CH2 peak in excess CH3Hg can
be explained by the formation of higher complexes. These
complexes could involve methylmercury binding to the
carboxylic acid group of I. While such binding might be
expected from estimated association constants for Hg with
acetate 6 it probably does not account for the large size of
the shift of nore than 20 Hz. Schwarzenbach and
Schellenbergiz report large association constants for the
formation of (CH3HQ)2S and (CH3Hg)3S+. It is nore like-
ly then that the higher complexes involve two or nore
methylmercury groups bonded to the sulfur. The ratio of
methylmercury groups to peptide in these higher com
plexes is not established;, however, (CHzHg)2S+CH2R is
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favored over (CHsHQ)3S2+CHZR because of the higher
charge on the sulfur of the latter ion.

The formation of higher complexes is expected to affect
the chemical shift of the CH3Hg protons and the mercury-
methyl coupling constants of the solutions with low pep-
tide to methylmercury ratios, and thus it accounts for at
least part of the definite curvature noticable in the lines
connecting the first few points of Fgures 2A and 2B. The
experimental uncertainties and the number of species
containing CH3Hg groups preclude a detailed analysis of
the curvature to determine equilibrium constants, and an-
swering the related question of how sharp the break in the
cune is at the equivalence point.

The changes in the coupling constant J(199Hg-CH3)
and chemical shift of the CH3Hg protons by the addition
of the peptide may be conpared to the results of Hatton,
Schreider, and Siebrand 14 These workers found that
j(i"Hg-CH?3J) in CH3HgX type compounds is strongly de-
pendent upon the substituent X. It varied from 233 Hz for
X = CIO: to 104 Hz for X = CH3. Apparently a strong
covalent bond reduces the coupling constant significantly.
The coupling constant for (CH3-HQ)2S is 156 Hz which is
in good agreement with the value of 170 Hz for the
methylmercury-peptide conplex. The chemical shift of
the CH3Hg protons also shows a dependence on the sub-
stituent X, ranging in pyridine from 0.17 ppm for X =
CIO: to 111 ppm for X = CH_3; the value for (CH3-HQ)2S
is 0.75 ppm, again in good agreenment with the value of
0.78 ppm observed for the methylmercury-peptide com-
plex in D20. The change in the mercury proton coupling
constant and proton chemical shift in organic mercury
compounds may be used as a probe to study the nature
and strength of their binding with peptides and biological
macronolecules. However, it should be noted that when
the organic mercury is bonded to slowdy rotating macro-
nolecules the proton resonance will be broadened. This
would provide indirect evidence of binding. When the
rotation is sufficiently fast, the resonance peak will be ob-
servable and its line width and chemical shift will indi-
cate the strength and nature of the binding.

The observation of two separate peaks for the CH2 pro-
tons indicates that the exchange of the peptide group
from the bound to free-acid forms in solution is slow. The
exchange may be expressed by the folloning chemical
equilibria

CHiHg-SCH.,R CHiHg+ + RCH,S" (1a)
CH,Hg+ + RCH:S" + h+ + Cr
CH¥HgCl + HSCH,R (Ib)

The line width data may be used to describe the exchange
process qualitatively.

CHsHg-SCH.,R + HSCH.*R

k-2
CH:Hg-SCH2R + HSCHR (2)
The mean lifetimes of bound (tb) and free («f) formrs
may be expressedi1 as
I/rB

'Itf

(1/0 dC/df (©)
(1/P) API/AL 4
Where C and P are the concentrations of the complex and

free peptides, respectively. The derivatives, AC/At and
AP/dt, are for one-way exchange (rates of net change are
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zero) and are related to appropriate rate constants as
dc/dt = PC + kXP ®)
k--MA + PCP = dC/dt

(6)
where M and A are the concentrations of CHsHg+ and
RCH2S~, respectively. Equations 5 and 6 are corsisterit
with equilibria la and 2 being slow; rate determining and
equilibrium Ib fast. If protonation of the complex, chlo-
ride addition or both preceded the rate-determining disso-
ciation step, then PC would be replaced by feiC[H+],
ftiC[CI- ], or feiC[H+][CI-}, respectively. The observed
line width at half-height (Avi™) of a particular peak is re-
lated to the mean lifetime r and the relaxation time 72
&

dP/dt = pC + PCP =

YrAve = UUT2= 1/T2= UT* + l=t

where T2* is the relaxation time due to field inhomogene-
ity and inherent relaxation in the absence of exchange.
If dissociation, (1), dominates the exchange rate, i.e., if

pC » kXP
then
dc/dt = dP/di = PC @
and the exchange rates become
I/rB = P (8)
l/rF= pcC/P 9)

predicting constart broadening of the CH of the complex
and decreasing broadening of the CH of the free peptide
with increasing peptide. Different behavior is expected if
exchange of the peptide moiety (2) dominates, i.e., if

pC «: PCP
In that case
dC/dt = dP/dt = PCP (10
and the exchange rates become
l/tb = pp (10
1/tf = PC (12)

predicting a constant broadening of the CH2 of the free
peptide and an increasing broadening of the CH2 of the
complex with increasingly excess peptide.

The observed spectra for the mixtures with excess pep-
tide behave according to eq 8 and 9 for exchange domi-
nated by dissociation reaction 1 The net line widths of
the CH2 peaks of the free peptide are 5.8, 32 and 19 Hz
for the 1.77, 3.35, and 4.27 nolar ratio mixtures. For the
peptide solution in which exchange does not occur
Aluiz2(obsd) = l/irT2* + J(CH2-CH) = 7.7 Hz. The net
line widths are obtained by subtracting this value from
Avi/2(obsd). These data yield values of p = P/Ctp of 14,
24, and 19 sec-1 consistent with eq 9 but not 12. The line
width at half-height of the broad doublet CH2 peak of the
complex is constant for these mixtures (Ai'i/2(obsd) =
128, 129, 129 Hz). Thus, while the absolute value of
1/ tb cannot be computed since the constarts 1/T2* and
J(CH2-CH) for the conplex are not experimentally deter-
mined, it is constant, independent of free peptide concen-
tration, and hence consistent with eq 8 but not 11. If we
we the value of I/ T2 + J(CH2-CH) = 7.7 of the free

muovitnfniw*
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peptide as an estimate for the bound peptide, then we ob-
tain
I/rB=p ~ 16 sec 1 13

in good, perhaps fortuitous, agreement with the value ob-
tained from the free peptide. In any case, the CH2 peaks
from both the bound and free peptides agree with eq s
and 9 for exchange dominated by dissociation 1, not by
exchange of the peptide noiety (2). Neither a 2.5-fold in-
crease in [H+] nor a sixfold increase in [CD] had a notice-
able effect on the line widths. Thus (7) is the rate law and
in tum reither protonation nor chloride addition precedes
rate-determining dissociation la.

The observation of one single peak for the CH3Hg pro-
tons indicates that the exchange of these protons from
bound to free formrs is quite rapid. The methyl group, the
whole methylmercury group, or both may be exchanging.
Hatton, Schneider, and Siebrandi4 report that fast meth-
yl exchange occurs for CHsHgCl, CH3sHgBr, CHsHgl, and
CH3HgSCN, but not for the nore strongly bonded
CHsHgCN. The methylmercury-peptide conplex 1 is
probably similar to CHsHgCN as suggested by their simi-
lar J(199Hg-CH3) values of 170 and 178, respectively. The
fast exchange giving a single CHsHg proton peak would
then involve the methylmercury group as a whole. The
shift of the bound CH2 peak in excess CH3Hg also sup-
ports the occurrence of this exchange mechanism It
should be pointed out that the above discussion on the ex-
change process is a qualitative one and further studies
must be performed to get a quantitative picture.
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The configuration coordinate model for the solvated electron is further developed. The configuration
coordinate diagram for the hydrated electron is constructed by calculating the total energies of the hy-
drated electron under various oriertational polarizations which are not necessarily spherically symmet-
ric. Medium relaxation folloning an optical transition is discussed in tenrs of this diagram The Jahn-
Teller splitting of the excited state is predicted to be about 0.3 eV.

l. Introduction

In a previous paper2 we presented a configuration coor-
dinate model for the solvated electron. We constructed
the configuration coordinate diagram for the hydrated
electron by calculating the total erergies of the hydrated
electron under various orientational polarizations which
are spherically symmetric. The orientational polarization
under which the total energy for the ground state is mini-
mum is probably spherically symmetric, however, the
orientational polarization under which the total energy for
the excited state is minimum probably is not. Thus the
optical excitation of the solvated electron is folloned by
the distortion of the orientational polarization around the
electron. The excited state, which is assumed to be the 2p
state, is triply degenerate under the orientational polar-
ization which is spherically symmetric. However, if the
orientational polarization is distorted from spherical
symetry, the degeneracy of the excited state is removed
and the Jahn-Teller splitting occurs.

In the present paper we construct the configuration
coordinate diagram for the hydrated electron by calculat-
ing the total erergies of the hydrated electron under vari-
ous orientational polarizations which are not necessarily
spherically symmetric. In tems of this diagram we dis-
cuss medium relaxation folloning an optical transition.

1. Theory

The total energy of the hydrated electron consists of the
electronic erergy and the polarization energy. The elec
tronic energy E of the hydrated electron is obtained by
solving the following Schrodinger equation

-sv + v]* - EF @

where V is the potential acting on the electron. If the
orientational polarization at a point r' be P(r"), the po-
tential is given by

(2. fPIr'dr - 1) ,
V() ~ -eJd dr 2

It is seen from eq 1 and 2 that the electronic energy £ is a
functional of the orientational polarization P(r). In the
previous paper we considered only the orientational polar-
ization which is spherically symmetric. In the present
paper we consider not only the orientational polarization
which is spherically symmetric but also the orientational
polarization which is not.

The Journal of Physical Cherristry, V. 77, No. 19 1973

We solve eq 1 approximately by using the variation
method. If the wave function is normalized, the electronic
energy is vwritten as

fP(r)-(r - r)
Ir - r'i3
As a trial wave function for the ground state we choose
the following hydrogentlike Is wave function
ilgs = (X’lir)m exp(-Ar) (@)

The variational paraneter A is determined by the fol-
loning condition

dar (3)

dElSdA = 0 ©)

On the other hand, as a trial wave functionfor the excited
state we choose the folloning hydrogertlike 2pz wave
function

hp* = (W*)1x exp(-pr)cos 0 (6)

The variational parameter p is determined by the fol-
loning condition

~>EpIdp = 0 (7
We assume that the polarization erergy Il is given by2
Il = yfP(n2 dir ()

where 7 is a constant. In the previous paper we used 5.55
for the constant 7. The same value is used in the present

paper.
The total energy F of the hydrated electron is given by

eitnrL ~ » x4+

7 fP(r)2 d3r (9)

Since the second term in eq 9 does not involve 17 eq 5 is
equivalent to

aFiJdA = 0 (10
and eq 7 is equivalent to
dF2zdp = 0 1)

If the orientational polarization P(r) is given, the total
energy for the ground state can be calculated by use of eq
4, 9, and 10. The total energy for the excited state can be
calculated by use ofegs, 9, and 11
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I111. Calculations and Results

A. Orientational Polarization under Which the Total
Energy is Minimum. The orientational polarization under
which the total energy is minimum is determined by the
folloning condition

S5FP)/<5P(r) = o (12)'
Fromeq2 the orientational polarization is given bys
Pr) = -(l/4ire)W (13
Using eq 13, the total energy is rewritten as
F-/4 "€ Vv +vVv]* ar + *
(14

Equation 12 is equivalent to
SFE(V)/SV(F) = 0 (15

From eq 14 and 15 the following Euler equation is derived
for the potential under which the total energy is mini-
mums

27 S
(Arre) V&V - i2=0 (16)
The solution of eq 16 is given by

2me f\p(r)2
VW - * an

Using eq 16, eq 14 is revwritten as

h2
- +

The total energy for the ground or excited state is ob-
tained by substituting eq4 ore into eq 17 and 18.
The total energy for the ground state is given by

\v~y dV (18)

hA2 5rre2A
2m - 87 19
The total derivative of Fiswith respect to Ais written as
dFls dFlk SFU 8P
dA  dA + oP & (20)
Since dFis/dA= 5Fig/5P = 0 (eq 10 and 12), we have
dFIdA = 0 @)
Fromeq 19 and 21 we have
A = A = 57r/8yao (22

where ao is the Bohr radius. The total energy for the
ground state is given by

Fls = ~h'%2/2m (23
From eq 17 the potential Vo under which the total energy
for the ground state is minimum is given by
ish2A®r 1 )
5m LAX ((F + 0 eq(~2Xr)]

From eq 13 and 24 the orientational polarization Po under
which the total energy for the ground state is minimum is

given by

Voir) « -

eXoT 1 X

+ 2
Po(r) 27 |_Ao2r2

(Vr2 " A )

exp(—2Aor)
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where er is the unit vector along the radial direction. The
orientational polarization Po(r) is shown in Fgure 1 The
orientational polarization under which the total energy for
the ground state is minimum is spherically symmetric and
pointing tonard the origin. The potential Vo(r) is shown
inFHgure 2 VO(r) is also spherically symmetric.

The total energy for the excited state is given by

Ftyz Zf\n/z 5%;;}/33 (26)
The total derivative of F2p2 with respect to a is vwritten as
ddF;p og.pZz 1 S;JDAS; @
Since dF2z/dp = 5F2@/5P = 0 (eq 11 and 12), we have
dF2#dp = 0 (28)
Fromeq 26 and 28 we have
p = Po= 50lua/ 1280ya0 (29)
The total energy for the excited state is given by
FZz = ~hw/2m (30)

From eq 17 the potential Vi under which the total ernergy
for the excited state is minimum is given by

V,(r):-%-{p&+9+ep&+

2poxr2 exp(—2por) + (3 cos26 — 1) pold
18

+ +

(p_osrs Nr + 12 + spyr + 2por2® X

exp(—2por)i - (31)

From eq 13 and 31 the orientational polarization Pi under
which the total energy for the excited state is minimum is
given by

pm - NG

We7, o T2 oEVT

27
4perd ep(—2nn) + BOR 6 - Ay

. 54 + 3
H22  Mr

Lo+ Ji- + 18 + +
rs RVs smer

4per)) exp(-2por)] Jer +

sin d cos 4

+ 6 +

18
Wirs ¥ RBs ' e Mr 2My >x

exp(-zpor)|e, (32)

where es is the unit vector along the 6 direction. The
orientational polarization Pi(r) is shown in FHgure 3. The
orientational polarization under which the total energy for
the excited state is minimum is not spherically symmet-
ric. The variation of Pi(r) alongd = 0°, d = 45°, and 8 =
90° is shown in Hgure 4. The potential Vi(r) is shown in
Fgure 5. Vi(r) is not spherically symmetric. The varia-
tion of Vi(r) along 8 = 0o and 8 = 90° is shown in FHgure
6.

B. Configuration Coordinate Diagram. The orientation-
al polarization P(r) represents the configuration of the
water nolecules around the electron. It is possible to con
sider the hydrated electron as a kind of nolecule. If the
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Figure 1. Orientational polarization PO(r) under which the total
energy for the ground state is minimum.

Figure 2. Potential VO(r) generated by the orientational polariza-
tion PO(r).

2 4104esucm -2

2A

Figure 3. Orientational polarization P, (r) under which the total
energy for the excited state is minimum.

hydrated electron as a kind of nolecule is compared with
a diatomic nolecule, the orientational polarization P(r)
corresponds to the intemuclear distance. The total energy
of a diatomic molecule is a function of the intemuclear
distance. The configuration coordinate diagram for a dia-
tomic nolecule is obtained by plotting the total energy
against the intemuclear distance. But it is impaossible to
plot the total energy of the hydrated electron against the
orientational polarization P(r) because the orientational
polarization P(r) is not a number but a function. The
total energy of the hydrated electron is a functional of the
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Figure 4. variation of the orientational polarization P”r) along
6 = 0, 45, and 90°. The full line denotes the radial component.
The dotted line denotes the s component.

Figure 5. Potential IMr) generated by the orientational polariza-
tion Pi (r).

Figure 6. variation of the potential V-i (r) along s = o and 90°.

orientational polarization P(r). In the present paper we
calculate the total energies of the hydrated electron under
various orientational polarizations represented by

Pi(r) = @0 - XPo(r) + XPi(r) (€S)
by varying x. We construct the configuration coordinate
diagram for the hydrated electron by plotting the total
energies against x

The total erergies for arbitrary x are calculated in the
follomng way. The orientational polarization Px(r) which



Conffiguration Coordinate Model for the Hydrated Electron

X

Figure 7. Configuration coordinate diagram for the hydrated
electron. The abscissa x represents the orientational polarization
P;t(r). For example, x = 0 represents PO(r) in Figure 1. x = 1
represents Pt (r) in Figure 3.

corresponds to X is given by eq 33. The total energy for the
ground state under PNJr) is calculated by use of eq 4, 9,
and 10. The total energy for the excited state under P*(r)
is calculated by use of eq 6, 9, and 11

The excited state is triply degenerate under the orienta
tional polarization Po(r), which is spherically symmetric.
But if the orientational polarization changes from Po(r)
toward Pi(r), which is not spherically symmetric, the
degereracy of the excited state is partially removed. The
21z state branches off from the 2px and 2py states, which
are still degenerate. The calculation of the total energy for
the 2pz state is already described. The total energy for the
2px state is calculated in the folloning way. As a trial
wave function for the 2px state we choose the following
hydrogertlike 2 px wave function

X — (Vv nywer XPr—vr)

The variational parameter v is determined by the fol-
loning condition

sin 8 cos 3

aFipx/av = 0 (35)

The total energy for the 2px state is calculated by use of
eq9, 34, and 5.

The corffiguration coordinate diagram for the hydrated
electron is shown in FHgure 7. In Figure 7 the abscissa x
represents the orientational polarization Px(r) around the
electron. For example, x = 0 represents the orientational
polarization Po(r) in FHgure 1 x = 1 represents the orien-
tational polarization Pi(r) in FHgure 3. The total ernergy
for the Is state is minimum at x = o, while the total ener-
gy for the 2pz state is minimum at x = 1 The energy dif-
ference between the Is and 2p states at x = 0 is 20 eV.
The energy difference between Is and 2pz states at x = 1
is 0.4 eV, while the energy difference between the 2pz and
2px states at X = 1is0.3 eV.

IV. Discussions

As is obvious from Hgure 7, the orientational polariza-
tion under which the total energy for the 2pz state is min-
imum is different from the orientational polarization
under which the total erergy for the Is state is minimum
Thus the optical excitation of the hydrated electron from
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the Is state to the 2pz state is folloned by the change of
the orientational polarization from Po(r) to Pi(r). The
orientational polarizations Po(r) and Pi(r) are shown in
Hgures 1 and 3, respectively. The change of the orienta-
tional polarization from Po(r) to Pi(r) inplies the re-
orientation of the water nmolecules around the electron.
Thus the optical excitation is folloned by the reorienta-
tion of the water molecules around the electron. In the
semicontinuum model the optical excitation is folloned by
the expansion of the cavity.s

It is also seen from Hgure 7 that the total energy for
the 2pz state at x = 0 is positive. Thus the optical excita-
tion of the hydrated electron from the Is state to the 2z
state may be folloned by the vanishing of the orientation-
al polarization around the electron and the liberation of
the electron. In the measurement of the absorption spec-
trum of the trapped electron it has been found that the
trapped electrons are partially bleached by the measuring
light. This phenomenon may be explained by the mecha-
nism described above.

The total erergy for the 2pz state at X = 1 is negative.

Thus, once the orientational polarization around the elec-
tron changes from Po(r) to Pi(r), the 2pz state cannot au-
toionize. The radiative or nonradiative transition from the
2pz state to the Is state occurs. If the radiative transition
occurs, the emission will be obsened in the infrared re-
gion.
In the case of optical excitation from the Is state to the
2px or 2py state the orientational polarization around the
electron does not change to Pi(r), which is distorted in
the direction of the z axis. It changes from Po(r) to the
orientational polarization which is distorted in the direc-
tionofthex ory axis.

In the present paper we assume the excited state to be
the 2p state. If the excited state were assumed to be the
2s state, no Jahn-Teller splitting would be found. On the
other hand, if the excited state were assumed to be the 3d
state, the type and magnitude of the Jahn-Teller splitting
would be different from that found with the 2p state.
Thus the results are dependent upon the assunmptions that
are made regarding the excited state.

In the present paper the variational calculation wes car-
ried out using trial wave functions which involve only one
parameter. Thus the present results may be considered to
be semiquantitative.
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The existence of nmolecular complexes is gererally inferred from the formation constants and enthalpies
of formation data. The enthalpy of formation can arise from charge transfer and other forces. These other
forces include coulombic, induction, dispersion, and exchange repulsion forces. The relative contribu-
tions of charge transfer and other energies to the enthalpy of formation has been a topic of considerable
interest. An equation based on theoretical relationships and employing enthalpies of formation and ion-
ization potentials can provide useful information about the nature of bonding in weak nmolecular com-

plexes. The application of this equation to bit-air and bir-ao complexes is discussed.

Introduction

Mulliker: used a valence-bond treatment to describe
the interaction of electron donor (D) and an electron ac-
ceptor (A) to foorm a nolecular conplex (D,A). The
ground and the excited state of the complex can be de-
scribed by the wave functions

YN = awD, A) + 6ili(DA-)
and
bE = a*i/y(D+A~) - B\(D,A)

The term Y refers to the no-bond wawve function and cor-
responds to the structure in which the bonding results
from coulombic, induction, dispersion, and exchange re-
pulsion forces, while the dative-bond wave function \di
corresponds to the structure where an electron has been
transferred from D to A. Resonance between the no-bond
and the dative structures in the ground state provides ad-
ditional stability over the usual stability attributed to
forces in the no-bond structure. This additional force con-
tributing to the stability of the npolecular complex is
called a charge-transfer force. The coulombic, induction,
and dispersion forces are attractive, while the exchange
repulsion works against them, giving a total net force in
the no-bond structure which might be either negative or,
if the charge-transfer forces are strong enough, even zero
or positive. The coefficients a and b in the ground-state
wave function measure the relative contributions of the
normalized no-bond and charge-transfer wave functions.
Drago and Waylandz2 have proposed a four parameter
eguation to correlate the enthalpy data in gas phase or
poorly solvating media while Dewar and Thompsons at-
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tempted to ascertain the nobond and charge-transfer
character of molecular complexes from formation constant
data.

We have developed an equation based on theoretical re-
lationships derived by Mullikeni and Brieglebs which can
provide useful information on the nature of bonding in
molecular complexes. The equation uses enthalpies of for-
mation (AH°) of complexes and ionization potentials (/d)
of donors and the application of this equation to bir-ait
and bir-ao molecular complexes is discussed.

Theory

The ground-state energy (¢?n) of a complex can be writ-
tenas

£En=

where Rn is the resonance energy due to interaction be-
tween the no-bond and dative structures and Eo is the
energy change due to other interactions when the donor
and acceptor come together. The energy of the excited
state (Ee) can be represented as

Ee= ID—Ea + Eq+ Re = Ei + Re

where E\ is the energy of the dative structure, Ea is the
electron affinity of the acceptor, Ec is mainly the coulom:
bic attractive energy associated with the dative structure,
and Re is the resonance energy arising from the admixture
of the no-bond and the dative structures.

For weak molecular complexess En and E e are given by
the expressions

Rn + EO= AH°
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and

Ee-—1 192 | g
El- EO

where do and di are resonance integrals. The enthalpy of
formation for weak molecular complexes is then

e

AH° = - + — +
Ei  Eo EO0 — Rk En (1)
Now (Ei - Eo) = Id - EA+ Ec - Eo, hencefromeq1
AH° = - Ra En

/D- EA+ Ec- Eo
andif (Ea - Ec + Eo) can be designated by Ci, then

AH° = - foz
/D- G E, )

The difference in enthalpies of formation of two com
plexes is given by
AH\ ~ AH°, =

TV + Ex + TV - B0 ¥

/D2 - Cn “ JDi - Cu
where subscripts 1 and 2 refers to conplexes 1 and 2, re
spectively. Equation 3 can be written in the form
(Ag"PI Ro~IpT)
(Im ~ CR (D —C,)
(/722N — [2012CT)

</e- Cpuo - Cn) )

It has been showrs that for weak molecular complexes

-(AH\ - AH\) =

(E@  Eoi) (4

focT T ——— ®
where hver refers to the energy of the absorption maxi-
mum, Ci = (Ea- £c + EQ), and & = d» + di2- If fora
series of complexes with a given acceptor Ci and C2 are
reasonably constant, then a plot of hvct against 7d should
follow eq 5. Such plots were obtained by Brieglebs and Ci
and C2 can be evaluated and do can be approximated
from C by assuming reasonable values of Soi and (Ei —
Eo .5 The substitution of Ci and db obtained by this pro-
cedure directly into eq 2 can lead to erroneous estimations of
Rn and £ o particularly if the values of Soi and (Ei - Eo)
assumed are significantly different from the true values of
the complexes. Mulliken and Persors have critically dis-
cussed the ermpirical procedure required to obtain Ci and
do and have pointed out that these parameters can be ex-
pected to be reasonably constant if the donors are closely
related. We will only use the empirical values of Ci in the
application of our equation.

Let us now assume that there are sets of complexes with
the same acceptor which have do as constant. This makes
doi = dme- For complexes of related donors it is easily
verified that (de2Cn - doi2Ci2) < (/a2 - Ci2)(/di -
Cn) and this mekes the second term in eq 4 approximate-
ly 0. Equation 4 now becomes

S(AH®2- AH°i) =
/W di ~ 1D E Ea
dm ~ Cry(/e —cy ¢ ED ©

where doi and de have been replaced by do- If we now
compute the differences in enthalpies of formation of
complexes with reference to an arbitrary chosen standard

conplex, thens takes the form
-(Af/°N- AH°9 =
[20AEHS — -lah)
(ls  CisXTch —Cin)

Subscript S refers to the standard complex and subscript
N refers to any conplex in the series where N = 1, 2, 3
4. .. oorresponding to different complexes. A conplex
incorporating a donor with the highest 1« and having
nurerically the highest AH°, i.e., smallest -AH°, is a
cornvenient standard to choose. The term (/ds - Cis) now
becomes constant. An average value of Ci obtained from
eq 5 can be used for Cis and Cin. If for a number of conmt
plexes in the series the term (Eon - Eos) is reasonably
constant, then a plot of -(AH°n - AH°s) against (as ~
1an)/(1an ~ Cin) should yield a linear plot with a gradi-
ent of d2/(/Ds - Cis) and an intercept of -(Eon - Eos).
The information derived from the gradients and intercepts
of such plots can provide useful information to the rela
tive contributions of En and Eo to AH° of weak nolecular
conmplexes. Although the indicated procedure has involved
several assunptions which cannot be exactly correct, it
seens reasonable that they are sufficiently valid so that
the results are significant.

The application of eq 7 to bir-air and bir-aa complexes
will nowbe discussed.

(Eon - Eas) (7)

Application of Eq 7 and Discussion

Equation 7 is strictly applicable to complexes in the
vapor phase as it is based on the theoretical description of
Mullikeni-5 for interaction between isolated donor and
acceptor molecules.  Spectrophotometric and thermody-
namic data are not readily available for complexes in the
vapor phase, while a vast amount of data have accumulat-
ed for conplexes in solution. It has been shown for several
donor-acceptor systerms  that enthalpies measured in
weakly polar solvent will differ by constant amount from
those measured in a poorly solvating medium7-s and we
have, therefore, used the approximation

(AHnNn - AEs)vap - (AHn - AHsXoi
for all bir-air and bir-aa complexes examined here.

For tetracyanoethylene aromatic hydrocarbon comt
plexess a red shift of 1000-3000 cm-1 occurs for charge
transfer absorption maxima (amax) on going from vapor
phase to solution. This would imply that hvcT(vep) =
khvcT(son where k is a constant >1. The bir-air and bir-aa
conplexes examined here have gererally amax in the re-
gion of 300-600 np, and if we take an average red shift of
2000 cm-1 for amax on going from vapor phase to solution,
then k is in the region 1.06-1.15. Thus, Ci obtained from
hv a solution values would not be very different from Ci
obtained from hvcr vapor-phase values and these were
used without any modification for the bir-air and bir-aa
conplexes examined. This means that the gradients ob-
tained from plots based on eq 7 are slightly affected but
not the intercepts.

(A) bir-air Complexes

(i) 1,3,5-Trinitrobenzene (TNB) Complexes. The AH°
data for the TNB complexes were obtained from ref 4
while the 14 data were obtained from ref 4, 5, and 10. A
value of 5.00 eV for Ci found for hir-TNB conplexess was
used for Cis and Cin- The benzene conplex foms a conr
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Figure 1. —(AH°n - AH°®s) vs. (1las — /dn)/(/dn — C-in) plot
for TNB complexes of Table I. The numbers refer to complexes
as designated In Table I.

TABLE I: Data for a Plot of - (AH°N - AH°®s) vs.
- C1IN) for TNB Complexes*

Uds ~ 1dn)/(Tdn

(lds - AH°n _
fanyr -A H° AH®s),
la . (ldn - kcal kcal
Donor eV Cin) mol-1 mol-1

Benzene (S) 9.24 0 0.45 0
Toluene (1) 8.82 0.11 0.86 0.41
p-Xylene (2) 8.48 022 1.12 0.67
Mesitylene (3) 8.40 0.25 1.21 0.76
Naphthalene (4) 8.12 0.36 2.20 1.75
1-Methylnaphthalene (5) 7.96 0.43 2.41 1.96
2-Methylnaphthalene (6) 7.96 0,43 2.56 2.11
Phenanthrene (7) 7.85 0.49 2.63 2.18
o-Toluidine (8) 7.75 0.54 1.39 0.94
m-Toluidine (9) 7.75 0.54 1.39 0.94
Aniline (10) 7.70 0.57 1.35 0.90
p-Toluidine (11) 7.65 0.60 1.58 1.13
Anthracene (12) 7.55 0.66 2.74 2.29
Diphenylamine (13) 7.40 0.77 1.31 0.86
IV,IV-Dimethylaniline (14) 7.30 0.84 1.82 1.37
a Solvent: chloroform. Ciy = C-in = 5.00 eV. The donors are desig-

nated by numerals given in parentheses.

venient standard as it has highest 1« and numerically the
highest AH°. Table I gives the necessary data for Figure 1

Fgure 1 shows that two reasonable straight lines (A and
B) were obtained with average gradients of 491 X 102
and 7.86 X 10-2 eV, respectively. The gradients yield do
= —0.46 and -0.58 eV for lines A and B, respectively.

The values of do of —0.46 and —0.58 eV are in agree-
ment with values discussed for bir-air complexes calculat-
ed from the enpirical constant C2 = dw + di2 and as-
suming that Sor is approximately o0.1.5 As the benzene
complex wes chosen as the standard, ore should ideally
have obtained lines A and B of the same value of gradi-
ent, but this minor difference may be attributed to the
uncertainties in AH°® data or that Ci1 varies over a small
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range. Mulliken and Persons have discussed the trial-and-
error procedure necessary to evaluate Ci from a plot of
hvct and Id data. They have emphasized the rather large
limits of the value of Ci abtained. Brieglebs used one
cune to fit all the hvev and 1« data and it may be neces-
sary to use separate curves for different series of com
plexes as was done in the case of primary, secondary, and
tertiary amine complexes.11

The resonance energy Rn can be evaluated by the ex-
pression

Kn = - /?02/(/d - CO

The average value of 1« - Cu1 for complexes of lines A and
B is approximately 3 eV, and if we take the average db for
the conplexes we obtain Rn in the region of —1.6 and
-2.5 kcal mol-1. These values are of the same magnitude
or greater than the AH® values.

The intercept of line A is 04 kcal mol-1 and this
implies that for complexes represented by line A, the Eon
is 0.4 kcal mol-1 nore negative than for the benzene com:
plex. The Eos contribution to AH° of the benzene complex
cannot be evaluated by this method, but if we make the
drastic assumption that all of AH° for the benzene com-
plex is Eos, then Eon for the conplexes of line A becomes
-0.45 - 040 = -0.85 kcal mol-1. This means that the
minimum En varies from approximately 20 to 50% of AH”
for these complexes. The contribution of Rn to AH” is in
accord with the findings of other authors.12-14

The intercept of line B is 1.2 kcal mol-1 and using the
same reasoning as above, one can obtain Eon = —.2 —
045 = -1.65 kcal mol-1. This means that approximately
a minimum of 20-30% of AH° for the complexes of line B
can be assigned toRn.

Since Eo for these conplexes does not account for all of
AH° even when Rn is assumed zero for the benzene com-
plex, it seens justifiable to assunme that Rn for the ben-
zere complex also is not zero, and thus Rn is probably
higher than estimated above for these complexes.

The term Eon being nore negative than Eos is consis-
tent with the view that dipole-dipole interactions which
are present in the substituted benzene complexes are ab-
sent in the benzene complex and that donors of line B are
nore polarizable than benzene. It is to be expected that
only complexes of closely related donors would have do
and Ci reasonably constant and it is significant that com-
plexes of line A are of related substituted benzene donors
while complexes of line B are of donors consisting of two
or three six-membered aromatic rings, and thus having
common structural and dimensional properties.

(i) 1,3,5-Trinitrobenzene Complexes Repeated. The
AH° data for complexes have now been obtained from
nmr chemical shiftsis and are nore negative than the
values shown in Table I. The 1« data are from ref 5 and 10
and Cis = cin = 5.00 eV as before. The benzene conplex
again foms a convenient standard and Table 11 shows the
relevant data necessary for Figure 2

A reasonable linear plot is obtained as shown in FHgure
2 The gradient is 1.4 x 10-1 eV and yields do = -0.77 eV
which is higher than the value of do obtained from Hgure
1 and gives R n in the region of —4.6 kcal mol-1.

The intercept of the plot is O kcal mol-1 and if we as-
sume as before (see i) that Rn for the benzene complex is
zero, then Eon for the complexes cannot be greater than
—1.9 kecal mol-1 and possibly less in view of the evidence
obtained from Hgure 1 This means that the minimum
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Figure 2. —(an°n — AH®s) vs. (lds — Jan)/(/an — Cin) plot
for TNB complexes of Table Il. The numbers refer to complexes
as designated In Table 11.

TABLE II: Data Required for a Plotof - (AH®n ~ AH®S) vs.
(tas -~ /an)/(/an - CIN) for TNB ComplexesO

(Jas - AH*n

ni/ SAH AH®s),

/d. Odn - kcal kcal

Donors eV Cin) mol'l mol'l

Benzene (S) 9.24 0 1.9 0

Toluene (1) 8.82 0.11 2.2 0.3
p-Xylene (2) 8.48 0.22 2.5 0.6
Mesitylene (3) 8.40 0.28 2.8 0.9
Durene (4) 8.03 0.40 3.1 1.2
Pentamethylbenzene (5) 7.92 0.45 3.4 1.5
Hexamethylbenzene (6) 7.85 0.49 3.7 1.8

a Solvent: carbon tetrachloride Clt; = Ctn = 5.00 eV. The donors are
designated by numerals given in parentheses.

Rn contribution to AH° of the complexes varies from ap-
proximately 20 to 50%.

(iii)  Chloranil Complexes. The AH° data were obtained
from ref 4 and the 14 data are from ref 4, 5 10, and 16.
The benzene complex formms a convenient standard and a
value of 5.70 eV for Ci abtained by Brieglels wes used for
cis and cin - Table Il gives the relevant data necessary
for Fgure 3.

Figure 3 shows that the points are scattered and that no
satisfactory plot can be obtained. This is not unexpected
since eq 7 based on the original simple form of Mullik-
en's theorys may be roughly valid in the case of conplexes
formed from simple nolecules, but it ignores the necessity
of considering the stabilization of the ground state of a
conplex by nmore than orne charge-transfer state, and
other complications which can occur in some casess In
particular, the number of important charge-transfer states
(with differing ». .., should increase with the number of
condensed rings in polynuclear aromatic hydrocarbors.
Hence, use of the hv. . for the longest wavelength charge-
transfer bond, and also the use of the minimum ionization
potential, in connection with 14 and Ci and /3» of eq 7
should become increasingly unsatisfactory if the equation
is used to compare nolecules with varying numbers of
condensed rings and resulting in the failure to find a suit-
able plot to fit the points in FHgure 3.
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Figure 3. —(AH°n — AH°S) vs. (lds ~ ldn)/ (ldn ~ Cin) plot

for chloranil complexes of Table IlIl. The numbers refer to com -

plexes as designated in Table III.

TABLE IlI: Data Required for a Plot of - (A H°N - A H°S) vs.
(lds — lan)/U an —Ctn) for Chloranil Complexes0

(lds - AHn -

lan)/ -AH, AH®s),

(ldn - kcal kcal

Donors eV Cin) mol'l mol“1

Benzene (S) 9.24 0 1.65 0
Biphenyl (1) 8.40 0.31 2.15 0.50
Naphthalene (2) 8.12 0.46 2.80 1.15
Triphenylene (3) 8.10 0.48 3.75 2.10
Durene (4) 8.03 0.52 4.40 2.75
Stllbene (5) 7.95 0.57 3.20 1.55
Hexamethylbenzene (6) 7.85 0.65 5.35 3.70
Phenanthrene (7) 7.85 0.65 3.65 2.00
Anthracene (8) 7.55 0.91 3.25 1.60
1,2-Benzanthracene (9) 7.53 0.93 3.55 1.90
Pyrene (10) 7.50 0.97 3.25 1.60
Dimethylanillne (11) 7.30 1.21 5.05 3.40
“Solvent: carbon tetrachloride. C,s = C,n = 5.70 eV. The donors are

designated by numerals given in parentheses.

(B) bir-ao Complexes

(i) lodine Complexes. The AH° data for the conplexes
were obtained from ref 4 while the 14 data were obtained
from ref 5 and 10. The benzene complex was chosen as the
standard and a value of 5.20 eV for Ci found for birarr
complexess wes used for cis and ¢~ . The data necessary
for Hgure 4 are shown in Table IV.

We have assumed that AH° for the iodine complexes of
toluene and o-xylene are of the same magnitude in carbon
tetrachloride and n-hexane, since these are solvents with
poor solvating action.

Figure 4 shows a reasonably linear plot and the average
gradient is 2215 x 101 eV which yields do - -0.95 eV.
This is in the range of values recommended for bT-12
complexess and R obtained from this is in the region of
-4.8 kcal mol“1 The intercept is -0.3 kcal mol-1 and if
we assume that Rn for the benzene conplex is zero, then
Eaon for the complexes cannot be greater than 1.0 kcal
mol-1. This means that the minimum R. contribution to
AH° of the complexes varies from 40 to 70%. This evalua-
tion of Eo and & » is only applicable to the resting model
of the complexess where the axis of the iodine nolecule is
parallel to the plane of the benzere ring. However, if the
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Figure 4, (AH°n — AH"®s) vs. (Jas — /an)/(/an — Cin) plot
for iodine complexes of Table IV. The numbers refer to com-
plexes as designated in Table IV.

TABLE 1v: Data Required for a Plot of - (A H *jm -
(tas _ 1an)i(/an - Cin) for lodine Complexes'2

A HS) vs.

(las _ AH°n -
lan)/ -A H% AH°S,
Id, (IbN _ kcal kcal
Donors eV Cin) mol-1 mol“1
Benzene (S) 9.24 0 1.30 0
Toluene (1) 8.82 0.12 1.80 0.50
o-Xylene (2) 8.56 0.20 2.00 0.70
p-Xylene (3) 8.48 0.23 2.18 0.88
Mesitylene (4) 8.40 0.26 2.86 1.56
Durene (5) 8.03 0.43 2.78 1.48
Hexamethylbenzene (6) 7.85 0.52 3.73 2.43
“Cis = Cin = 5.2 eV. The donors are designated by numerals given

in parentheses. Solvent for complexes 1 and 2 is n-hexane and for the
other complexes itis carbon tetrachloride.

axial model which has the iodine molecule standing above
the plane of the benzene ring with its axis along the lat-
ter's sixfold symmetry axis is more or less correct, then
the proper 1a and Ci values used in eq 7 would be
changed. This would mean that /an - Cin might be
changed considerably while /45 - /«n might not be much
affected. The result would very likely be merely to in-
crease the slope in Figure 4.
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Conclusion

If for a series of complexes with the same acceptor do
and (Eon — Eos) are reasonably constant, then a plot of
—(AlI°n — AJl°S) vs. (lds —ian)i(1an —cCin) Should be
reasonably linear. An average value of Ci obtained from
the kvcT vs. 14 plot4 was used for Cis and cin . The gradi-
entyields do and the intercept of - (Eon - EO0S).

It is found that do is on the average -0.6 and -0.95 eV
for bir-air and bir-acr complexes, respectively. The En cal-
culated from the average do value is generally greater or of
the same magnitude as AH° of the complexes. The inter-
cept -(E on - Eo0s) provides an estimation of the relative
contributions of e n and eq to AH°. The Eos contribution
to AH° of an arbitrary chosen standard complex cannot be
evaluated by this method, but if we make that assump-
tion that e n for the standard complex is zero, then the
minimum e » contribution to AH° of the complexes can
be determined. The benzene complex was chosen as the
standard complex in all cases discussed and we find that
the minimum e . contribution to An° of bir-air and
bir-ao complexes varies from 20 to 50% and 40 to 70%, re-
spectively. This is in accord with the views of other au-
thors12-1447 and does not subscribe to the view that
charge-transfer forces are absent in weak molecular com-
plexes.
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The nmr chemical shift of the acid proton of acetic acid in CCl4 has been investigated. The observed
chemical shift can be quantitatively explained by assuming that acetic acid is present as an equilibrium
mixture of monomers, cyclic dimers, linear dimers, and linear polymers. The temperature dependence of
these equilibria is also studies. Lowtemperature chemical shift measurements in cyclopentane support
this model and corroborate the assignment of the chemical shift of the cyclic dimer.

Introduction

Beckmanru postulated the existence of a monomer-
dimer equilibrium in order to explain the anomalous
freezing point depressions of solutions of carboxylic acids
in inert solvents. Since this early work acetic acid has
been extensively studieds and the presence of a monomer-
dimer equilibrium has been corroborated. Using electron
diffraction, Karle and Brockways concluded that in the
gas phase acetic acid exists as a cyclic direr.

Based on a model assuming only a simple monomer-
dimer equilibrium, several attempts to measure this hy-
drogenbonding equilibrium constant have resulted in a
considerable range of values.7 11 The magnitude of the
equilibrium constant obtained from infrared intensity
data decreases rapidly with increase of acetic acid concen-
tration.s-10 These constants are two orders of magnitude
larger than that obtained by sonic relaxation measure-
ments.11

It is well known that the concentration dependence of
the nmr chemical shift can be used to study hydrogen
bonding systens.12 Huggens, Pimentel, and Shoolery:s
first studied the nnr shift of acetic acid in CCL. This
work wes extended by Reevesi4-15 and others.16-17 It wes
found that concentration dependence of the acid proton
chemical shift cannot be accounted for quantitatively by a
simple monomer-cyclic dimer equilibrium One must con-
clude that other hydrogertbonded species are present in
solution. The observation of long chain linear polyrers in
crystalline acetic acidis along with cyclic dimers in the
gas phases lead ore to postulate that acetic acid in the
liquid state is composed of a mixture of monomers, cyclic
dimers, and linear polymers {i.e., that the liquid state can
be described as an equilibrium mixture of the gas and
solid states). Recently, infrared and Raman evidence indi-
cating the presence of chain polymers has been reported 19-21

The purpose of this work is to provide a quarntitative
model for solutions of acetic acid in inert solvents. It will
be shown that the chemical shift of the acid proton can' be
accounted for quantitatively by equilibria between mono-
mers, cyclic dimers, linear dimers, and linear polymers.22
The temperature dependence of the nmr shifts allons one
to obtain AH values for these equilibria

Theory

If we postulate the existence of linear polymers, as well
as nonomers and cyclic dimers, the simplest expression

for the chemical shift Swould be
&= /e + fA + & (1)

where /e is the fraction of nonhydrogen-bonded acid pro-
tons found on the chain polymer ends,23 A\ is the fraction
of acid protons forming hydrogen bond linkages in the
chain polymers, and fc is the fraction of hydrogen-bonded
protons in cyclic dimers. The & Si, and & are, respec-
tively, the characteristic chemical shifts of end protors,
intemal hydrogen bonding protons and hydrogen bonded
protons incyclic dimers.

The existence of monomers, cyclic dimers, and chain
polyrrers can be accounted for by considering two equilib-
rium processes

Kc
AH + AH #= (AH)Z (@)

AH + (AH), ~ (AH)i+1 (©)
where the first equilibrium involves the formation of a cy-
clic dimer from two monomeric acid units and the second
involves the addition of a monomer unit to an existing
polyrer of i units toformani + 1 unit polyrrer.

The wse of a single equilibrium constant for all polymer
gronth equilibria is not adequate. Using statistical argu
ments, it has been showres-25 that the equilibrium con
stant for two monomers bonding together to form a linear
dimer should be different from that for a monomer adding
to an nHer in > 2). Therefore, the equilibrium constants
for the above reactions should be modified as follons

v [AH)] xe

Ac~ [AHI2 - xi2 (42
" [AH-AH]

LA (o)

[(AH), +1] Xi+1 (40)

[(AH),JIAH] XX

Xc is the nmole fraction of cyclic dimer, xi the nole frac-
tion of monomer and X is the nole fraction of linear poly-
mer of length i. Expressions for the mole fraction of each
of the constituents can be obtained in terms of the nole
fraction of the monomer by solving the set of simulta-
neous equilibrium expressions (4). Thus

X = KeXi2 (5a)

and
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X, = K,K'=Xi = (KIKMKXJ (5b)

In order to obtain an expression for xi in terms of the
equilibria constants, it is necessary to use a mass balance
relationship for the total acetic acid in the solution. The
amount of solvent in each solution also is needed since the
mole fraction of each species is dependent on the solvent
concentration. The nole fraction of solvent present is
given by

X = 77T

where 15 is the number of noles of solvents and 7x is the
total moles of all species present. We can nowwwrite

J+Xc+ £x, =1 (6)
Vt , =i
The mass balance equation for the acetic acid is

2FE = £ ()X + 2XC @)
% f~1
where t]°m is the total number of noles of acetic acid mol-
ecules inasolution.

It can be easily shown that

X - Y2 8
x K§Iy-y) ©)
and
Ky 2-y)
KAl-y)2 ©)
wherey = K\\.. Upon conmbining eqe and 7, we obtain
m Ky(l- yf + 2Ky Zl- y)2+ K,yZ2--X)
+ Hm KLIl-yf +Ko(l-y)2+ K,y2

(10)
Upon expansion, eq 10 vields a fourth-degree polynomial
of y in terms of jj°’m  and the three equilibrium con-
stants K, Ki, andKc.
V,(K-4K,-K,)-vn{2Kc- K+ K)) q,
[+ e (2,,+ ,m,)*. y +

2tt(Ke+ Ki —K) —y°m(K(K + 2)- Kc- Ki) 2
@2rss+ rj°JKece y

K[ri, + y"J32K + p] T°mK 2
(277s+ i fm)K< y (@w+ vJIke U (U’

If one has available values for the equilibria constants, the
monomer concentration can be obtained by solving eq 11.
The concentration of cyclic dimer and linear polymers can
then be obtained from eq 5a and 5h.

The problem to be solved is nore complex than this
since we wart to find the set of equilibria constants and
chemical shifts which will most closely reproduce the ob-
served dependence of the chemical shift on the concentra-
tion of acetic acid. In order to accomplish this it is neces-
sary to have expressions for the fractions of the various
types of protons which contribute to the chemical shift in
eq 1 These are easily obtained from the values of xi. X>
and xc. such that

XX,
1
2XC+ £ ()X,

Ky + K,y2/(l-y)2 (123)
2Kgy2+ Ky + K,yZ2- Y)I(l - y)2
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£ (¢ -dx,
2
h
2c+ £ (HX
K,y2/ (1-yf (12b)
2Koy2+ Ky + K,yK2-y)/(l-y)2
2XC
fc
2XC+ X
2Koy2 (120

2Kgy2+ Ky + K,y2-y)/(l-y)2
We can now assunme trial values for the equilibria con
stants, solve eq 11 fory, and calculate values for /E /i,
and fc- However, we still need values of 5 81, and 5Cin
order to complete eq 1 Thus, with a trial set of fs it is
simple to devise a least-squares method for obtaining the
best values of 5E 5i, and 8Cfor placing in eq 1 These data
are then calculated for the total concentration range cov-
ered and a measure of the fit to experimental observation
is obtained.
The 5's and fit (R2) are obtained in the follonwing man-
rer. Let us define

R2= X (&Gdxd- % alcd)2 13)
j
where 5dxd is the observed chemical shift for the yth so-
lution and 8xddd is the value calculated via eq 1 The 5
&, and 8C are those values which minimize the value of
R2. It is not possible to obtain an analytic expression for
R2 in terms of equilibria constants; however, it is possible
to obtain a least-squares set of equilibria constants by re-
peating the above procedure for several sets of constants
until the set is found which gives the snmallest value for
R2.
The macroscopic nole fraction of acetic acid of a par-
ticular sample may also be calculated. The nole fraction
isdefined as

t (Wa)
A ni+nc+ns

Making use of eq 8 and the definition of nmole fraction
gives

Xa =X+ kYG} yj + *cX=»

This is the value plotted in the folloning graphs.

(140)

Experimental Section

Mueller and Rosez7 have shown that traces of water can
greatly affect the chemical shift of the acid proton. It has
also been showres that samples prepared in a drybox give
a noticeably spurious upfield shift compared to those pre-
pared on a vacuum system Thus, elaborate precautions
are necessary to assure the dryness of arny samples used.

Acetic acid used in this work wes purified as follows.
Reagent grade acetic acid wes mixed with acetic anhy-
dride in a 5:1 ratio. Solid potassium permanganate wes
then added slowly to the mixture, with stirring, over a pe-
riod of several days until the purple color was no longer
discharged. The liquid wes vacuum distilled to separate
the acid from the nonwvolatile residue. The mixture wes
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then fractionally distilled using a :-m column packed
with glass beads. The middle fraction (bp 118°) was col-
lected over vacuum-dried anhydrous sodium acetate.
Final purification consisted of several passages through a
continuous-flow solid-liquid zone refiner:s:0 The acid
was then stored under vacuum at —25° over anhydrous so-
dium acetate. All transfers were performed on a vacuum
line using standard high-vacuum techniques.

Reagent grade CCM was dried by refluxing for . day in
a Soxhlet extractor using 4A Molecular Sieve. The dried
CC|4 was stored over P.Os in an evacuated flask. Spectral
grade cyclopentane was used without further purification
except for degassing on a vacuum line. It was stored under
vacuum over “dri-Na” (J. T. Baker Chemical Co.). Tetra-
methylsilane was used without further purification.

Nmr samples were prepared by vacuum transfer of each
component into evacuated 5-mm nmr tubes. The tubes
were attached to the transfer lineso in such a way as to
permit the evacuated tube to be removed and weighed on
an analytical balance. Thus, the weight of each substance
in the sample was known. After the solution preparation
was completed, the evacuated sample was frozen with lig-
uid nitrogen and the tube was sealeds::. and pulled off the
vacuum system.

A Varian A-60 nmr spectrometer equipped with a vari-
able temperature probe was employed. The side-band
modulation method was used for determining chemical
shifts. The acetic acid methyl-TMS shift for the CC|4
samples was also measured. It was found to be virtually
constant (123 Hz) over the entire concentration range.
Because of the closeness of the methyl group and cyclo-
pentane resonances, only the acid proton to TMS shift
was measured for the cyclopentane samples. The temper-
ature of the probe was ascertained using either ethylene
glycol or methanol standards obtained from Varian Asso-
ciates.s:

The poor temperature regulation on the A-60 is most
likely the main source of error in the chemical shift mea-
surements. The chemical shift measurement is probably
accurate to +0.25 Hz. Therefore, if one considers a range
of 0.5 Hz to be experimental error, the r. for the 28 sam-
ples could have a value of up to 7.0 and still be within ex-
perimental error. All r : values were found to be with this
value.

Results and Discussion

Figure 1 shows the dependence of the acid proton chem-
ical shift on concentration at three temperatures in C |4
It is quite obvious that more than a simple monomer-cy-
clic dimer equilibrium must be present to give curves of
this complexity.

A minimum value for r: is not a sufficient boundary
condition to determine the appropriate values of the equi-
librium constants as several sets of k 's give r: within
that expected for the estimated experimental errors. Ad-
ditional criteria are then needed to determine the correct
set of k 's. These criteria are as follows: (1) a self-consis-
tent set of chemical shifts at all temperature (i.e., the
value of the chemical shift should be independent of tem-
perature, and therefore the same values should be derived
at all three temperatures); (2) the value of & should be
reasonably close to that indicated by low-temperature
chemical shift studies in cyclopentane (see discussion
below); (3) the value of An for the formation of a given
type of H bond should be independent of temperature. ss

2297

Figure 1. Dependence of acid proton chemical shift on mole

fraction in CCl14.Solid line shows least-squares fit.

TABLE I: Equilibria Constants

Temp, °C K. (mf) - 1 K,, (mf)-' Ke. (mf)“1
16.5 59.0 1130 3550
31.0 44.0 650 1850
40.0 37.5 475 1250
TABLE II: Enthalpy (kcal/mol)
AH 3.5
A Hi 6.6
AHC -8.0
TABLE I1l: Chemical Shift0
Temp, °C 5¢ 5. &
16.5 663 596 400
31.0 665 583 398
40.0 666 576 397
Av shift 665 585 398

“In Hz, downfield from CH3.

The values of the equilibria constants that meet these
criteria and best reproduce these curves are shown in
Table I. The values of A+, derived from the plots of In k
vs. 1/71, are shown in Table Il. These enthalpy of reaction
values should be considered as estimates since a rather
limited temperature range has been studies.

Previous studies have yielded both temperature-depen-
dentis 272554 and temperature-independent..:s values
for the chemical shift. The values of the chemical shifts of
the three types of protons present are listed in Table III.
The cyclic dimer has the greatest downfield shift, the in-
ternal protons are found upfield of the cyclic dimer, and
the end protons, not involved in H bonding, are found the
furthest upfield.

A plot of shift vs. temperature for several dilute sam-
ples in cyclopentane is shown in Figure 2. It thus appears
that one form of the acid (cyclic dimer) tends to predomi-
nate at low temperatures. This is in agreement with our
calculations which show that the amount of cyclic dimer
increases as the temperature decreases (see Figure 3). Un-
fortunately, the temperature was not accurately known at
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Tenmevre ((Q

Figure 2. Acid proton chemical shift vs. temperature in cyclo-
pentane. For cyclopentane samples CPT-1,2, 3.

Figure 3. variation of acid proton type with total mole fraction of
acetic acid.

the lower temperatures; thus, a reliable extrapolation can-
not be made. However, the fact that the three curves have
different slopes and converge at near the value predicted
for the cyclic dimer is indicative that the interpretation is
correct.

The variation of ¢, 1\, and /e with the mole fraction of
acetic acid at 16.5 and 40.0° is shown in Figure 3. As ex-
pected, upon dilution the average length of a polymer de-
creases; this is shown by the decrease in the fraction of in-
ternal protons. As more and more linear dimer is formed
(i.e., as the average length of the polymers approaches
two), more and more cyclic dimers will be formed from it
and therefore the amount of cyclic dimer will increase as
shown. Upon further dilution, the cyclic dimer will then
decrease forming monomers, with a corresponding in-
crease in end protons. This is more fully illustrated in
Figure 4 where the amount of each species present at 40°
is shown.

The question of the uniqueness of the values of the
equilibrium constants and chemical shifts must be consid-
ered. Unfortunately, the relationship between the ob-
served chemical shift and the equilibrium constants is
much too complex to permit the direct calculation of error
limits or correlation coefficientsss However, uncertainty
limits can be estimated from the change in the magnitude
of r 2 as the value of each equilibrium constant is varied.
From these data, we estimate that the uncertainty in the
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Figure 4. Per cent of various species relative to total mole frac-

tion at 40.0°, where % of xt = Xi/xa x 100: cyclic
dimer; — ee— MONOMETr;. .. , linear dimer; — e— | trimer;

,sum of species larger than tetramer.

Figure B. Beer's law plot of Infrared Intensity data of Barrows
and Yerger (ref 9) for acetic acid monomer and cyclic dimer
vs. the concentrations of monomer and cyclic dimer calculated
monomer (vertical scale is expanded by a
factor of 10); B, cyclic dimer.

from this model: A,

value of each equilibrium constant is about +10%. A
much more complete statistical analysis of the chemical
shifts can be carried out since the observed shift is a lin-
ear function of ¢, fu and /e (there are only two indepen-
dent variables since ¢ + fi + /e = 1). The correlation
coefficient for sc with <%bsd and (i with «0bSd have been
evaluated and found to fall within a range of 0.95 to 0.99.

It should be pointed out that one simplifying assump-
tion was introduced in order to make the quantitative
treatment feasible; that is, the equilibrium constant for
the addition of a monomer unit to a polymer chain is as-
sumed to be independent of chain length. This is obvious-
ly not a completely valid assumption but appears to be a
reasonable approximation since a good fit of the experi-
mental data is obtained at all temperatures and concen-
trations. The value of the polymerization equilibrium con-
stant that we obtain is, therefore, a weighed average of
the individual polymerization constants.

The second question that must be considered is that of
the validity of the model used in this work. The strongest
arguments in support of this model are that: (.) it takes
into account the previously identified hydrogen-bonded
species of acetic acid; and (. ) the calculations fit the ex-
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perimental data to within the limits of the accuracy of the
experimental results. Simpler models that have been used
have not adequately predicted the experimental facts.

A test of the validity of our model can be made by reex-
amining literature data obtained using a different type
experimental measurement. The infrared work of Barrows
and Yerger. was selected because all concentration data
needed for our calculations were given. The integrated
band intensities obtained by Barrows and Yergers are
shown in Figure 5 plotted against the monomer and cyclic
dimer concentrations calculated via eq 11 and 5. The in-
tensities follow Beer’s law over the entire concentration
range. Using a simple monomer-dimer equilibrium Bar-
rows and Yerger found it necessary to postulate a rapidly
changing equilibrium constant. This anomaly is obviously
a result of neglecting of the linear polymer.

Finally, the large discrepancy between the equilibrium
constant obtained by sonic relaxation measurements::
and infrared intensity measurementss can now be ex-
plained. The equilibrium constant obtained by sonic re-
laxation:. agrees well with the constant we obtain for the
addition of a monomer to a linear polymer. This is quite
reasonable since the monomer-polymer equilibrium has
the smallest A1 and would be expected to cause sound
absorption at the lowest frequency. Only qualitative
agreement should be inferred since the value of the equi-
librium constant depends upon the process assumed in its
calculation (monomer-dimer equilibrium was assumed in
the original work11).

Conclusion

It is quite evident then, that the presence of linear poly-
mers is a significant aspect of acetic acid solutions, even
at low concentrations, and should be taken into consider-
ation when interpreting experimental results.

It should also be noted that the proposed model is not
restricted to dilute solutions only, but it reproduces the
experimental shift vs. concentration curve (Figure 1) over
the entire range of concentrations and can be used suc-
cessfully to interpret previous unexplained results ob-
tained by other methods (e.g., see ref 9) quantitatively. It
also allows one to describe completely the system under
observation in terms of the exact amount of each species
present.
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The system of equations developed in the first paper of this series is successfully applied to the available
free energy data at room temperature for 227 pure aqueous electrolytes with one or both ions univalent.
The experimental data are represented substantially within experimental error from dilute solutions up

to an ionic strength varying from case to case but typically 6 m .

Where the data extend to high concen-

tration, three parameters are evaluated for each solute, but one of these has negligible effect and is omit-
ted if there are data only for the dilute range. This yields a very compact set of tables from which these
important and useful properties can be reproduced. These parameters will also be of importance in treat-
ing mixed electrolytes. A simplified graphical presentation is given for activity coefficients of 1-1 electro-
lytes. In most cases the new equations are fitted to the osmotic coefficient data as recommended by Rob-
inson and Stokes but for hydroxides, zinc halides, hydrogen halides, and a few other cases we have based
our evaluation on the original data from several sources. The implications of our parameters are also dis-
cussed in terms of solvent structure and interionic forces.

It is the twofold purpose of this research to represent as
compactly and as accurately as possible the very extensive
array of experimental data on the thermodynamic proper-
ties of single aqueous electrolytes at room temperature
and to interpret the resulting parameters in terms of
interionic forces. In the first paperl of this series (cited
hereafter as 1) the theoretical aspects were considered in
order to guide the selection of equations which reproduce
the measured properties substantially within experimental
accuracy, which are compact and convenient in that only
a very few parameters need be tabulated for each sub-
stance and the mathematical calculations are simple,
which have appropriate form for mixed electrolytes as well
as for a single solute, and whose parameters have physical
meaning as far as possible. Choices were made between
several possible forms of equations on the basis of accura-
cy of representation of the experimental data for several
solutes.

In this paper we present the results for single electro-
lytes which show no association. Also included are several
solutes which are said, on the basis of some properties,
usually conductance, to show some association, but whose
thermodynamic properties are fitted satisfactorily by the
same equations used for nonassociating electrolytes. In
later papers we expect to treat single electrolytes showing
moderate association as well as mixed electrolytes.

Equations and General Parameters

The equations chosen in | differ from those generally
used heretofore in several respects, but most important is
the ionic strength dependence of the second virial coeffi-
cient. This was shown to be justified theoretically by a
simple derivation in which the Debye-Hiickel radial dis-
tribution is substituted into the osmotic pressure equation
of statistical mechanics, although it was also noted that
the more complex theory of Mayer2 previously had indi-
cated such a dependence. This same simple derivation
also led to a different form for the long-range electrostatic
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term which was found to be empirically superior to the
conventional Debye-Hiickel form derived by a charging
process (instead of the osmotic pressure equation).

The pertinent equations for single electrolytes for the
excess Gibbs energy Gex, the osmotic coefficient ¢ and
the activity coefficienty are as follows

(Gex/n~rrT) = [ (X+ m22vytv\)B}A\G* +

2n3[2 (i'Mi/x)3/2]C MxGx (1)

A - 1 = \zuzy\f + ™

IN7 = \zmzx\P + m

L2 (i>mvx? 12

m " Cmxt (3)

where km and rx are the numbers of M and X ions in the
formula and zm and zx give their respective charges in
electronic units; also k = km + vx, while nw is the number
of kg of solvent and m is the conventional molality. The
other quantities have the form

f&X=-AMlib) In(1+ blm) 4)
jlz2
v x Ay ~ | fop/2 (5)
Jis2
= —a, +rin(l + b1
' 1+ bim b ( " (®)

u>]
8 MXCX = 12MX(©)

BmP = [?2MX0) + OMxme-allli (8)

Buxi1 = 2/?mx0 +

A~ L ~e-ai(l + a2 (|/2)E|2)] )
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¢ mxGx = (1/2)C mx* GO)
Cmx7 = (3/2)Cmx" )

Note that the superscripts Gx, <p, and y are labels (not ex-
ponents). Also 1 is the ionic strength, and is
the Debye-Hiickel coefficient for the osmotic function,
[V3(27rAiodw/1000)1/2(e2/DfeT)3/2], which has the value
0.392 at 25° for water. In order to maintain simple equa-
tions for mixed electrolytes, » must remain the same for
all solutes and in | the value 1.2 was selected; also the
value a = 2.0 was found to be satisfactory for all solutes
considered in this paper. For each substance the two pa-
rameters o m x 0) and f3nx(1) define the second virial coeffi-
cient and Cmx* defines the third virial coefficient which
is usually very small and sometimes completely negligible.
If necessary to fit unusual behavior, one could add to the
second virial coefficient further terms of the same form
but with different values of a and ., but this was not re-
quired for the present work.

The numerical factors, such as (2vmvx), multiplying the
second and third virial coefficients in eq 1-3 are needed in
order to retain the simple meaning that the virial coeffi-
cients represent the short-range interaction of pairs
and triplets of ions, respectively. In eq 2 and 3 the quan-
tities (2vmvx/v) and 2 (vmvx)*12/v are both unity for a sym-
metrical M X electrolyte. For convenience in working with
single electrolytes, we shall tabulate %/S(1>, and
(25/2/3)cip for ... electrolytes and the corresponding
quantities for other types, but these numerical factors
must be removed before the virial coefficients are used in
work with mixed electrolytes.

While eq 1-11 are quite simple and should be used by
anyone desiring accurate values of the thermodynamic
properties, we recognize that for many purposes a rough
estimate of the activity coefficient will suffice. Since we
shall see that there is a close relationship between o (1)
and o ,00 and that C ~is usually very small, one can make

% 0 i0)

a reasonably good estimate of the activity coefficient from
0io) alone. For this purpose we present a large graph with
curves of ; for various values of ¢« io) from which one can
visually interpolate values of the activity coefficient di-
rectly for . .. electrolytes.

Evaluation of Parameters

Robinson and Stokes critically reviewed the available
data in their classic papers and in the various editions of
their book. In most cases we have accepted the tables of
osmotic coefficients in the second (revised) edition of their
book3 and evaluated by least squares the best values of
0 {0], and C which are listed in Tables I-1X. Also
listed are the maximum molality for which agreement is
attained to 0.01 in < or for which data are available, and
the standard deviation of fit. In Tables 1V, V, VII, VIII,
and IX the data seemed less accurate, and the departures
from ideal behavior are greater; hence the allowable error
in 9 was increased to 0.02 (and to 0.03 for the 5-1 type
salt KsP: O10).

The last column in the tables gives the reference, three
to Robinson and Stokes book, or to a more recent litera-
ture source.4-60 The symbol “t” indicates that several ref-
erences are involved and these are identified either in the
text, in Table X, or in formulas in parentheses after the
journal citations. In the preceding column the letters a, b,
and c indicate high, intermediate, and low accuracy, re-

0'1-,

Table

HCL
HBr

H
HC10,
hno3
LiCl
LiBr
Lil
LicH
LiCIOu
Li NO2
Li NO3
NaF
NaCl
NaBr
Nal
NeOH
NaC103
NaClou
NaBro3
NaCNS
NaNO02
NaN03
NaH2PO
NaH2AsO,
NaB02
NaBF,
KF

KCL
KBr

KI

KOH
KC103
KBro3
KNS
KN02
kno3
kh2po.
KHAsO,
KPtF6
RoF
RbCl
RbBr
Rbl
RbNO2
RbNO3
CsF
CsCl
CsBr
Csl
CsOH
CsNO3
CsNO02
AgNO03
TicC10,
tino3
NH,C1
NH,Br
NH,C10,
nh, no3

Table 11I:

Li Acetate
Na Formate
Na Acetate

Na Propionate
NeH Malonate
NeH Succinate
NeH Adipate
K Acetate

KH Malonate
KH Succinate
KH Adipate

Rb Acetate

Cs Acetate

T1 Acetate

Tabl

Me,NF
Et,NF
Pr,NF
Bu,NF
Me,NCI
Et,NCI
Pr,NCI
Bu,NCI
Me,NBr
Et,NBr
Pr,NBr
Bu.NBr
Me,NI
Et,NI
Pr,NI

I:  Inorganic Compounds of 1-1 Type.

0.1775
.1960
.2362
1747
1119
.1494
1748
.2104
.015
1973
.1336
.1420
.0215
.0765
.0973
1195
.0864
.0249
.0554

-.0205
.1005
.0641
.0068

-.0533

-.0442

-.0526

-.0252

.08089
.04835

.0569
.0746
.1298
-.0960
-.1290
.0416
.0151
-.0816
-.0678
-.0584
-.163
1141
.0441
.0396
.0397
.0269
-.0789
.1306
.0300
.0279
.0244
.150
-.0758
.0427
-.0856
-.087
-.105
.0522
.0624
-.0103
-.0154

Salts

0.1124
.0820
1426
.1875
.0229
.0354
.0472
.1587

-.0095
.0111
.0419
.1622
.1628
.0082

e Il

0.2677
.3113
4463
.6092
.0149
.0336
.1065
.2058

-.0363

-.0457
.0108

-.0558
.0345

-.1930

-.2839

el

0.2945
.3564
.392
.2931
.3206
.3074
.2547
.373
.14
.3996
.325
.2780
.2107
.2664
2791
.3439
.253
.2455
.2755
.1910
.3582
.1015
.1783
.0396
.2895
.1104
.1824
.2021
.2'22
2212
.2517
.320
.2481
.2565
.2302
.015
.0494

-.1042
.0626

-.282
.2842
.1483
.1530
.1330

-.1553

-.0172
.2570
.0558
.0139
.0262
.30

-.0669
.060
.0025

-.023

-.378
.1918
.1947

-.0194
.1120

c* m
0.00080 6
.00827 3
.0011 3
.00819 5.5
.0010 3
.00359 6
.0053 2.5
- 1.4
- 4
.0008 3.5
-.0053 6
-.00551 6
— 1
00127 6
00116 4
.0018 3.5
.0044 6
.0004 3.5
-.00118 6
.0059 2.5
-.00303 4
-.0049 5
-.00072 6
.00795 6
- 1.2
.0154 4.5
.0021 6
.00093 2
-.00084 4.8
-.00180 5.5
-.00414 45
.0041 5
- 7
- 5
-.00252
.0007
00660 8
- 8
- 2
- 5
-.0105 5
-.00101

-.00301
-.00436

-.00003

.002
.001
.001
.002
.006
C
.002
.003
.001
.001
.001
.001
.001
b
.001
.001
.001
.001
.005
.001
.003
.001
.004
.006
.001

.0005

.001
.001
b
.001
.001
.001
.003
.001
.003
.003
.001
.002
.001
.001
.001
.002
.001
.002
.002
.002
.001
b
.002
.004
.001
.001
.001
.001
.001
.004
.001

,
@
s

=
wﬁowwwwbwﬁwwﬁwwbwwwwmwwwﬂwwwmww"wmmwwwbwwwwﬁwwwwwbwﬁwwwwwﬁﬁﬁ

of Carboxylic Acids (1-1 Type).

0.2483
.2872
.3237
.2789
.1600
.1606
.3168
.3251
1423
.1564
.2523
.3353
.3605
.0131

-.00525
-.00523
-.00629
-.01277
-.00106

.00040

-.00551
-.00555
-.00127

.001
.001

Tetraalkylammonium Halides

0.2265
6155
4090
402

-.083

-.153

-.354

464

-.201

-.448

-.826

-579

-.585

599

-.863

0.0013
.0349
.0537

-.0281
.0057
.0084
.0098

-.0588
.0084
.0135
.0078

-.0010

NN

ONOPRRRWNNWWRLRNNW®
(NG N

w o,

.0401

o

See text for meaning of a, b, ¢, t.

.002
.002
.002
.005
.005
.002
.002
.001
.004
.001

.003
.007

.003

.007

.005

WWWwWwWwwwwwowwwww
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Table IV: Sulfonic Acids and Salts (1-1 Type)

. . Table VI: Inorganic Compounds of 2-1 Type (Continued)
(SA = sulfonic acid; S = sulfonate)
Max. 4 RO) 4 22 rO Max.
B<®) 6(1> c* m 0 ref. 38 3 3 L m o ref
Methane SA 0.1298 0.629 0.0052 4 - 40 uoe i 0.5698 2 192  -.06951 2 001 3
Li methane S 1320 271 -.0030 4 - 40 W2 C10,)2 8151 2 859 .04089 25 .003 3
Na methane S 0787 274 -.0024 4 - 40 W2(NO ). 6143 2 151  -.05948 2 .002 3
K methane S .0581 165 -.0046 4 - 40 Li2son 1817 1694 -.00753 3 .002 3
NH, methane S 0661 191 -.0041 4 - 40 Na?S0u 0261 1484 .00038 4  .003 3
ME*N methane S 1458 168 -.0043 4 - 40 Na25,0, 0882 1701 .00705 35 .002 3
EUN methane S 1548  .090 -.0034 4 - 40 Na2CrOi, 1250 1826 -00407 2  .002 3
BUUM methane S 3145 235 -0392 4 _ 40 Na2C03 2530 1128 -.09057 15 .00L 3
Ethane SA 536 341 -0056 4 _ 20 Na2HPo, -.0777 1 954 0554 1 002 3
Li ethane S 1799 319 -.0118 4 - 40 NazHAs 04 0407 2 173 .0034 1 001 3
Na ethane S 1316 .374 -.0082 4 - 4 K2s0, 0666 1 039 = 07 .002 3
K ’ . _ K2Cro, 1011 1652 -.00147 35 .003 3
ethane S .0965 .250 .0074 4 40
NFU ethane S 1142 179 -.0114 4 - 40 K2Pt(CN), 0881 3164 .0247 1 .005 53
MeW ethane S 1796  .083 -.0116 4 - 40 ke HPOy 0330 1699  .0309 1 .002 3
EUN ethane S 1805  .075 -.0040 4 - 40 K2HAs04 1728 2198 -0336 1  .001 3
BUN othane S ‘1827 445 -0374 4 _ 20 Rb2S0,, 0772 148  -00019 18 .001 3
Benzene SA 0526 445 0036 5 002 41 €250, 1184 1481 -01131 18 001 3
Li benzene S 1134 466 -.0075 4.5 .002 41 (\H ) 2505, 0545 0 878  -.00219 55 .004 3
Na benzene S .0842 351 -.0181 2.5 .001 41 cis JCo(en) 2nh3no2] (NOs)2 -.0928 0 271 - 06 .002 54
p-toluene SA 0366 281  .0137 5 002 3 tr. "Co(en) 2NHBNOz] (NOj)2 -.0901 249 8 .002 54
Li p-toluene S 0189 399 0046 4.5 .004 3 cis JCo(en) 2nh3no2; CI2 -.0327 684 0121 28 .005 54
Na p-toluene S 0344 396 0043 4 003 3 tr. Xo(en) 2nh3no2; Cl2 0050 695 0066 2 4 .005 54
K p-toluene S ..0985 453 0122 3.5 .002 3 cis 'Co(en) 2nh3n02§ Br2 -.1152 128 .0158 1 .004 54
2.5 Mezbenzene SA  -0965 141 0210 4.5 .01 3 tr. ICo(en) 2nh3no2 Br2  -.0912 424 0223 2 4 .005 54
Li 2,5 Mezbenzene S -.0098 361  .0039 3.5 .002 41 ¢is 1Co(en) 2nh3no2; IS -1820 594 - 06 .004 54
Na 2.5 Mezbenzene S -.0277 228  — 1 ‘005 41 tr. 'Co(en) 2nh3no2; |, -1970 1 003 -— 3 .003 54
p-Et benzene SA -1736 435  .0383 2 .007 3
Li p-Et benzene S -1438  .804 0317 5 01 41,42 .
Na p-Et benzene S .2240 895 0355 2.5 .01 41,42 Table VII: Organic Electrolytes of 2-1 Type
Mesitylene SA -.2209 .248 0432 2 .01 41 . .
Li Mesitylene S -.1998 871 0456 2 004 41 (SA - Sulfonic acid; S = Sulfonate)
Na Mesitylene S -.2018 767 — 1 003 41 )
m-Benzenedi SA 0.5611 2.637 -.0463 1.6 .004 55
Li2 m-Benzenedi S 5464 2.564  -0622 2.5 .004 55
Na2 m-Benzenedi S 3411 2698 -.0419 3 004 55
Table V: Additional 1-1 Type Organic Salts 4,4'bibenzyldi SA 1136 2.432 0705 2 01 3.t
Li2 4,4'bibenzyldi S 1810 1.755 0462 1.2 .007 55
Choline d 0457 -196  .0008 & 004 43 Na2 4,4'bibenzyldi S 0251 1.969 - 04 01 55
Choline Br -.0066 -.227 0036 6  .004 43 Na2 fumarate 30821203 -.0378 2 .003 3
Me3BzNGI 0821 178 0162 3.5 o1 P Na2 maleate .1860 0.575 -.0170 3 004 3
Me3BzNBr -1517 -545 0187 3 01 43
Me20EtBzNCI -.0879 -343 0134 4 01 43
Me20EtBzNBr -1518 -.778  .0177 3 01 43 Table VIII: 3-1 Electrolytes
(HOCzZHUMF 0938 128 -.0030 4 001 44
(HOC2HAKNBr -.0474 -259 0106 3 002 44
Me3SCl 0314 -184  .0023 6 005 45 3.(0) 1:0) 3z r4& Max
Me3SBr 0228 -.245 0044 6  .004 45 28 2 2 L m o ref
Me3S| -0601 -.604 0006 3 01 45
BU3SCH 0726 -245 -0099 6 o1 P A1C13 1.0490 8.767 0071 1.6 .005 3
BU3SBr 0803 -616 0053 & 01 45 srci3 1.0500 7.978 -.0840 1.8 .005 3
YC13 0.9599 8.166 -.0587 1.8 .007 3
LaCl 3 9158 8231 -.0831 1.8 .007 3
CeCl 3 9187 8227 -.0809 1.8 .01 3
Table VI:  Inorganic Compounds of 2-1 ‘Type. Prcl 3 .9030 8.181 -.0727 2 .006 3
Ndcl 3 9175 8.104 -0737 1.8 .007 3
smel 3 9330 8273 -.0728 1.8 .01 3
i B(0) i R(D 2£rdD Max EucCl 3 9370 8.385 -.0687 1.8 .007 3
36 3R 3 u m o ref crcl 3 1.1046 7.883 -.1172 1.2 .005 3
Cr(NOj)s 1.0560 7.777 -1533 1.4 004 3
MgCl 2 0.4698 2.242 0.00979 4.5 .003 3 Ga(C10.)j 1.2381 9.794 0904 2 008 3
MgBr2 5769 2.337 00589 5 004 3 InCl 3 -1.68  -3.85 - 001 --- t
Mla 6536 2.4055 01496 5 003 3 Na3Po, 2672 5777 -.1339 0.7 .003 3
Mg(C10,)2 6615 2.678  .01806 2 .002 3 Na3AsO, 3582 5.895  -.1240 0.7 001 3
Mg(NOa) 2 4895 2113 -.03889 2 003 3 K3PO, 5594 5.958 -.2255 0.7 .001 3
CaCl 2 4212 2.152 -.00064 2.5 .003 3 Kz P30s 4867 8.349  -.0886 0.8 .004 60
CaBr2 5088 2.151 -.00485 2 .002 3 K3AsOU 7491 6511  -.3376 0.7 001 3
Cal2 5839 2.409 -.00158 2 .001 3 K3Fe(CN) 6 5035 7121 -1176 1.4 003 3
Ca(C104)2 6015 2.342 -.00943 2 .005 3 K3Co (CN)6 5603 5.815 -.1603 1.4 .008 3
Ca(N03)2 2811 1.879 -.03798 2 .002 3 Co(en)sCls 2603 3.563 -.0916 1 003t
SrCl 2 3810 2.223 -.00246 4 003 3 Co(en)s(NOs) 3 1882 3.935 - 0.3 .01 58
SrBr2 4415 2282 00231 2 001 3 Co(en)s(C104) s 1619 5.395 - 0.6 .007 59
srl2 5350 2.480  .00501 2 001 3 Co(pn)s{CIO. )3 2022 3.976 — 0.3 .003 58
sr(C10,)2 5692 2.089 -.02472 2.5 .003 3
Sr(N03)2 1795 1.840 -.03757 2 002 3
BaCl2 .3504 1,995 -.03654 1.8 .001 3 Table IX: 4-1 and 5-1 Electrolytes
BaBr2 4194 2,093 -.03009 2 001 3
Balo 5625 2.249 -03286 1.8 .003 3 s ,(0) R(1 16 f$ Max.
Ba(0H)2 229 1.60 — 01 36 4-1 Solute 58 NS m o ref.
Ba(C10,)2 4819 2101 -.05894 2 003 3
Ba(N03) 2 -.043  1.07 — 0.4 001 3 Then 1.622 21.33 -3309 1 006 3
MCl 2 4363 2.067 -.03865 2.5 .003 3 Th(N03). 1.546 1822  -5906 1 01 3
FeCl » 4479 2.043 -01623 2 .002 3 Na”rOv 0.699  17.16 - 0.2 01 60
G Cl2 4857 1.967 -.02869 3 004 3 Ki*P2 07 977 17.88 -2418 05 o1 60
CoBr2 5693 2.213 -.00127 2 .002 3 K.Fe(CN)s 1021 1623 -5579 0.9 .008 3
Gl 695 223 -.0088 2 01 3 K.Mo(CN), 0.854 1853 -.3499 o.s .01 3
Co(N03)2 4159 2.254 -.01436 5.5 .003 3 K.W(CN)e 1.032  18.49  -.4937 .005 53
NiCl 2 4639 2,108 -.00702 2.5 .002 3 Me.NMo(CN)a 938 1591 -3330 1.4 01 53
cucl 2 4107 1.835 -.07624 2 003 3
Cu(N03)2 4224 1,907 -.04136 2 .002 3
ZnCl » 3469 2,190 -.1659 1.2 .006 t 5,0) SRi) sz o
ZnBr2 6213 2.179 -2035 1.6 .007 t 5-1 Solute 38 A 3 L
Zn12 6428 2.594 -.0269 0.8 .002 t
Zn(Cl0*)2 6747 2.396 02134 2 .003 3 NaisP3 0 10 1.869 36.10 -1.630 0.4 .01 60
Zn(N03) 2 4641 2255 -.02955 2 .001 3 KsP3010 1.939 3964 -1.055 0.5 .015 60
Cd(N03) 2 3820 2.224 -.04836 2.5 .002 3
Pb(C10i*)2 4443 2.296 -.01667 6 .004 3
Pb(N03) 2 -.0482 0.380  .01005 2 002 3 See text for meaning of a, b, c, t
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TABLE X: Standard Potentials of Cells

Cell E° Ref
H2[HCI(m) |AgCI, Ag 0.2224 12
0.2232 13
H2|HCI(m )|Hg2CI2, Hg 0.2681s 14
H2|HBr(m) lHg2Br2, Hg 0.1392 15
H2|HBr(m) |AgBr, Ag 0.0710 16, 17
0.0709 18
H2[HI(/77) 1Agl, Ag -0.1522 20
Zn, HglznCl2(m) |AgCl, Ag 0.9845 46
Zn, Hg|ZnBr2(m) 1AgBr, Ag 0.8333 49
Zn, Hg1Zn12(m)|Ag 1, Ag 0.6097 51
In|IncI3(m) |AgCl, Ag 0.5600 57

spectively, in cases where some or all of the experimental
data are other than isopiestic measurerments.

In evaluating parameters, various weighting schemes
were used in order to fit the experimental points within
their estimated uncertainty to as high a concentration as
possible.

In a number of cases the basic data are not isopiestic
measurements but rather cell potentials. Ordinarily we
then used these experimental potential values to evaluate
our paraneters in a manner that also alloned readjust-
ment of the standard cell potential. The resulting stan-
dard cell potentials are given in Table X.

Occasionally there are data of several types available for
a given solute, and in several cases special procedures
were used giving appropriate weights to various data in
obtaining best values of the parameters.

The third virial coefficient is omitted in cases where the
experimental data do not extend to high enough concen-
tration (usually 2 M) to require that term Additional de-
tails and comments on these evaluations are given else-
where.6L

The present values supercede those given in paper |, al-
though there is no significant difference (after an inadver-
tant error is correctedl).

Hydroxides

In contrast to most other cases there are special dif-
ficulties in obtaining reliable values of activity coefficients
for hydroxides. Data from two types of galvanic cell are
available.

A Pt,H, MOH(m") Mwg] MOH(m") H2 Pt
B Pt, H: [MOH(ma)MX(mb)]AgX, Ag

where M*Hg indicates an amalgam electrode in cell A and
X indicates either Cl or Brin cell B.

Amalgam electrode cells were employed by both Hamed
and Akerlof and their respective collaborators. Although
the amalgam electrodes are troublesome, these investiga-
tors have used them successfully in other types of cells
where the results can be checked from independent
sources. The reaction for cell A involves transfer of solvent
as well as solute, hence the equation for the potential in-
cludes both the activity and osmotic coefficients

y"m? '
E. E 2In—y ﬁT +0.036(M'V// —m v (12)
Since both activity and osmotic coefficients can be ex-
pressed in termms of /3I0> f)a), etc, we have evaluated
these quantities directly by least squares from the original
cell potentials. The values for Li, Na, K, and Cs hydrox-
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Figure 1. Cell potentials tor NaOH-NaCl solutions; see eq 15
and accompanying text for details.

ides presented in Table | come from measurements of
amalgam cells but with weighting of data influenced by the
measurements of type B cells as discussed below. In the
case of sodium hydroxide, the isopiestic measurements of
Stokes24 were used along with cell potentials.

In 1955 Guggenheim and Turgeon showed that, with
certain assumptions, the activity coefficients of these hy-
droxides could also be evaluated from the existing mea-
surements of cells of type B. Since the solutions in these
cells are mixed electrolytes, the analysis in gereral in-
wvolves additional terms for the interaction of ions of like
charge, but Guggenheim and Turgeon accepted Br'nsted's
principle of specific interaction and ignored these terms.
We now have good evidence that such terms are not negli-
gible; hence, we must develop equations for these cell po-
tentials on an adequate basis. Hrst we express the poten-
tial for acell of type B

E = FE° Inky, — 0.036(<Pm) — I N-=-mmmmmv In

F ma "V,,u- _
'(13)
where m = ma+ nb and Kw is the ionization constant for
the solvent. Since we shall confine our use of data from
this type of cell to solutions below 0.3 M, we shall ignore
terms related to the third virial coefficient. Also the os-
motic coefficient may be estimated with nore than suffi-
cient accuracy for the small term 0.036(jpm). The activity
coefficient term may be expanded by substitution of ei-
ther eq 41 and 42 or of 23, 27, 28, and 32 of paper | to
yield
In (Tx™Toh = 2m{(BMX7 — B MX ) —

(Bmohl - Bmoh") + (2y -1)0x,on (14)
wherey = rrialm and terms in C and p have been dropped
as indicated above. Also we note that By — = B&as
defined ineq 56 of | or eq 7 of this paper.

For the particular casey =  which requires ma = nb,
the last term in eq 14 disappears; then we can write

[INnK,, - 0036(~M) + 2m(BMHX- Bmx’X] (15)

Roberts26 measured cells of type B with NaCl-NaOH so-
lutions and ma = mb- His results are shown in the upper
portion of FHgure 1. The solid lire is calculated from the
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values of ({0 and /(i derived for NaOH from the data of
Akerlof and KegelesZr for type A cells together with
isopiestic data (above 2 M) and parameters for NaCl from
Table I. Type A cells with NaOH were also measured by
Harmed and Hecker28 and their results lead to the dashed
line on Fgure 1 It is apparent that the Akerlof and Ke-
geles cune agrees satisfactorily with the data of Roberts
whereas the Harned and Hecker cunve departs significant-
ly in this concentration range. It did not seem worthwhile
to attempt to improve the constants evaluated from Aker-
lof and Kegeles' data, and they are included in Table | for
NaOH.

The remaining series of experiments with type B cells
all hold ma fixed, usually at 0.01 M, and vary mb- The re-
sults of Harmed and Manmweiler® for NaOH-NaCl solu-
tions are shown in the loner portion of FHgure 1 In these
experiments ma = 0.01 M; hence the value of E' at m =
0.02 M should agree with that of Roberts. The difference
of 0.5 mV seens large, and standard cell calibration errors
appear to be the only plausible explanation. Our primary
interest, however, is in the slopes of the curves, and the
difference in slopes gives the value of oci,on. This may be
seen by substituting eq 14 in 13 The result from Fgure 1
is#ci.on = —0.047.

For the other alkali metals it seems best to consider the
difference in potential for a given cell of type B from that
of the corresponding cell with NaOH-NaCl or NaOH-
NaBr solution of the same ma and nb. This has the effect
of cancelling the term in oci,on OF Ovi-onh- IN Most cases
there are experimental potentials from the same laborato-
ry for each cell of the pair but there is no difficulty in
interpolating the values for the sodium cells when neces-
sary. The difference in potential for such apair of cells is

£rrar — (16)

if we substitute the appropriate expressions cited above
for the activity coefficients, we obtain
"TB mohg* + 5 = - Env)+
m (R MCIGx + 5 s aOHGx -BNaCIGX) (17)
Here we have added a term 5 to allow for the possibility of
small differences in standard cell calibration between se-
ries of experiments carried out of different times, such as
apparently arcse in the experiments with NaOH-NaCl, or
for differences between the AgX,Ag electrodes used in dif-
ferent series. Presumably 5 is a very small constant for
any series. The paraneters for the alkali halides are taken
from Table 1. The results, which are discussed in detail
elsewhere,® yield good agreement with data from type A
cells for KOH and CsOH. There are small but trouble-
some conflicts among data for LiOH and further experi-
ments are needed to resolve them

The data3® for type B cells with Ba(OH)2-BaCl2 solu-
tions were also evaluated by equations modified as re-
quired for the double charge on the cation.

Behavior of Second Virial Coefficients

The values of /30 and 0n) are plotted in Fgures 2-5.
Considering first FHgure 2, we note that the values for
most inorganic salts, acids, and bases of 1-1 type fall in a
rather narrow band. This is not unexpected since d10 and
d(@ depend on the same properties of the ions and the sol-
vent although we shall see that these properties are
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Figure 2. The relationship of H]) to d(() for 1-1 electrolytes.
Inorganic solutes appear as circles and carboxylate salts as tri-
angles.
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Figure 3. The relationship of /?I1) and /3(0) for organic electro-
lytes of 1-1 type. Sulfonates and sulfonic acids appear as cir-
cles and tetraalkylammonlum halides as triangles. The dashed
curves here show the region similarly designated on Figure 2.

weighted somewhat differently for the two parameters.
Careful consideration of several solutes where measure-
ments are precise and numerous indicates that the small
but finite range of da) values for agiven/T°> is real.

The organic electrolytes in FHgure 3 and the higher va-
lence types in Fgures 4 and 5 show greater scatter but a
clear trend of /3) with /30 is still apparent. These rela-
tionships are considered further in the Discussion.

A Convenient Approximation

For many purposes only a rough estimate of an activity
coefficient is needed. Since d(1) has been shown to be de-
termined within rather narrow limits if d(Q is known and
the effect of the third virial coefficient is small, a conve-
nient approximation becomes possible. Figure 6 shows the
activity coefficient as a function of molality for 1-1 elec-
trolytes for a series of values of d(0)- In each case d(1) wes
given a value in the middle of the band in Hgure 1, and
C* was neglected.
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Figure 4, The relationship of /3<1) to /L0l for 2-1 electrolytes.
Inorganic solutes appear as circles while those with organic
groups as triangles.

Figure B.The relationship of /21" to /2°01 for 3-1 electrolytes.

By taking the value of o {0) from Tables I-V and inter-
polating between the appropriate curves on Figure 6, one
can read directly an approximate value of the activity
coefficient for any 1-1 electrolyte.

Similar graphs could, of course, be prepared for higher
valence types, but the more extreme departures from
unity of these activity coefficients reduces the utility of
this procedure. Hence such graphs are omitted.

Discussion

First it is interesting to note that the equations, origi-
nally selected on the basis of their effectiveness in repre-
senting the properties of 1-1 and 2-1 electrolytes, proved
to be equally effective for 3-1, 4-1, and even 5-1 type so-
lutes. While the maximum molality values are lower for
the high valence types, the maximum ionic strengths are
about the same as for 1-1 and 1-2 solutes.

Let us now turn from our emphasis on convenient and
accurate representation of data for thermodynamic pur-
poses to the interpretation of the results in terms of inter-
ionic forces. In | it was shown that s v is a second virial
coefficient arising from short-range forces between pairs of
ions although its interpretation is complicated by the
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Figure 6. Activity coefficients for 1-1 electrolytes by the approx-
imate method. The value of d (0) for each curve Is Indicated.

presence of the term for long-range electrostatic forces and
the ionic strength dependence of the radial distribution
functions. Thus much of the discussion will be qualitative
in nature.

The second virial coefficient may be either positive or
negative depending on the net predominance of repulsive
or attractive short-range forces, respectively. Also the sec-
ond virial coefficient for an electrolyte is a weighted mean
of the interactions of pairs of ions with signs + +, + -,
and--—-- , and it was shown in | that the relative weighting
of + - interactions is greatest at low ionic strength. At
higher ionic strength, the ++ and — terms become more
important but never equal to the weight of the + - inter-
action. Since multiply charged ions of the same sign will
rarely approach one another closely, we can expect that
the ++ or — terms for such ions will be even smaller
than for singly charged ions of the same sign and same
size.

In view of this difference in weighting of + — compared
to ++ and — interactions, it is possible to determine
two parameters for the short-range binary interactions of a
single electrolyte (but only two). In our formulation these
are d(© and d(1)- Ramanathan and Friedman63 included
more parameters in their model but, in accordance with
these ideas, found that only two could be evaluated from
osmotic or activity data and that any others had to be set
to zero or to some other arbitrary value unless they were
known from different sorts of measurements.

The simplest molecular model presenting effectively
two parameters is one of rigid spherical ions of varying
size. The thermodynamic properties depend primarily on
the sum of radii for unlike ions (r + + r _) but there is a
secondary dependence on the absolute magnitude of the
difference \r+ — r_\. The excluded volumes depend on
the cubes of the distances of closest approach; hence, we
expect a larger repulsive effect for like-charged ions when
there is a difference in size. Rasaiah and Friedmané4
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TABLE XI: Rigid Sphere Models

.
R- A B a /S0

2.90 1.64 0.1043 0.0200
2.90 0 0.0773 0.0497
2.76 08 0.0734 0.0188
4.6 0 0.3221 0.1431
4.6 10 0.3506 0.1063

made statistical calculations for this model, and we evalu-
ated our parameters to fit several of their examples; the
results are in Table XI and pertain to agueous solution at
room termperature. We see that for constant (r+ + r-) a
shift from equal to unequal sized ions increases /30 and
decreases d(1); thus it moves a point on FHgure 2 down
ward and to the right. While no combination of the avail-
able examples corresponds exactly to a change of {1, with
d©O constant, the conparison of the third line with the
second line of Table XI approaches this case and indicates
the approximate reduction in (R+ + /?_) required for a
particular increase in R+ —R -\

While it is formally possible to discuss the parameters
we have obtained for real electrolytes in terms of ionic
hard-core radii, this does not seem promising. The ambi-
guiity between the radius of the sinple ion and the solvat-
ed ion is well known Also there seens to be no correlation
of the parameters in Table | with the expectations based
upon ionic radii determined from crystals.

In their model for the intemmolecular potential Ramana-
than and FriedmanG3 assumed electrostatic and repulsive
terms based upon independent knowledge of charges and
of radii in crystals and then evaluated enpirically coeffi-
cients of a term, first introduced by Gurney,& which can
be considered to represent the net effect of solvation, dis-
persion forces, and any other effects of similar range. Cur
results support this general concept that the second virial
coefficients for electrolytes are best discussed in ters of
a combination of repulsive radii determined from crystals
or other sources and slightly longer range forces which
arise from solvation effects, from dispersion forces, and in
some cases also from such other effects as would arise
from permanent dipoles or multipoles (for example, with
OH or N03). The contribution of each of these various
types of short-range forces to ++ and —  interactions
will not follow the same relationship as its contribution to
+- interactions;, hence /3() will not be exactly deter-
mined by /3(0)- But the relationship is complex, and we do
not expect any sinple pattem related to ionic size.

In FHgures 2-5 we have noted that in each case the
points for most solutes fall in a band with positive slope;
this indicates that these short-range forces follow similar
pattems for ++ and — as compared to + - interionic
interactions. In some cases the points outside these bands
are individually labeled. Thus in FHgure 2 the point for
RbNo2 falls below the band while the points for other ni-
trites are within but near the loner boundary of the band.
Since these data for nitrites do not appear to be of very
high accuracy, it is probable that RbNO2 is not really
anomalous. The results for all nitrites, however, indicate
nore repulsive or less attractive forces between pairs of
nitrite ions than is typical for most anions. Corresponding
statements can be made about the labeled points above
the band with the conclusion that like ion interactions are
less repulsive or nore attractive than normal for Bro3-,
ClO3", and HeAs0 4 ~=

TreJourdl of Fhysical Creristry, \4. 77, Na. 19 1973

Kenneth s. Pitzer and Guillermo Mayorga

It is not surprising that the magnitude of these effects is
greater for the salts involving large organic groups shown
in Fgure 3. For the electrolytes involving multiply
charged ions in Fgures 4 and 5 it is surprising that the
points farthest from the principal band involve only the
very common univalent ions Na+ and K+ which cannot
be the cause of the deviation since most salts with these
ions are nomal. Thus the short-range forces between
pairs of multiply charged ions must be responsible. In all
cases the ions are polyatomic with the negative charge
distributed among several peripheral atoms; hence it is
not too surprising that they approach one another close
enough for short-range forces to have sone effect.

The location of a given point along the band for that
type of electrolyte is, of course, the more important factor,
and it will be discussed in termrs of the value of /3(0). This
quantity is determined prinmarily by the short-range forces
between ions of opposite charge. Our results show various
trends of interest, but many of these have been discussed
previously by Gumeyt and Frankes among others. These
authors emphasize a classification of both cations and an-
ions with respect to a tendency to enhance or to disrupt
the solvent structure. Then it is shown that the activity
coefficient curves, or our f3 values, are the higher the nore
dissimilar are the ions in this respect and the lower the
nore similar they are.

We find that the multiply charged cations are readily
added to this system Then the most “structure-making”
ions are the smaller multiply charged ions with the se-
quence Mg2+, Ca2+, Sr2+, Ba2+, Li+, Na+, K+ continu-
ing to the “structure-breaking” ions Rb+ and Cs+. The
corresponding anion sequence is OH-, F-, CI-, Br-, I-,
Cl04- wherein we have added perchlorate as the most
“structure-breaking” ion to those usually given heretofore.

The divalent ions Zn2+, Mg2+, Ca2+, and Sr2+ each
have /2 values in increasing order for CI-, Br- ,T- , and
ClIO4- : while for Ba2+ as for Li+ the values for Cl04-
drop between Br- and I- . For other simple divalent cat-
ions the data are less extensive but there seens to be no
contradiction of this pattern. The complex but compact
ion U022+ also follons this trend, but large cobalt com
plex ions show the opposite sequence and may be classi-
fied as “structure breakers.”

When ore ion is of intermediate character, for example,
Na+ or K+, then the sequence may be irregular. For po-
tassium there is a smooth trend of dt) from OH- down
through F- to Cl- and then back upward for Br- and I- .
But for sodium, the hydroxide and perchlorate both take
intermediate values. Hydrogen ion in strong acids is a
“structure maker” with properties close to those of Li+.
The sulfate ion appears to fall between F- and CI-; its
d©O values drop from Li+ to Na+ and then rise through
K+, Rb+, and Cs+.

The /30 values for nitrates are relatively low in all cases
regardless of the structure making or breaking character
of the cation. This suggests sone tendency toward ion
pair formation as is also indicated by spectroscopic data
in several cases. Lemley and Plane6/ report a particularly
conplete spectral study for zinc nitrate while Peleg re-
ports a similar study of magnesium nitrate; these authors
refer to work on other nitrates.

The electrolytes involving ClOs-, Br03-, H:PO.-,
H:AsCx-, B02-, BF4-, and PF.- all have low /3(0)
values, but data are available for only one or two cations
in most cases. Presumably these large anions are structure



Thermodynamics of Electrolytes

breakers and in addition tend toward ion pair formation
as do nitrates. Nevertheless, their behavior is well repre-
sented by or equations, and it is not necessary to assume
incomplete dissociation.

It has been noted previously that acetate is a weak
“structure maker,” and our results agree. The values for
nitrite follow those for chlorides rather closely; hence ni-
trite is a weak “structure breaker.” The electrolytes in-
volving large organic ions have been measured recently,
and the papers presenting these results are accompanied
in most cases by discussions making use of recent theory;
hence we shall not comment further on these cases.

Bromley69 has independently developed a system of
representation and estimation for activity coefficients of
strong electrolytes, and we have enjoyed discussions with
him. His system, although developed simultaneously, may
be described as a simplification of the present system.
The third virial coefficient is omitted, and the second vir-
ial coefficient is modified into a form, still dependent on
ionic strength, but with a single parameter 8. This is, in
effect, a relationship between our j3a]; and /3]0). He further
shows that his 8 values can be approximated from two
parameters for each ion 8 m and om or B x and sx by the
equation

B = Bm+ Bx + ombx
Structure-making cations have positive 5m while structure
breakers have negative 5m. For anions the signs are re-
versed with structure makers having negative ox, and the
struture breakers having positive 5x. Thus the last term
gives the effect just discussed in which 5m5x is the more
positive the more dissimilar are pairs of ions with respect
to this quality and is negative for pairs in which both ions
have the same characteristic (either structure making or
structure breaking).

Although less accurate than our equations, Bromley’s
system is quite effective and will be useful for many pur-
poses. He also compares his results with a somewhat simi-
lar system of Meissner and Tester.62

Electrolytes of the 2-2 type and others involving ion
pairing will be treated in a subsequent paper. Also we are
proceeding to calculations for mixed electrolytes based
upon the constants here obtained; indeed the convenience
of our equations as applied to mixed electrolytes was a
primary incentive for this work.
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When type Y zeolite is exposed to Na vapor and subsequently to oxygen, Na43+ centers and 02*“ radicals
are formed. Cu(ll) and Ni(ll) ions exchanged into type Y zeolite undergo electron transfer reactions with
absorbed NO and NO:. gases. These observations are discussed in terms of the ionizing power of the zeo-
lite originating from the spacious and asymmetric arrangement of the crystalline charges.

Introduction

A great deal of effort has been made toward an under-
standing of the structures and the properties of various
zeolites.1 Zeolites are crystalline alumininosilicates, and
their empirical formula may be given as Nam(A102)m-
(Si02)n- A representative value of the ratio m/n for the
Linde type Y zeolite is 1/2.4. When it is completely dehy-
drated, the structural aspects of each zeolite can be con-
sidered in two parts; the three-dimensional framework
structure of polyanion [(A:..)m(SIC> )n]m -, and the posi-
tions of the cations, Na+, dictated by the potential field
of the framework. The well-known “molecular sieve”
property of zeolite is rendered by the large interconnect-
ing channels and cages outlined by the framework. One of
the most important consequences of such a structural fea-
ture is that many, if not all, of the cations are located
near the “inner surface” of these void spaces. These cat-
ions are hence shielded only on one side, and by reason of
symmetry, many of the negative charges of the polyanion-
ic framework are also shielded unevenly. Thus, anhydrous
zeolites can be viewed as “expanded” ionic crystals, hav-
ing very irregular and extremely spacious arrangements of
the ions. The dimension of the large cages in the type Y
zeolite, for example, is ~13 A in diameter. The crystallin-
ity of the material, however, must impose a periodic pat-
tern in a larger scale. One should then realize that the
total crystalline energy (the Madelung energy of the crys-
tal) can be greatly increased by filling these intracrystal-
line void spaces with properly arranged polarized species
or additional cations and/or anions.

Recently we have reported on our electron spin reso-
nance (esr) study of the interaction between nitric oxide
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(NO) and Linde’'s type Y zeolites.2 We proposed and sub-
stantiated an occurrence of an electron transfer reaction
(1) within the zeolite.3 Although NO has a relatively low

NO + NO2— * NO+ + NO2- )

ionization potential (9.25 eV), and NO: has a large elec-
tron affinity (4 eV), the envisaged reaction (1) as such is
an endothermic process. We proposed that the endorther-
micity is offset by a gain in the Madelung energy of the
crystal resulting from a proper arrangement of the addi-
tional ions produced. The process is schematically illus-
trated in Figure 1. This ionizing property, inherent to the
original structure of dehydrated zeolites, should become
even more pronounced when the usual monovalent Na+
ions are replaced by divalent cations. We have thus come
to view (anhydrous) zeolites, and particularly those ex-
changed with multivalent cations, as extremely powerful
“solid-state ionizing solvents.”

The purpose of this report is to reexamine the forma-
tions of Na43+ centers and O." radicals in type Y zeolites
from this new perspective, and to present several more ex-
amples of ionization phenomena, and facile electron
transfer processes involving Cu(ll) and Ni(ll) ions in type
Y zeolite. NO and NO: were used as electron donors and
acceptors.

Experimental Section

Laboratory-synthesized iron-free type Y zeolite was
used throughout the experiment. The notation (Na+)-Y
will be used to designate this Linde type Y zeolite, and
(K+)-Y, (Ni2+)-Y, and (Cu2+)-Y to designate the Y zeo-
lite with the indicated cations prepared from (Na+)-Y by
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Figure 1. A schematic representation of irregular and extremely

spacious arrangement of the polyanionic framework

[(A102)m (Si02)n]m_ and the cations in dehydrated zeolite
(upper figure). A gain in the ionic, crystalline energy should be
realized when the void spaces are filled with properly arranged
additional cations and/or anions (lower figure).

the standard exchange process. For those zeolites with di-
valent cations, the degrees of exchange attained were
~70%.

Zeolites were activated in esr sample tubes at 500° for
hr connected to a vacuum manifold maintained at . X
10- s mm. A desired amount of gas such as NO, monitored
by a pressure reading, was introduced into the esr tubes
through the vacuum manifold.

All the esr measurements were done at liquid nitrogen
temperature (77°K) using a X-band spectrometer. The
microwave frequency locked to the loaded sample cavity
was 9.09 GHz.

Results and Discussions

lonization of Na Atoms. Formation of Na~3+ Centers in
Perhaps the most dramatic and simplest
example of the ionization process is that of Na atoms in
(Na+)-Y. When (Na+)-Y was exposed to Na vapor at
300~ 500°, its color changed from white to bright red. The
colored material was found to exhibit an esr spectrum
consisting of 13 hyperfine components (Figure 2A, . The
intensity pattern is that expected from the hyperfine in-
teraction with four equivalent nuclei with / = 3/2. The
same signal had been observed earlier in y-ray irradiated
(Na+)-Y and was attributed to an electron trapped in a
cage shared among four Na+ ions, hence the notation
Na.3+ centers The amount of Na.3+ centers created by
irradiation is in the order of .0:7~ 101s/g, and these cen-
ters are destroyed when the sample is heated above 2. °.
The concentration of Na. 3+ centers produced by Na vapor
amounted to ~ ..2:/g, corresponding to one electron in
each a cage of the Y zeolites Spontaneous formation of
the center by this “stoichiometric” amount at tempera-
ture above :.0° can be best understood in terms of ioniza-
tion of Na atoms induced by the electrolytic property of
the zeolite.

N a-Y Zeolite.
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Figure 2. The esr spectrum of Na43+ centers (A), produced by
exposing (Na+)-Y to Na vapor, changes instantaneously to that
of 02_ radicals (B) when exposed to oxygen. The arrow indi-
cates the position corresponding tog = 2.00.

Na —m Na+ + e~

Formation of Oi~ Radicals in (N a+)-Y with
centers. When (Na+)-Y treated with Na vapor was sub-
sequently exposed to oxygen, the red colored material be-
came instantly white, the esr signal due to Na.3+ centers
disappeared, and a new signal possessing a characteristi-

cally anisotropic g tensor appeared (Figure 2B and 4A). The

N ai3+

oxygen induced signal was found to be identical with that
seen when (Na+)-Y was irradiated with ; -ray in the pres-
ence of oxygen, and had been assigned to O:“ radical at-
tached to Na+ ions Being a .-t radical, a well-defined esr
signal of « - “ can be expected only when the degeneracy
of the valence « orbitals is lifted. Shown in Figure 3 is a
schematic representation of the valence orbital levels of
o2 “ molecule subjected to the electric field of a Na+ ion
in a manner depicted in the figure. The ¢ tensor of an O:”
radical whose i+ orbital degeneracy is lifted has been
treated by Kanzig and Cohen: For the case A > 5 » A
where A is the spin orbit coupling constant of an oxygen

atom, it can be shown that

ox - ge-(Al5)2. (A2/5A) (2a)
oy - gee (2AIA) - (AB2. (A2A)  (2b)

gz — ge + (2A/<5) (2¢)
Here ge¢ = 2.0023 represents the value for a free electron.
Comparison of eq . with the ¢ tensor assessed in Figure
4A leads to the following assignment: gx = ¢g: = 2.0016, gy
= g2 - 2.0066, and gz = gz = 2.113. For the particular
orientation of . . “ relative to the Na+ ion depicted in Fig-
ure 3, one notes that the Na+ ion is at the nodal plane of
the antibonding wx* in which the unpaired electron res-
ides. In this situation the largest hyperfine interaction
with 23Na nucleus is expected in the direction ofy axis. If,
on the other hand, the Na+ ion is closer to one of the oxy-
gen atoms, delocalization of the unpaired electron into the
3p;c orbital of the sodium atom occurs, and the largest hy-
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Figure 3. Valence orbital energy levels of 02~ attached to Na+
in the configuration shown.

Figure 4, Esr spectra of 02_ radicals created in (Na+)-Y con-
taining ionized Na atoms (A) and (K+)-Y containing ionized K
atoms (B).

perfine interaction is expected along the x axis.8 Shown in
Figure 4B is the esr spectrum obtained when (K+)-Y re-
duced by K vapor is exposed to oxygen. The nuclear spins
of both 23Na (natural abundance = 100%) and 39K (natu-
ral abundance = 93%) are 3/2. However, the magnetic
moment of 23Na is 2.22 nuclear magneton, while that of
39K is only 0.39 nuclear magneton. The esr spectrum of
O:*“ associated with K+ is almost identical with that of
02* associated with Na+, except that the signal of the
former in the g2 (= gy) region is much sharper than that
of the latter. In fact, one can almost recognize a quartet
feature in the gy region of the 02“-Na+ spectrum. These
observations are quite consistent with the orientation
shown in Figure 3, and indicate the prevalence of the in-
teraction of ionic nature between the superoxide ion 02
and the associated cation Na+ or K+.

An important aspect we must realize is that the genera-
tion of 0 2_ radicals by exposing (Na+)-Y containing ion-
ized Na atoms to oxygen molecules is equivalent to incor-
porating a well-known oxide, alkali superoxide, in its ion-
ized state.

NaOo — mNa+ + 02
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Figure 5. X-Ray powder patterns of anhydrous mixture of (Na+)-
Y and NaCl (10 wt %) obtained from the fresh mixture (A) and
after successive heat treatment at 350 (B) and 500° (C) for 24
hr, respectively. The arrows indicate the NaCl peak (2,0,0) at
31.7°.

Dissolution of NacCl into Zeolites. In ref 2 we reported
that when a slurry of (Na+)-Y or (Ba2+)-Y containing 10
wt % of NaCl was activated to 500°, the X-ray powder pat-
tern of the resulting material showed no trace of NacCl
phase, but only that of the zeolite. We concluded that
NaCl was occluded within the zeolitic cages in an ionized
state, and attributed the result to the ionizing property of
the zeolite.

To demonstrate that this is indeed a thermodynamical-
ly favored process, we decided to examine the effect of
heating an anhydrous mixture of thoroughly activated ze-
olite and NaCl powders. Figure 5 shows a lower angle sec-
tion (26 = 15~35°) of the X-ray (Cu Ka) powder patterns
obtained from (Na+)-Y containing 10 wt % of NaCl. The
zeolite was preactivated at 500° overnight, and mixed
thoroughly with dried NaCl in a drybox. The X-ray pow-
der pattern of the mixture was then examined prior to the
heat treatment, and after successive heat treatments at
350 and 500° for 24 hr, respectively. In the 26 range cov-
ered, the only prominent peak due to NaCl crystal is the
(2,0,0) peak at 31.7° indicated by the arrows. All other
peaks belong to the powder pattern of the Y zeolite. These
patterns clearly demonstrate that, while the crystallinity
of the zeolite stays virtually unchanged throughout the
heat treatment, the NaCl phase disappears gradually as
the sample is heated. The melting point of NaCl is 801°.
One may thus conclude that, once the diffusion point is
reached, NaCl begins to “dissolve” into zeolite cages in an
ionized form, arranging themselves in a manner that
would maximize the total crystal energy of the zeolitic
system. 10 wt % of NaCl corresponds to approximately
three Na+-CI_ ion pairs per a cage.

Reduction of Cu(ll)-Zeolite by No. Because of a high
second ionization potential of Cu atom (20.34 eV), Rich-
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Figure 6. Esr spectra of activated (Cu2+)-Y observed before
and after exposure to NO.

ardson suggested that Cu2+ ions in zeolite should be the
most vulnerable to a reductive reaction.9 He had exam-
ined the extent of this reducibility by adsorbing anthra-
cene on various cation-exchanged zeolites, and monitoring
the esr signal of anthracene cation radicals produced. Al-
though (Cu2+)-Y produced the largest amount of the cat-
ion radicals, he had to conclude that only a small fraction
of Cu2+ ions were reducible. We suggested that a small
number of Cu2+ ions were reduced because of pore clog-
ging caused by a strong adherance of the initially pro-
duced large cations to the framework.2 Although the ion-
ization potential of NO (9.25 eV) is much higher than that
of anthracene (7.55 eV), because of its smaller size, NO
should be able to penetrate the zeolite throughout. If the
gain in the crystalline energy in going from a divalent cat-
ion form, (Cu2+)-Y, to a monovalent cation form, (Cu+,
N O +)-Y, is sufficiently large, exposure of (Cu2+)-Y to NO
gas should result in the reduction of a substantial frac-
tion, if not all, of the Cu2+ ions in the zeolite.

Figure 6 shows the esr spectra of activated (Cu2+)-Y
observed before and after exposure to NO gas (0.75 atm).
The Cu2+ ion signal decreased dramatically, spontaneous-
ly, and instantaneously, the moment the sample was ex-
posed to NO at room temperature. We propose to attrib-
ute the change to the electron transfer reaction promoted
by the electrolytic property of zeolite.

(Cu2+)-Y + NO — (Cu+,NO+hY

Consistently with the proposed reaction, only a trace
amount of NO signal was observed, even though it was
supplied in excess.

Recently, Gallezot, et al..10 have made an X-ray dif-
fraction study of dehydrated [Cu2+(75%)]-Y, and reported
that 75% of Cu2+ ions are at site I', a semiexposed site,
and the remaining at site I, a completely shielded posi-
tion. The esr spectrum of Figure 6 can be recognized as a
superposition of a broad symmetric signal atg = 2.17, and
an asymmetric spectrum characteristic of Cu2+ ions
immobilized in a distorted field. We assert that the broad,
symmetric signal is due to Cu2+ ions at site T, the signal
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Figure 7. (A) Esr spectrum of (Ni+, NO+)-Y. (B) Esr spectrum
of the above sample after It had been exposed to N02 and heat-
ed at 200° for 10 min.

of which is narrowed by an exchange process as suggested
by Chao and Lunsford.1l1 The latter asymmetric signal is
assigned to Cu2+ ions at site |. Figure 6 shows that only
those ions at site I' have been reduced.

The reduction of Cu2+ ions in (Cu2+)-Y by NO has also
been reported by Naccache, ¢t al.i2 They attributed the
reaction, however, to the formation of the Cu+NO+ com-
plex. We believe the reaction is promoted by the energy
gain resulting from a decrease of the internal charge sepa-
ration when the divalent form of zeolite (Cu2+)-Y is con-
verted to the monovalent form (Cu+, NO+)-Y. The dou-
bly charged complex C-U+NO+ could hardly be stable
within the dehydrated zeolitic framework, where many
negatively charged units (AlO:)”" are left unattended by
the cations.

Electron Transfer Reactions in (Niz+)-vY. In our previ-
ous report,2 we showed that a substantial amount
(—1020/g) of Ni+ ions are produced when (Ni2+)-Y is ex-
posed to NO gas. The result is again attributed to the
electron transfer process caused by the ionizing power of
the zeolite.

(Ni2+)-Y + NO — == (Ni+,NO+)-Y

Figure 7 shows the esr spectrum of (Ni+, NO+)-Y pre-
pared by the method described above, and the spectrum
of the same sample after it had been exposed to NO: (0.75
atm), and heated at 200° for 10 min. A near total disap-
pearance of the Ni+ signal, and a small amount of the
NO. signal in the heated sample is attributed to the fol-
lowing reaction

(Ni+,NO+)-Y + NO, — » (Nr+,NO+,NO.f)-Y

oxidation of Cu+ lons by iV02 Examples of electron
transfer reactions discussed above suggest that NO:. alone
may be able to act as an oxidizing agent within zeolite
cages. Indeed, Naccache, et al, observed that Cu+ ions
produced in (Cu2+)-Y by treatment with CO at 500° are
reoxidized to Cu2+ ions when exposed to NO: ... We also
prepared (Cu+)-Y by this technique. It appeared white
and gave no esr signal. When N 02 was added to this sam-
ple at room temperature, the esr signal of Cu2+ was re-
stored instantaneously to its original intensity. We may
thus write
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Figure 8. Esr spectra obtained (A) from freshly activated (Cu2+)-
Y, (B) after it had been reduced by CO, and (C) after the re-
duced sample had been exposed to N O2.

(Gu+)-Y + NO, — »(Cu2+, NO)-Y

The sequence of spectra is shonwn in FHgure 8. It is inter-
esting to note that, unlike the reduction by NO at room
temperature, the reduction by CO at 500° results in the
reduction of all the Cu2+ ions in the zeolite. Furthermore,
the spectrum of the reoxidized sample indicates that all
the cupric ions are now immobilized in a distorted crystal
field experiencing little, if any, exchange narroning. The
CO treatment at 500° must have resulted in the relocation
of the Qu iors at site |, and possibly those at site T, to the
nmore exposed sites such as site Il. The presence of NOz-
ions near the Cu2+ ions should minimize the exchange
coupling, as well as the motional narroning. One Must
also note the total absence of the NO2 signal although it
wes added in excess. The abundant presence of Cu2+-
NO2- ion pairs within the large cavities must be prevent-
ing the entrance of additional NO2 nolecules.
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Summary and Concluding Remarks

The reactions presented and discussed in this report are

Na —* Nat+ + e
NaO, —>»Na+ + Of
NaCl —» Nat+ + CT
Cu2+or Ni2) + NO — » Cu+(orNi+) + NO+
Cu+ (or Ni+) + NO, —* Cu2+(or Ni2H) + NO,

As written, most of these reactions are endothermic pro-
cesses. Yet each ore of these has been found or indicated
to proceed with amazing facility within the zedlitic crys-
tal. The most notable feature common to all of these reac-
tions is that they result in an increase in the number of
cations and/or anions within the zeolite cages. As stated
earlier, a proper arrangement of these additional charged
species within the periodically situated void spaces should
result in an increase of the crystalline Madelung energy.
We assert it is this gain in the crystalline energy which
offsets the endothermicity of these reactions.

Catalytic properties of Y-type zeolites for a variety of
organic reactions are well knomn, and have been the
subjects of many investigations.13 The observed activity
has been attributed to the electric field associated with
the exposed cations, to the acidity of the hydroxyl groups
incorporated within the structure, or to the combined ef-
fect of both. We believe one of the most important, if not
the important, properties of zeodlite responsible for the ob-
senved catalytic activity is this ionizing or polarizing
powner rendered within its structure by a macroscopic
property of the crystal, the Madelung erergy.
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The rate of formation of microcrystalline hydroxyapatite from amorphous calcium phosphate has been
studied at constant temperature as a function of the pH of the mediating solution; the effect of tempera-
ture on this conversion was observed in systems maintained at pH 8. The extent of reaction, determined
by X-ray diffraction analysis of per cent crystallinity, was verified by titrimetric measurements. The rate
of formation of crystalline material is characterized by a sigmoid plot of weight per cent crystallinity us.
time. The transformation kinetics, which can be described by a “first-order” rate law, is a function only
of the pH of the mediating solution at constant temperature. A solution-mediated, autocatalytic mecha-
nism is proposed which fits the experimental observations and explains the metastability of the amor-
phous material. Activation energies are reported for both the transformation process and the onset of nu-

cléation.

Introduction

Synthetic crystalline hydroxyapatite, Caio(P. « )s (OH)2,
has been studied extensively as an analog of bone min-
eral.1-3 The reaction of calcium and dibasic phosphate
salts in neutral or basic solution has as its final product
this crystalline hydroxyapatite. During the precipitation
of the crystalline material, a precursor phase is formed
which is amorphous to X-ray diffraction.4 This phase has
been shown to be structurally and chemically distinct
from hydroxyapatite. Calculations assuming the amor-
phous phase consisted of individual or groups of individu-
al hydroxyapatite unit cells were incapable of explaining
the observed diffraction pattern.5 Chemical analysis6 of
the precursor phase indicated this noncrystalline phase is
a hydrated calcium phosphate (CasfPCUh-x~0O) of cal-
cium to phosphorus ratio 3/2 as compared to the 5/3
ratio found in hydroxyapatite. This distinct amorphous
phase converts, in the presence of water, to microcrystal-
line hydroxyapatite.

The lifetime of the metastable amorphous precursor in
aqueous solution was reported7 to be a function of the
presence of certain macromolecules and interfering ions,
pH, viscosity, ionic strength, and temperature. A prelimi-
nary study8 of the kinetics of conversion of metastable
amorphous calcium phosphate to hydroxyapatite indicat-
ed that at high pH the rate of conversion was proportional
to the amount of hydroxyapatite already formed, suggest-
ing that the conversion was proceeding autocatalytically.
This paper describes a more detailed experimental study
on the effect of pH and temperature on the rate of forma-
tion of microcrystalline hydroxyapatite.

Experimental Section

Synthesis of Amorphous Calcium Phosphate. The amor-
phous calcium phosphate (ACP) used in this study was
prepared by mixing 300 ml of prebuffered 0.04 m calcium
salt (chloride or nitrate) with 0.036 m prebuffered dibasic
phosphate salt (ammonium, sodium, or potassium) in 400
ml of constantly stirred 0.15 m buffer. All solutions were
thermally equilibrated at 26° before mixing. Tris(hydroxy) -

methylaminomethane-HCI (Tris) and ammonia-ammo-
nium chloride buffers were used for the pH ranges 6.8-9
and 9-10, respectively. The amorphous precursor was ei-
ther removed (see below) immediately after mixing, or left
in contact with the mother liquor for the kinetic study.

Kinetic study. AIll constant temperature studies were
made at 26 + 1°. The relative humidity of the room was
kept below 51% to prevent conversion of the dried ACP
during handling by reaction with water in the atmosphere.
Two classes of experiments were carried out: in one the
amorphous material, after precipitation, was left in con-
tact with its mother liquor, and in the other a weighed
portion of dried ACP, sieved through 100 mesh, was
added, with or without seed crystals, to a fixed volume of
0.15 m buffer. In certain experiments 0.2-0.3 g/1. of hy-
droxyapatite (HA) seeds were added to the solution along
with 0.7-0.8 g/1. of ACP at the initial mixing time. Four
sets of seed crystallites of increasing sizes were prepared
by heating ACP for 1 hr in buffer at a 60, 70, and 80°, re-
spectively. The effect of varying each of a number of pa-
rameters while maintaining the others at constant level
was considered. The parameters involved were (a) the
composition of the buffer, (b) the pH of the mediating so-
lution, (c) the nature of the ions other than calcium and
phosphate in solution, (d) the use of nonaqueous solu-
tions, (e) the slurry concentration (weight of ACP per
liter), (f) the specific surface area of the amorphous pre-
cursor, (g) the stirring rate, and (h) the absence of car-
bonate from the mediating solutions (carbonate-free solu-
tions were maintained by bubbling nitrogen through pre-
boiled solutions). In addition to the above experiments,
which were performed in a constant volume of 1 1, experi-
ments using minimal amounts of buffer so as to have high
slurry concentrations were carried out using a constant
slurry volume of 1.5 ml with slurry concentrations ranging
from 4 to 1000% by weight.

The time reaction coordinate was defined as the total
time the amorphous material had remained in contact
with the aqueous solution. In all experiments involving
large slurry volumes, 100-ml aliquots were removed at
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preselected times, the pH of the slurry was determined,
and the solid was washed and filtered through medium
millipore filters. Equal volumes of cold ammoniated water
and acetone (or methanol) were used to quench the reac-
tion. The acetone wash was repeated until a dry free-flow-
ing powder was obtained. The time of completion of the
acetone wash was recorded as the time reaction coordi-
nate. Dried materials were sieved through 100 mesh and
stored in a vacuum desiccator.

At a given time t, the extent of reaction, i..., the frac-
tion of ACP converted (a), is equivalent to the weight
fraction of hydroxyapatite present in the slurry. The ex-
tent of reaction was determined by an X-ray diffraction
method, described in detail elsewhere.8 9 In this method
the integrated intensity of an X-ray diffraction peak char-
acteristic of the crystalline material is compared to the
integrated intensity of a 100% crystalline sample of the
same material of similar particle size. The reliability of
this X-ray method for determining the fraction of crystal-
line hydroxyapatite in a given sample has been confirmed
using mechanical mixtures of amorphous and apatitic cal-
cium phosphate. An independent check of the X-ray de-
termined reaction coordinates was made by maintaining
nonbuffered solutions of ACP in water at constant pH by
the addition of base. In this titrimetric method a was de-
fined as the number of moles of base added at time t rela-
tive to the number of moles required for complete conver-
sion.

The temperature dependence of the transformation was
studied at pH 8 at 10, 26, 37, and 48°, respectively; both
the titrimetric and X-ray analysis methods were used to
follow the course of the transformation. Temperatures
from 26 to 48° were maintained to +0.1° inside the reac-
tion flask using a proportional temperature control with
an internal probe. The experiment at 10° was conducted
entirely in a constant temperature room adjusted to that
temperature.

The calcium ion concentration, as determined by atom-
ic absorption spectroscopy, was monitored as a function of
time during the conversion at pH 8 but only measured after
15 min and 24 hr at other pH values. Precipitate-free solu-
tions for these analyses were obtained from 50-ml aliquots
either by filtering through fine millipore filters or centri-
fuging at 4° and 60 rpm.

The specific surfaces of ACP samples prepared at dif-
ferent pH values were determined from small angle scat-
tering measurements by Porod’s method.10

Results

Figure 1 illustrates the typical pH dependent conver-
sion curves (26°) obtained in these studies. The total time
required for the amorphous to crystalline transformation
to reach completion increases with increasing pH. As can
be seen from the agreement of points obtained under dif-
ferent experimental conditions, the observed conversion
paths were independent of (a) the nature of buffer, (b) the
type of univalent ions in solution, or (c) whether the
amorphous material was left in contact with the mother
liguor or filtered, dried, and added to fresh buffer. Bub-
bling nitrogen through the solution to prevent the uptake
of carbon dioxide shifted, but did not alter, the shape of
the curve. The shift can be attributed to the high mixing
speed caused by the nitrogen bubbler. The figure shows
the excellent agreement between the reaction coordinates
obtained from X-ray analysis and titration experiments.
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Figure 1. Effect of solution conditions on the transformation of

ACP to HA as represented by a, extent of the conversion reac-
tion, vs. time. Lines represent best fit of all X-ray data at each
pH when CaCl2 and (NH4)2HPO4 are mixed together in Tris
buffer (pH 6.8-9), or NH40 H-NH 4Cl buffer (pH 10), and reac-

tion allowed to proceed in presence of mother liquor. Data

points shown are as follows: (a) pH 7.5, K2HP 04 substituted for
(NH4)2HPO4; (b) pH 7.5, Na2HPO4 for (NH4)2HPO4; (c) pH
8.0, a calculated from NaOH titration; (d) pH 8.0, a calculated
from X-ray data: in both ¢ and d dry ACP was added to reaction
solution, the data points shown here start at the proliferation pe-
riod; e, f, and g represent reactions at pH 9 where as in a and
b, initially precipitated ACP is left in contact with mother liquor
throughout reaction; (e) carbonate-free solution, again, correct-
ed for difference in Induction time; (f) Ca(N03)2 substituted for
CaCl2; (g) NH40H-NHA4CI instead of Tris buffer.

The sigmoid curves shown in Figure 1 are typical of
solid-state reactions involving nucleation.11 As in the oth-
ers, these curves can be divided into three sections: an
“induction period” where no change in the extent of reac-
tion is apparent; a rapid “proliferation period,” marked
by a rapid increase in the extent of reaction per unit time;
and a gradual “tapering off’ period, when the rate of the
transformation slows appreciably. Only the proliferation
period can be subjected to Kinetic treatment.1l As can
also be seen from the curves, an increase in pH leads to
an increase in both the induction time and the amount of
time spent in the proliferation period of the reaction.

In the constant temperature experiments, the pH was
the only solution variable which affected the half-life, ti/:;
the latter was defined as the amount of time required for
half of the amorphous material to convert to crystalline
after the completion of the induction period. The stirring
rate, slurry concentration, and particle size altered the in-
duction time, but these factors did not change the trans-
formation half-life. The induction time was determined
graphically as the point of intersection of the time axis
with the tangent to the steepest part of the proliferation
curve.l2 The conversion started sooner in the presence of
faster stirring, smaller amorphous particles, and/or a
greater concentration of amorphous particles.13

The amorphous particles remain stable in ethanol or
acetone, and convert more slowly in a 50% acetone solu-
tion than they do in pure buffer. This corroborates the
earlier view8 that the reaction is solution mediated, or at
least accelerated by the presence of water. The increase in
the rate of conversion with increased water to solid ratio
up to 400:1 further illustrates the necessity for water in
this conversion.
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Figure 2. Kinetics of conversion during the proliferation period
at selected pH values. Lines represent least-squares best fit of
all data obtained at the given pH. In seed experiment, 23 wt %
of HA was added at time zero.

TABLE I: Rate Constants as a Function of pH for the Autocatalytic
Transformation of Amorphous Calcium Phosphate
to Hydroxyapatite

Weight % HA Rate constants Av size

seeds (seed ata = 1,
pH size, A) A0 k,, min 1 Aa
6.8 0 2.7 X 10”4 0.376 172
7.0 0 1.6 X 10-3 0.129 170
7.0 0 1.1 X 10-3 6 0.1250
7.5 0 8.3 X 10 3 0.056 166
8.0 0 3.4 X 10-3 0.0321 163
8.0 0 3.2 X 10 4v» 0.03176
8.0 19.51 (222) 0.195 0.0319 198e
8.0 27.81 (256) 0.275 0.0320 243e
8.0 20.12 (163) 0.202 0.0318 163e
8.0 25.30 (249) 0.254 0.0319 237e
9.0 0 3.5 X 10-3 0.0266 160
10.0 0 9.4 X 10 3 0.0132 157

a Particle size in largest (c-axis) dimension as determined by X-ray line
broadening. " Titration data. e This figure includes seed size. Comparison
with mechanical mixtures suggests that size of newly formed HA is the
same as in unseeded experiments at same pH.

The kinetic treatment leading to the linear plots shown
in Figure 2 indicated that the transformation was first
order, or autocatalytic,14 with the rate of formation of new
crystals proportional to the number of crystals already
present. Representative semilogarithmic plots are shown
for unseeded conversions at pH 7.5, 8, and 9 and for the
reaction at pH 8 in the presence of 23% hydroxyapatite
seeds. The data on these curves correspond to the prolifer-
ation period, and closely fit equation: dasdt = ko + kia.
Table | lists values for ko and k\, calculated by the meth-
od of least squares from conversion data at a number of
pH values where a was determined by both the titration
and X-ray methods. In each seeding experiment, the cal-
culated value of ko was equal to the weight per cent crys-
talline seeds added at the start of the transformation. In
the nonseeding experiments, ko was always very small.

The average hydroxyapatite crystallite sizes included in
Table 1 were determined from X-ray diffraction line
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Figure 3. Effect of temperature on the rate of conversion of ACP
to HA at pH 8. Lines represent best fit of combined X-ray and
titration data: A = 48°, B = 37°, C = 26° and D = 10°.

Figure 4. Arrhenius plots for the conversion of ACP to HA at pH
8: closed circles, logarithmic reciprocal induction time vs. re-
ciprocal absolute temperature; open circles, logarithmic first-
order rate constants vs. reciprocal absolute temperature.

broadening analysisl5 assuming the contribution of strain
to be negligible. In the nonseeded experiment, the average
crystallite size in the c-axis direction remained a constant
for a given pH as the conversion proceeded. In the seeding
experiments, the crystal size observed at the end of the
transformation corresponded to a weighted size-average of
the unchanged apatite seed crystals (20%) and the newly
formed hydroxyapatite crystals (80%). Studies of mechan-
ical mixtures of large seed crystals and hydroxyapatite
prepared at the pH of the experiment confirmed this view
and thus suggested that no appreciable growth of seed
crystals was taking place during the transformation.

Figure 3 shows the effect of temperature on the rate of
the conversion at pH 8. An increase in temperature results
in both a shortening of the induction time and an increase
in the rate of crystal proliferation. The first-order rate
constants calculated from these observations were used to
prepare the Arrhenius plot shown in Figure 4. The activa-
tion energy for the conversion itself was 16.4 kcal/mol,
while the activation energy associated with the induction

Tre Jourdl of Physical Crerristry, \dl. 77. No 19 1973
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Figure 5. Kinetics of ACP to HA transformation; 1 g of ACP of
specific surface 56 m2/g was added to 1 I. of pH 8 buffer. Plot-
(moles/liter X 104)

ted here are (left) calcium concentration

vs. time and (right) extent of reaction (% crystallinity), a, vs.
time.
TABLE Il: Average Degree of Supersaturation,“ S, during the

Induction Time of the ACP to HA conversion

pH of medi- ’
ating solution sh I, min SE T, min
7.0 9.1 15 11 6
8.0 5.7 15 5.7 14
9.0 5.1 15 3.2 35
10.0 1.3 15 1.1 45

“ Degree of supersaturation here defined as calcium concentration at
time, i, divided by the solution calcium concentration after 24 hr. 6 Solu-
tions buffered by Tris or NH4OH-NH4Cl. ¢ Solution maintained at constant
pH by addition of NaOH or HCI.

period was approximately 33 kcal/mol. The latter was cal-
culated using the induction time (tj) as a rate constant for
each temperature.

Figure 5 provides insight into how the observed solubili-
ty (measured as calcium ion concentration) parallels the
onset of the conversion.13 Similar to earlier results,4 this
figure shows that after the amorphous material has been
added to the buffer, the calcium concentration rises, lev-
els off slowly, and falls as the ACP conversion proceeds.
The rate at which the solution calcium concentration lev-
els off at constant temperature and the level attained be-
fore conversion is a function of the factors affecting the in-
duction time: slurry concentration, specific surface of the
amorphous particles, and the pH. Table Il illustrates the
fact that decreasing the pH increases the solution super-
saturation; the latter was defined as the concentration of
calcium in the solution at a given time divided by the cal-
cium concentration after 24 hr.

Discussion

The sigma-shaped curves observed for this transforma-
tion are comparable to those observed for similar amor-
phous to crystalline conversions16-19 and are characteristic
of reactions involving nucléation and crystal proliferation.
The theory of these processes, treated elsewhere,20-21

Tre Jourrel of Prysical Creristry, \dl. IT, Na. 19 1973

Adele Ludin Boskey and Aaron S. Posner

states that they consist of the formation of a stable pri-
mary crystalline nucleus and the subsequent growth and
proliferation of the crystalline material. An induction pe-
riod, when no formation of crystalline material is ob-
served, is characteristic of such reactions. It is during this
period that a critical supersaturation is attained, with
subsequent formation of the primary nuclei. In the case of
the ACP to HA transformation the induction period in-
cludes additionally the time required for the amorphous
calcium phosphate to dissolve and, thus, is a function of
all factors related to the solubility of ACP. Thus, the in-
duction time is decreased by using smaller ACP particles,
a higher ACP slurry concentration, aqueous rather than
nonaqueous solutions, lower pH, and higher temperature
all of which decrease the time required for some critical
degree of supersaturation to be reached.

It is not within the scope of this paper to deal with the
detailed nature of the initial nucleation of hydroxyapatite.
Some indication of the energy barrier which must be over-
come in order to form the first nucleus was obtained from
the study of the temperature dependence of the conver-
sion. The effect of increasing the temperature was to de-
crease the induction time by both increasing the solubility
of the ACP and providing additional energy needed to
form a stable primary nucleus. The activation energy of 33
kcal/mol associated with this induction period indicates
the energy barrier which must be overcome to produce the
first stable nucleus and, as stated, includes the energy as-
sociated with the dissolution of the amorphous calcium
phosphate. When seed crystals were added to the solution
along with the ACP they served as primary nuclei and the
transformation proceeded without an induction period.
Thus, in the seeding experiments there was no measurable
induction period activation energy suggesting that the
energy associated with the dissolution of the ACP is rela-
tively small and the activation energy measured for the
nonseeded experiments is essentially that required to
overcome the barrier to nucleation. Thus, the rate-limit-
ing step in the overall conversion is the formation of the
initial HA nuclei.

Important to this study is the mechanism of transfor-
mation once the initial nuclei are present. The rate of
production of crystalline material during this proliferation
period is proportional to the fraction of crystalline materi-
al already present. This process is said to be autocatalytic
since it accelerates itself by the production of additional
crystalline nuclei. The mechanism of autocatalysis is not
clearly understood and explanations such as branching,
three dimensional growth of compact nuclei, and growth
along dislocation lines have been proposed.11 Two obser-
vations suggest that the mechanism here cannot be exclu-
sively one of crystal growth: (a) the restricted growth of
HA crystals observed throughout the conversion reaction
and (b) the fact that the seeding of the slurry with HA
crystallites of greater size than normally obtained at the
experimental pH and temperature did not lead to the de-
velopment of larger crystals. The activation energy usual-
ly observed for crystal growth is relatively low, i.e., 0-5
kcal/mol,22 compared to the 16.4 kcal/mol value observed
for the proliferation period. This suggests that this period
is not simply one of crystallite growth but one in which
new nuclei are constantly formed in conjuntion with the
seed crystals of preexisting nuclei. Finally, at constant
temperature, the first-order rate constant for the autoca-
talytic process (ki) is only a function of the pH of the me-
diating solution. At lower pH the degree of supersatura-
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tion is higher (Table Il) and, thus, the rate constant, as
predicted,?1 is greater.

The decrease in rate of reaction observed as completion
nears is not fully understood, however, a theoretical treat-
ment has attributed this “tapering off’ to the coalescing
of the nuclei already in solution.11 In the case of zeolite A
the rate decrease toward the end of the transformation
has been attributed to a decrease in concentration of some
unidentified stable intermediate.16 The first study of the
first transformation of ACP to hydroxyapatite in an un-
buffered solution did not show such tapering off.8 In that
report the pH drop resulting from the uptake of hydroxyl
ions from an unbuffered solution may well have caused a
continuous increase in the rate constant, obscuring the ta-
pering effect. In the present study nuclear aggregation
plus a decrease in the degree of supersaturation of the me-
diating solution may have contributed to the reduction in
the rate of transformation.

Conclusion

In the experiments reported above, the transformation
of amorphous calcium phosphate to hydroxyapatite is so-
lution mediated and depends upon the conditions which
regulate both the dissolution of amorphous calcium phos-
phate and the formation of the preliminary hydroxyapa-
tite nuclei. The rate of the autocatalytic proliferation, at a
given temperature, is a function only of the solution pH,
and does not vary with differing preparative techniques or
solution conditions. Thus, it is only the induction period
which is altered by the reaction parameters, and, at a
given pH, the section of the sigmoid curve beyond the in-
duction period remains the same regardless of the reaction
conditions. The variables which affect the length of the
induction period (pH, particle size, slurry composition,
and the nonaqueous nature of the solution) are parame-
ters which can be used to stabilize the metastable amor-
phous precursor.

Studies using X-ray diffraction2 and infrared absorp-
tion spectroscopy23 have indicated that mature bone min-
eral is composed of an amorphous calcium phosphate and
a poorly crystallized apatitic phase. This apatitic phase is
believed to be related to, but not identical with, hydroxy-
apatite.2 Early bone mineral is richer in the amorphous
than in the apatitic phase, while the reverse is true in
mature bone.23 The mechanism which account for the in
vivo stabilization of the amorphous phase and the trans-
formation of this phase as the bone matures remains to be
elucidated. However, the results in this paper reveal ways
in which the amorphous material is stabilized and indi-
cate the importance pH control has on the interplay be-
tween the amorphous and crystalline phases.
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hr as a function of various solution conditions will appear
in Table 11l and variations in solution calcium concentra-
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The Kkinetics of binding of pyrophosphate to magnesium ions have been studied by the temperature-jump
technique as a function of pH at 25.0° and 1.0 m ionic strength. Only one relaxation time in the time
range 10-1000 /;sec was observed. A faster proton transfer effect was observed but not investigated. To
explain the kinetic data it was necessary to consider three parallel substitution pathways involving the
species P2074, HP2073', and H2P207 -, where these reactions were coupled by rapid proton transfer
between the phosphate species. The equilibrium constant for the formation of a new complex MgH:P:2
was determined, as well as the rate constants for the forward and reverse processes in the substitution
reactions. The forward rate constants are fei(P:0-4-) = 7.1 X 107 M -1 sec-1, & (HP:,-3-) = 5.1 x 10®
M -1 sec-1, and & (H:P:072-) = 5.4 X 105 A/-1 sec-1. The values of these constants are compared with
those observed in other magnesium substitution reactions. No evidence for a significant acceleration of the
rate of water loss for highly charged ligands was found and it was concluded that an Snl mechanism ade-

quately describes the substitution processes.

Introduction

The ability of highly charged ligands to increase the
water substitution rate of metal ions has been proposed by
Hammes and Morrell2 for the cobalt (as compared to
nickel) interactions with pyrophosphate and tripolyphos-
phate. The authors consider that this effect will be most
marked for metal ions which have weakly bonded water
ligands. Thus labile metal ions such as manganese and
magnesium which have no crystal field stabilization ener-
gy associated with them might be expected to show simi-
lar effects. To this end the reaction of magnesium with
pyrophosphate has been investigated over the pH range
3.65-8.65, where three different protonated forms of the
ligand are known to be important.3

Although binding constants have been determined for
pyrophosphate and tripolyphosphate with many metal
ions4 Kinetic studies have been performed only with cobalt
and nickel,2’'5 despite the fact that pyrosphosphate and
especially its interaction with magnesium is of fundamen-
tal biochemical importance,53 not least since the species
[IVigP207]2—has recently been shown to be a substrate for
phosphatase enzymes,7 while pyrophosphate itself is a
competitive inhibitor. The importance of magnesium in-
teractions with phosphate containing species is not re-
stricted to inorganic phosphates but runs through the
whole range of organic phosphates such as mononucleo-
tides and nucleic acids.8-12 The kinetics of binding of ATP
and ADP to magnesium have been investigated previously
by other workers.13-15 The binding site for magnesium in
these processes is certainly the phosphate entity, since
nmr studies have indicated no significant binding to the
nucleoside base within nucleic acids or their constituent
monomers.16-17

Kinetically magnesium is fairly well understood; ligand
binding can be explained in terms of the Eigen-Tamm
mechanism183 and the experimental water substitution
ratel8b is consistent with this. A comparison with pub-
lished data should therefore be possible, although the ne-
cessity of using an ionic strength of 1.0 v due to the low
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stability of the MgH:P.,: complex makes such compari-
sons less meaningful.

The complexity of the mechanism presented here neces-
sitates the use of a computer to evaluate required concen-
trations etc. Although the full mechanism is not needed to
explain the data under all conditions, at least two of the
three reaction pathways have significant contributions to
the rate law, except at the lowest pH.

Experimental Section

In this study all experiments were carried out at 25.0°
and 1.0 m ionic strength made up with tétraméthylam-
monium chloride. The materials used, tetrasodium pyro-
phosphate decahydrate and magnesium chloride hexahyd-
rate (Merck, Darmstadt) were of analytical reagent grade.
Tétraméthylammonium chloride (Th. Schuchardt,
Miunchen; reagent grade) was recrystallized from isopro-
pyl alcohol.

The temperature-jump technique has been described
previously.19 In this study the temperature was raised by
4.0° by a discharge of 33 kV through a 5 X 10-8 F capaci-
tor. Since the reaction itself had no color change it was
necessary to couple the process to an acid-base indicator
system. Six different indicators were used, each indicator
being chosen to work at one pH in the study, which covers
five pH units. The indicators used were Metacresol Pur-
ple, Phenol Red, and Bromocresol Green (Merck), Chloro-
phenol Red and Bromothymol Blue (Fluka AG), and Bro-
mophenol Blue (Schuchardt). Sufficient indicator was
present to give an optical density of approximately 0.8 at
the wavelength of maximum absorption of the indicator
anion (500-600 nm). After preparation the pH of the solu-
tions was adjusted using standard 0.1 or 1.0 m potassium
hydroxide or hydrochloric acid solutions (Merck). The so-
lutions were then filtered through Millipore filters placed
in the T-jump cell (capacity ~6 ml) and then outgassed
under mild vacuum to prevent cavitational artifacts on
discharge. A typical oscilloscope trace is shown in Figure
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Figure 1. Typical oscilloscope trace for reaction of magnesium
and pyrosphosphate at 25° and unit ionic strength: pH 6.75, Cm
= 2 X 1CT4M, CL = 2 X 1CT4 M, Cin = 4 X 1CT5 M, verti-
cal scale = 2.0% transmission, horizontal scale = 1 msec, r =
235 fisec.

1. All the traces obtained were characterized by single re-
laxation times.

The acid dissociation constants of the indicators were
determined spectrophotometrically by the log ratio meth-
od., using a Beckman DK2A recording spectrophotome-
ter, the pH being measured using a Polymetron (SA
Glattbrugg) Type 42D pH meter with a Metrohm type
EA152 combined electrode. The meter was standardized
using Merck Titrisol standard buffers pH 3.0-9.0 at a pH
close to the literature pk a for the indicator at low ionic
strength..: Nitrogen was bubbled through all solutions be-
fore, and over the surface during, the pH measurement, to
prevent effects due to dissolved carbon dioxide.

The stock solutions of tetramethylammonium chloride
(= M) and magnesium chloride (5 and 0.5 m) were
standardized by an ion-exchange procedure which has
been described elsewhere.. The pyrophosphate stock con-
centration (ca. o.2 M) was determined by pH titration.
This stock solution was then adjusted to pH 10.3 and
stored under refrigeration. Under these conditions stabili-
ty is assured.s More dilute solutions (ca. 10 : M) were
made freshly each day by dilution of this stock.

The stability constant for the magnesium dihydrogen
pyrophosphate complex was determined at 25.0° and ju =
1.00 in the following way. A solution of sodium pyrophos-
phate at pH ~ 2 (50 ml, 0.05 m ) was titrated with magne-
sium chloride (4.27 m ) in 50-pl increments. Any resulting
change in pH (after correction for dilution effects, which
are small since the volume increments of the magnesium
chloride solution were o .. % of the total volume) must be
due to the formation of MgH:P.. - , because the calculat-
ed concentrations of MgHP:, - ~ and MgP:.: 2~ .. could
give rise to no pH change under these conditions.

The calculation of K: is described in the next section.
The pH meter for this experiment was standardized at pH
1.09 (0.1 m» HC1l) and checked at pH 2.10 (0.01 m HC1,
0.09MKC1).

Results

The necessary constants, defined in terms of metal and
ligand concentrations and hydrogen ion activities, which
are presented in Table I, relating to the binding of pyro-
phosphate to magnesium under the conditions of this
study have been determined previously by other work-
ers.s 2. with the exception of the formation constant, K s,
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TABLE [: Association Constants for Various Pyrophosphate
Species with Hydrogen lon (Log KH) and Magnesium lon
(Log Km) at 25.0° and 1.0 M lonic Strength
(Tetramethylammonium Chloride)
Ligand Log Kh Ref Log Km Ref

P20 74- 8.93 3 5.41 24

HP2073- 6.13 3 3.06 24

h 2p 20 72- 1.81 3 1.33 This work

H3P207- 0.82 3

M gP20 72~ 6.58 3, 24 2.34 24

M gHP20 7- 4.40 This work

for the dihydrogenphosphato complex with magnesium
which was found to be important at low pH. The equilib-
rium relationships used in this study are as follows, where

H, L@~n)- represent the pyrophosphate species and
MH L (2-n)~ represent the complexes formed.

« AL = [HLs~]/iH+![L4~] (1)

= [ha2]/'H+![h13] (2)

KA = [HsL-J/|H+I[H.L2] 3)

Km = [H:LJ/TH+i[HsL-] @)

ko = [ML:'T/[M -+][L4] 5)

ko = [MHL_]/[M:+][HL;!] (6)

. = [MH:LT/[M:+][H.L2] %)

In order to solve the relaxation data it is also necessary
to consider two nonindependent protonation equilibria as
well as the indicator protonation equilibria. The constants
relating to these are

Kma = [MHL-J/[ML:-]JJH+! = K .k A1/K, (8)
Koo = [MH:LV[MHL-JH+] = « AT« (9)

and in general form
K in = [HINY/JH+|[In-] (o)

where HIn represents the undissociated indicator and In
its anion. A different indicator was required at each pH.

The value of k : was obtained in the following way. It
can be shown that at pH between 1 and 2 the only ligand
species of importance are H4|_, HSL', H.L. -, and, since
pH changes significantly on addition of metal ions,
MHZL The species MHL~, MLZ', HL3_, etc., are all
much less than : % total ligand under these conditions.

The relationships between the species present are
shown in eq 3, 4, and 7. The mass balance equations nec-
essary are

CM= [M-+] + [MH.L] (11
CL= [H.L2] + [HsL-] + [H«L] + [MH.L] (12)
CH- [H+] = 4[H.«L] + 3[HsL~-] +

2[H,L2] + :[MH.L] (@13)

where CM, CL, and CH are the total concentrations of
metal, ligand, and hydrogen ions added. By consideration
of the species in solution before the addition of any metal
ions it can be shown that

HH J(AAAAAHr + 3k mn o+ »)C\\
J Ho V Vv H o+ k 1+ 1) [/
(14)

Here 1 o and 'H+ 1represent the activities of hydrogen ion
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TABLE II: Spectral Properties and Protonation Constants tor the
Indicators Used in This Study, Determined at 25.0° and 1.0M
lonic Strength (Tétraméthylammonium Chloride)

pH of ki-
netic study
where in-
dicator X In-

Indicator was used nm Log ki,
Bromophenol Blue 3.65 592 3.51
Bromocresol Green 4.65 615 4.27
Chlorophenol Red 5.65 575 5.88
Bromothymol Blue 6.65 615 6.88
Phenol Red 7.65 558 7.50
Metacresol Purple 8.65 580 8.32

as determined by pH measurements before and after the
addition of magnesium ion, respectively.

On the addition of metal ions the pH decreases, and
these changes are given by eq 15, obtained by substituting
eq 3, 4, 7, 11, and 12 into eq 13 and rearranging

cL= (i + xadhH + « -A'.jiCc; =< +
K iiCuce/(X + K 3a) (15)
where a = ((CH - [H+]) - 2c3 /(2KMKA\R+ 12 +

Kas:H+]), and [H+] is given by eq 14. Equation 15 can
thus be arranged to give

k3= (CL- oa)Za((CK - cCL) + /3a) (16)
where 11 = (kK A3k AiNH+\2 + XA |H+j + 1). Thus kz can
be calculated for each value of Cm- At 25.0° and p = 1.0

M (NMe.Cl), CL = 0.050 m, cm = 0.004-0.050 m, the
value of k s is 21.4 M -1. At higher metal concentrations
(>0.1 m) the value of k 3 becomes somewhat higher due
to ionic strength differences.

The spectrophotometrically determined protonation
constants, k\n, for the indicators used in this study, to-
gether with Amax for the indicator anions are given in
Table I1.

The temperature-jump study was carried out between
pH 3.65 and 8.65. Under these conditions the following
mechanism, eq 17-18, is comprehensive, although not all

M + L ML

M + HL MHL (€]
»1 *: ih

M + H,L MILL
)).I *n

M + HjL
. _ KUY

H+ + In Hin 18)

the pathways have a significant contribution at every pH.
(The charges of the species have been omitted for simpli-
fication.) The vertical equilibria are established rapidly
and the horizontal ones more slowly. However, these slow-
er processes give rise to only one relaxation time since
they are coupled by the rapid protonation equilibria .,
The equilibrium relationships between these species are
given by eqi-1o.

The rate law derived from such a mechanism thus con-
tains six terms when it covers the whole pH range stud-
ied. It can be written
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—d[MJ/df = (k1u + ¢ [HL] + ¢IH,LDIMj "
(Li[ML] + AS[MHL] + /-[Mil I.- (19
Expressing the concentration [X] of each species by the
sum of its equilibrium concentration [X] and its deviation
from this equilibrium value ([X]
[X1 = [X] + o[X] (20)

the rate equation can be linearized for relaxation condi-
tions (<5[X]/[X] <C 1) and written in the form

-d(In ¢[M])
dE
, riTt 1 o[MLI]\
\L + MIg[M] «1 5[m])
([HL] + [M] <5[HL] 1 ¢[MHLI\ .
6[M] k. ¢IMT )
¢[H.L] 1 ¢([MH.LIN
K, M
e R (I
or in more general form
1 o[MH,,_,L]\
T " K. /
(22)

where r is the relaxation time. By using the mass balance
conditions for total metal (Cm), total ligand (CiJ (eq 23
and 24), and total hydrogen ion (eq 25), eq 1-9, and the
differential forms of the equilibrium expressions (eq 26-
30) one can express the s functions on the right-hand side
of eq .. in terms of equilibrium constants and equilibrium
concentrations

<HM + ([ML] + ¢([MHL] + 5[MHL] =0 ()
¢[L] + ¢[HL] + ¢[H.L] - ¢[M] =0 (24

¢[HI + ¢[HIN] + ¢[MHL] + ¢[HL] +
2;[MH.L] + 25[H,L] - ¢[OH] = 0 ()

Since at pH >7 [OH ] > [H+[; o[OH] =
[H+]2) where «k w is the ionic product of water.

(-Kwb[H\I

¢[H.L] = [H]XAS[HL] + [HL]XAo0[H] (26)

¢[HL] = [H]XAIS[L] + [L]XAlo[H] @7
¢IMH.L] = Dn"]*mr5[MHL] + [MHL]Xmb5[H] (28)
¢IMHL] = [H]Xma5[ML] + [ML]XHfo[H] (29)
¢[HINT = [INIX,A[H1/(I + [Hik i (30)

The derived s ratios, omitting concentration brackets in s
functions for clarity, are as follows

oL [Hik a
= +1 1 +
M (1 - [LI/rAGHAHD]
NI @31)
1+ Koa,[[ + 31
(;HL)).
¢ML [H]IXNMA
-1 1+
‘M [l - [MLKMAG(H/(MHL)]

(I + Km ([E] MHL eH 32
+ :
[ ](;MHL>) (32)
¢HL
= +1/ 1+ i- (J3- - [1]— " 4
(M [H] \km LirH L/

ke HHUIEA\ ©®
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TABLE III: Relaxation Data for the Reaction of Magnesium lons

with Pyrophosphate as a Function of pH at 25.0° and 1.0 M ¢t = [HIn@ + Ki,[H) + Kw/lH]

lonic Strength (Tétraméthylammonium Chloride) In Figure 2 the fractions, X/C 1, of various ligand and
complex species are shown as a function of pH.
No. 104/ 10-7 The relaxation eq 21 can now be written
104 X Cm, 104 X CL, i0o5x of Tobsd> rcalcd>
M M Cm, m pH runs  sec-1 sec-1 1/r = k{iL{A) + (B) + k3Z(C) (37)
430.0 86.0 3.62 3.65 3 4.67 4.42 where the 2 terms are the functions of the 5 ratios (eq
860.0 85.0 3.58 3.65 2 6.45 6.46 31-36) and equilibrium concentrations as shown in eq 21.
1290.0 84.0 3.56 3.65 2 8.20 8.55 The values of Ki, &, and ks and hence k_i. fe_., and
100.0 100.0 4.66 4.65 2 3.63 3.32 k -3 were obtained by a three parameter fit of 1/r values
20.0 20.0 3.50 4.65 4 2.15 1.94 to the 2 terms with the aid of a Univac 1108 computer.
50.0 20.0 3.50  4.65 3 2.96 2.51 This procedure has been described elsewhere.25 The
200.0 20.0 3.50  4.65 3 397 3.81 values of r were averaged for several experiments and are
450.0 20.0 3.50  4.65 3 4.78 5.51 accurate to *10%. The experimental and calculated
4.00 4.00 8.76 5.65 4 0.95 0.83 values of 1/« are presented in Table Ill. The rate con-
Lo 4.00 8.76 5.65 4 1.25 116 stants are tabulated in Table IV. Although it was neces-
20.0 10.0 3.76 5.65 2 1.56 1.54
sary to make allowance for the presence of a small amount
50.0 10.0 3.76 5.65 3 2.22 2.46 £ li d t R R iall £ H. thi
2 00 2 00 2 40 6 65 3 044 050 of ligand present as an ion pair, especially at low pH, this
5.00 2.00 2.40 6.65 3 0.61 0.70
10.0 2.00 2.40 6.65 3 1.07 1.01
20.2 2.00 2.40 6.65 3 1.42 1.49
30.5 2.00 2.40 6.65 1 2.35 2.00
0.30 0.30 1.00 7.65 3 0.182 0.171
0.50 0.50 2.00 7.65 1 0.68 0.75
1.00 1.00 4.00 7.65 3 0.253 0.270
2.00 1.00 4.00 7.65 2 0.300 0.365
2.00 2.00 4.00 7.65 4 0.425 0.420
3.00 1.00 4.00 7.65 2 0.455 0.468
3.00 3.00 4.00 7.65 3 0.540 0.530
4.00 00 4.00 7.65 4 0.559 0.598
6.00 3.00 4.00 7.65 5 0.680 0.755
6.00 6.00 4.00 7.65 3 0.758 0.730
0.20 0.20 5.02 8.65 2 0.111 0.095
0.50 0.50 5.02 8.65 2 0.171 0.149
¢MHL ¢H O\
) = -1 (- [ML]- +
(M [HIVi Tma I j¢MHDL
Amb([H] + [MHL]
¢MHL) ] (34)
1Ll
= +i/ I+ —
m A Il + [HL](5H/<5HD]
1 -i 0 SH (35)
(" +m(/r shi1))]
(MILL 1
= -L 1+
‘M A'mb[[H] + [MHL](5H/5MHD]
1 ¢H
(36)
(1 IRAma  [ML]I5MHL
where . . :
Flgure 2. Fraction of total pyrophosphate present as various
. . species, (X), at CM = CL = 10~3 m, as a function of pH at
= ? -
MI_ (7’Aai[H](2 + JCMAH]) aAl + 2KAIHD) 25.0° and 1.0 m ionic strength (tétraméthylammonium chloride).
¢HL “ iCA([H] + S + [MHL] + 2[LDR2 + a' +
Ama[H]) + 2Y<2 + KuM i] TABLE IV: Kinetic Data for the Reaction of Magnesium lons
N with Pyrophosphate over the pH Range 3.65-8.65 at an lonic
OH K MA

Strength of 1.0 At (Tetramethylammonium Chloride) and 25.0°
¢MHL (<[ML] - THIXt' + pmuUSW)

Forward rate con- Reverse rate con-
' in Reaction pathwa stant, lsec*1 stant, sec-1
a = AmaH]Q + 2KnfHI) pathway
Y = 1+ 2KaM Mg2+ + P2074"' *,=7.0X10" k- ,= 2.8 X 102
Mg2+ + HP20 73- *2 = 5.3 X 106 I<_2 =4.8X103
y = 2[MH2Z] + [MHL] + [H,L] - [L] Mg2+ + H2P20 72- *3 = 5.4 X 105 A_3= 2.5 X 104
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TABLE V: Comparison of Experimental Rate Constants and Experimental and Calculated Values of lon-Pairing Constants for

Magnesium Complexation Reactions at 25.0°

Ligand k[. M lsec 1 KOsobsd, /Vf-1°

sSo042¢ 1.0 X 1050b

SDP- 1.0 X 1055

Cr042~ 1.0 X 1056

HF 6.0 X 104c 0.6
OxHd 1.3 X 104 0.15
F* 5.5 X 104c 0.55
Ox~ d 6.0 X 105 6.0
IDA2" e 1.4 X 106r 14
ADPH2- 1.0X106 10

h 2p20 72- 5.4 X 105 5.4
ADP3- 3.0 X 106 30
ADP3- 8.0 X 106¢ 80
CDP3- 8.0 X 106 80
hp 2o 73- 51 X 106 53
hp 2o 73- 8.1 X 106¢c 81
ATPH3- 3.0 X 106 30
HTi3" « 6.0 X 106t 60
ATP4" 1.2X107 120
ATP4- 1.8 X 107¢c 180
CTP4- 1.8X 107c 180
HP3CXo4- 1.8 X 107¢ 180
P20 /- 7.1 X 107 700

Ko.scalcd, m - owm Ref
18a
18a
0.4 0.4 26
0.4 0.1 39, 40
1.6 0.4 26
2.1 0.1 39, 40
12 0.11 26
9 f 0.1 14, 15
13 1.0 This work
30 ¢ 0.1 14, 15
80° 0.1 6
307 0.1 6
80 1.0 This work
8o 0.1 6
8° 0.1 13
66 0.1 41
90 7 0.1 13
90 7 0.1 6
90 7 0.1 6
90 7 0.1 6
450 1.0 This work

“ KOsobsd = kr/ko (water substitution rate). 6 First-order rate constant, ko (sec 1). ¢ ki, corrected to 25.0°. d Ox = oxine = 8-hydroxyquinoline.

e IDA = iminodiacetate. 1 KO.scalcd, corrected for K+ ion pairing. fi Ti = Tiron

had only a small and probably not significant effect
(<10%) on the rate constants obtained.

Discussion

In order to decide if any acceleration of the substitution
process has occurred in the system under study, it is nec-
essary to be able to compare the observed rate constant
with that expected from the Eigen mechanism. This
mechanism gives a second-order rate constant which is
equal to the product of an ion pairing constant and the
water substitution rate.ss If acceleration occurs the sec-
ond-order rate constant will be higher than expected. By
comparing the ion-pairing constants, calculated with the
aid of a simple model (Koscalcd), with the ratio of the sec-
ond-order rate constant to the water substitution rate
(jFfos°bsd), any acceleration will be revealed in a signifi-
cantly larger value of the latter (greater than a factor of
3-5), compared to the former.

Acceleration of the substitution processes such as that
observed by Hammes. is unlikely to be due simply to a
medium effect, where the rate of water loss is enhanced
by the interaction of the medium ions with coordinated
water. For magnesium at least a value of the water substi-
tution rate has been obtained at very Ilow ionic
strength.:s.s and a value for the water exchange rate at
~12 m.18b The latter is only ~5 times faster than the
former, despite the very different methods of measurement.

The normal method of calculating ion-pairing constants
is to use the method of Fuoss:.; and Eigen:s The ion-pair-
ing constant is given by

Ao = (Airn a3/ 3000)e i7(a>xT (38)
a a D p(l+ Xa)
X, = 87rlVe2x 1000 b k t
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1,2-dihydroxybenzene-4,5-disulphonate.

where p. is the ionic strength, N is Avogadro’s number, a
is the distance of closest approach of the ions, Zi and z:
are the charges of the ions, e is the electron charge, k is
the Boltzmann constant, T is the absolute temperature,
and b is the macroscopic dielectric constant.

The values obtained from this equation with n = 0.1 are
in good agreement (within a factor of 3) with those esti-
mated from ligand and water substitution rates at the
same ionic strength, although at this ionic strength the
Debye-Huckel law is no longer valid. In fact eq 38 must
be modified when considering data at high ionic strengths.
This is best achieved by the use of the Davies eq 39.s to
calculate the activity coefficients of individual ions (- j).

log-,=- 0 . 5 - 0.3q) 39)
V1 + \U /
For areactionan+ + B" Q(m-n)-
N os°TaTh
Kos = = K 0s°77(7i) (40)

7c

where Aos° is the value of the ion-pairing constant at zero
ionic strength and the values of -1 are calculated by eq 39.
The Davies equation.s has been used with great success in
calculating activity coefficients for even highly charged
ions up to an ionic strength 0.1 m . It can be used up to an
ionic strength of 0.7 m 30 but it must be realized that the
ion-pairing constants calculated in this way cannot be ex-
pected to be very accurate since at higher ionic strengths
specific ionic interactions give rise to equilibrium con-
stants which are dependent not only on charge but also on
the nature of the ion itself:: However, the authors feel
justified in using this approach since the calculated and
observed ion-pairing constants are quite close. It may be
pointed out here that second-order rate constants for sub-
stitution reaction of the same ligand with nickel(ll) at
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both low and high ionic strengths are not significantly dif-
ferent even with a charge product of — s

The authors considered that it might be instructive to
compare the results with those for other Mg2+ reactions.
Before direct comparison can be made, however, it is nec-
essary to modify some of the data which have been ob-
tained previously by other workers either because the
temperature was not 25° or because ion pairing between
reacting and medium ions was not at that time suspected.

The binding of alkali metal ions to nucleotides has been
thoroughly investigated in the last few years. The early
values for the binding constant between potassium ions
and ATP were in the range 10-15 M .: s3.5s More re-
cently a value of o0 M .: has been obtained using an ion
specific electrode techniques: ss However, this value is a
thermodynamic one since activity coefficient corrections
have been made. The ion-pairing constants for the species
ATP4-, ATPH3-, ADP3-, and ADPH2- have been calcu-
lated at p = 0.1 m (K.)s from literature values of the
binding constants at different ionic strengths: s and the
values of activity coefficients obtained using the Davies eq
39.

The corrected ion-pairing constant for magnesium and
the above species is therefore

k*saad = Kk oasz(1l + K k*2[K+]) (41)

where «k « +z is the binding constant for potassium ions to
species of charge z. At 25.0° and p = 0.1 m values of
Kk+-2 = 3AT-1, Kk+~3 = 12 M-1, and K «+-4 = 32
M .. can be calculated.

To correct the rate constants obtained at other temper-
atures in some studies to 25° the temperature dependence
of the reactions was assumed to be the same as that ob-
served for the substitutions of oxinate.ss i.e., AH* = 123
kcal/mol. The values of Koscalcd and «{ for many systems
are shown in Table IV.

It can be seen that the agreement between derived and
calculated values for the ion-pairing constants (Xos°bsd
and Aoscalcd) is satisfactory, not only for the reactions in-
vestigated here but also in other systems, thus implying
that there is no acceleration of the substitution process
even for highly charged ligands. However, for the reaction
of magnesium with pyrophosphate species in the present
study a small increase may be concealed by the uncer-
tainty in the values of the ion-pairing constants calculat-
ed. There is some support for this though it is indirect,
since the ratio of rates of the forward reactions for succes-
sive charge products is 11, whereas the Davies equation
predicts only s . However, due to the uncertainty in the
k os values calculated, the authors consider that the re-
sults favor an Snl type mechanism and do not feel that
there is sufficient justification for invoking acceleration in
rate due to high ligand charge.

Although Hammes and Morrell: have produced some
evidence that such accelerations can occur it is possible
that their mechanism is not complete since they do not
consider species such as CoH:P:0:;, NiH:P.0:, etc,
which may, in the light of the results obtained here, be
important. The pH range investigated in their study
(5.7-6.1) is not sufficiently wide in view of the relatively
low accuracy of relaxation experiments to determine
whether such species are important.
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Two series of liquids with the formulae CF:CF.CF.[OCF(CF:)CF:]JnOCHCFs, where n is 1, 2, 3, or 4,
and CF; CF:CF: [OCF(CF:)CF:]JiOCF.CFs, where x > n but not necessarily an integer, were studied for
selected surface-chemical properties. Surface tensions were found to be remarkably low (starting from
12.7 dyn/cm at 25°); interfacial tensions with water and selected organic liquids were high. Atomic and
bond parachors for fluorine in such highly fluorinated organic compounds were significantly lower than
previously established values for alkyl mono- or trifluorides. Spreading ability of drops of any of these
liquids on the clean surface of bulk water or the above-mentioned organic liquids, in the absence of func-
tional or hydrophilic adsorbing groups, was determined to be a function of the free surface and interfacial
energies, expressed as spreading coefficients or equilibrium spreading pressures. Although in these poly-
mers the oxygen atoms are ether oxygens, they are modified by the neighboring fluorine atoms to be
more stable and nonhydrophilic. Thin films of the oxyperfluoropropylenes, spread on horizontal smooth
solid surfaces, had a critical surface tension of wetting of 20 dyn/cm at 25°. Several of the lower polymers
of the oxyperfluoropropylenes exhibited marked ability to displace surface-chemically organic liquids
which had previously coated glass or stainless steel surfaces.

this series had the general IUPAC name a(perfluoropro-
pyl)-a-(:,:,:,2 -tetrafluoroethoxy)poly [oxy (perfluoro-: ,. -
propylene)] and the formula CFs:CF.CF. [OCF(CFs)CF2],,-
OCHFCFs, where poly and n stand for ., 2, 3, or 4
The colorless liquids had a purity of 99.9% for the mono-
mer and dimer, 99% for the trimer, and 98% for the tetra-
mer, and were used as received. Table | lists conveniently
abbreviated code names for each liquid, along with select-
ed physical properties. Boiling point, density (d) at 25°,
and critical temperature (Tc) are given as determined by
the producer for the now commercially available materi-
als:s

Another set of seven liquids with the general formula
CFs:CF.CF: [OCF(CF:)CF:],0CF:CFs are polymers with
molecular weights ranging from about 2000 to 7000 (each
polymer being a mixture) and distinguished from the
OPFP series only by being capped by a fluorine instead of
a hydrogen atom on the t terminal. These liquids are
known commercially as Krytox 143 fluorinated oilss and
will be referred to here by that name. Code names, viscos-
ities, and densities, as supplied by Du Pont, are shown in
Table 1lI. The polymers were used in the experiments
without further purification.

Introduction

Highly fluorinated organic compounds are distinguished
by unusually low surface energies which characterize the
liquids by their high surface activity and spreading abili-
ty, and the solids by the large contact angles when wetted
by numerous liquids. In a 1966 review on the surface
chemistry of organic fluorochemicals, Jarvis and Zisman.
explained that the extreme surface properties of perfluo-
roaliphatic compounds arise from the extraordinarily weak
field of force existing in the vicinity of covalently bonded
fluorine atoms and their neighbors. They also stated that
the extent of their surface activity in liquids (or adsorpti-
vity on liquids) was dependent on the organophobic-
organophilic balance of the fluorochemical molecule with
respect to the solvent (or substrate liquid).

Since the time of the review, studies of organic fluro-
chemicals have continued along two main avenues: (i) ad-
ditional areas in surface chemical properties were ex-
plored, such as spreading pressures. or the ability to dis-
place liquids from solid surfacess-. and (ii) structurally
new compounds and polymers were synthesized by various
sources and were made available. These studies have pro-
gressed to the stage where an investigation of selective
surface chemical properties of such a structurally different

material seemed highly desirable; it would demonstrate
whether the properties peculiar to organic fluorochemicals
are altered appreciably by a major molecular modification
as, for instance, the incorporation of another constituent
in the aliphatic chain. The results of such an investigation
can unify the recent advances with the established knowl-
edge and point to further areas of exploration.

Experimental Materials

Ideally suited for this study was a series of homologous
aliphatic polyether fluorocarbons, made available by the
Du Pont Co. The four low-molecular weight compounds of
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Surface Tension and Eotvos Constant

Surface tensions (- Lv) of the OPFP and Krytox series
were measured by the ring method with a Cenco du Nouy
interfacial tensiometer using the Fox and Chrisman cor-
rection factors.- All measurements were carried out at 25°
and 45% relative humidity and are given in Tables | and
11.

The Eotvos constant (k ) for the OPFP series was calcu-
lated from the equation

K = yLy(M7sd)2n/7(Tc- T —¢) ()

where m is the molecular weight of the respective liquid



Surface-Chemical Properties of Highly Huorinated Compounds

TABLE I: Physical Properties of Oxyperfluoropropylene Liquids
CF3CF2CF2[OCF(CF3)CF2],0CHFCF3

d25, 71vXS, K,
n Code Bp, °C g/ml 7c, °C dynicm  (eq 1)
1 OPFP-1 104.4 1.658 218.3 12.7 2.85
2 OPFP-2 152.3 1.723 263.2 13.8 3.00
3 OPFP-3 193.8 1.763 295.2 14.5 3.20
4 OPFP-4 224.2 1.792 322 14.9 3.35

TABLE II: Physical Properties of Krytox Liquids
CF3CF2CF2|OCF(CF3)CF2hOCF2CF3

Viscosity25, 71vS

Code cS* dxs, g/ml6é dyn/cm
Krytox AZ 32 1.86 16.5
Krytox AA 74 1.88 17.2
Krytox AY 100 1.88 17.3
Krytox AB 200 1.89 17.4
Krytox AX 300 1.90 17.5
Krytox AC 600 1.90 17.9
Krytox AD 1000 1.91 18.6

a From ref 6.
and T(°C) is the temperature at which the experiments

were performed. Each value of k (Table I) is much higher
than the value of 2.1 usually obtained for unassociated
liguids and for molecules of roughly spherical structure.
Thus, not only do the k values correspond to linear struc-
tures, but also the larger k values with larger n indicate
these are progressively more elongated molecules; this
would be predicted of such increasingly linear polymers
even if some random coiling did occur, especially if n be-
comes greater than 4.

Parachors

Molecular parachors of the OPFP compounds calculat-
ed from molecular weight, surface tension, and density are

p = (M/d)y A (2)

much lower than those calculated by using Quayle’s8 or
Vogel's9 values of atomic and structural parachors (Table
111). Earlier observations of parachors for highly fluorinat-
ed organic compounds10'1l have noted a similar discrep-
ancy, caused by the large fluorine parachors of 25.5 or 26.1
reported by Quayle and Vogel, respectively.

Using recently published surface tension data on a
group of highly purified fully fluorinated n-alkanes,2 we
determined the molecular parachors of n-CeFi. through
11-CsF20. These, in turn, along with Vogel's atomic para-
chor of 8.6 for carbon,12 resulted in an average value of
22,5 for the atomic parachor of fluorine, in excellent
agreement with earlier observations.10'11 The (C-F) bond
parachor, as obtained by Vogel's type of calculation,13-14
(2n + 2)(C-F) = C,Fzn+2 + (2n + 2)(C-H), gave an av-
erage value of 24.6, which is in fairly good agreement with
25.4 obtained earlier from highly fluorinated com-
pounds,10 but much lower than the values by Vogel which
he calculated to be 28.9 from the n-alkyl fluorides13-15 or
26.3 from the trifluoroacetates.14 Molecular parachors of
the oxyperfluoropropylenes as computed using the (C-F)
bond value of 24.6, closely agreed with our values calcu-
lated from eq 2 (Table I, last column).

2325
TABLE III: Calculated Parachor Values

Quayle’s Vogel's Computed

atomic in-  bond incre- bond incre-
Compd Eq2 crements0 ments6 ments
OPFP-0C 332.9 361.9 345.0 326.3
OPFP-1 514.3 558.4 536.4 507.5
OPFP-2 691.4 755.5 727.8 688.7
OPFP-3 867.3 952.5 919.2 869.9
OPFP-4 1041.3 1149.6 1110.6 1051.1

6 Reference 8. 6 Reference 9. 'd 25 = 1.538 g/ml, 7 Lv25 = 10.4 dyn/
cm.5

We can therefore state that atomic or bond parachors
for fluorine in highly fluorinated organic compounds are
lower than those in the alkyl monofluorides, or even the
trifluorides, where the three fluorines are attached to the
same terminal carbon atom. Gibling16 had stated that the
volume contribution of any atom is not constant but
varies according to the nature of the other atoms with
which it is linked and that allowance should be made for
the interference of the nonlinked atoms. Obviously, hav-
ing many bulky fluorine atoms attached in close proximi-
ty to a carbon chain alters the volume contribution con-
siderably from that of a single fluorine atom attached to a
hydrocarbon chain. Fluorine atoms attached to carbon
atoms which, in turn, are linked to an ether oxygen, also
greatly increase the stability of the ether linkage. The
electronic configuration of the oxygen is altered to change
the behavior of the atom from hydrophilic to nonhydro-
philic.

Critical Surface Tension of Wetting (- O

Duplex films of each OPFP liquid were prepared by
permitting several drops of the liquid to spread over the
horizontal smooth surface of either an acid-cleaned soda-
lime glass slide or a freshly flamed disk of platinum and
unidirectionally wiping off the excess liquid with clean,
Whatman filter paper. The remaining film was thick
enough to display interference colors but not thick enough
to form a depression when a drop of the wetting liquid
was placed upon it. The advancing contact angle (0) of
each sessile drop of a pure, freshly percolated liquid was
measured on the film by use of a contact angle goniome-
ter;17 with a few exceptions, reproducibility of 0 was +2°.

When cos 0 of each member of a homologous series of
liguids on a smooth, clean, solid, low-energy surface is
plotted against y Lv for each of those liquids, a straight
line results; the intercept at cos 6 = 1 (6 = 0°) is referred
to as the critical surface tension of wetting (yc) for that
particular surface.17 Figure 1 shows the cos s vs.
graph obtained for re-alkanes on a film of OPFP-2 but,
since contact angles of any one n-alkane on films of OPFP
2, 3, or 4 were close enough to one another to fall within
the range of reproducibility, the graph represents the av-
erage of all three oxyperfluoropropylenes. The yc¢ of 20
dyn/cm obtained for these liquid films is slightly higher
than the y ¢ of solid polymers whose surface constitutions,
although comparable in molecular arrangements, are com-
prised solely of fluorocarbon groupings, such as in poly-
tetrafluoroethylene (yc = 18.5 dyn/cm),17 polyhexafluo-
ropropylene (yc = 16.2-17.1 dyn/cm),18 and copolymers of
the two in various molar proportions (yc = 17.8-19.0 dyn/
cm).19 Except for the presence of oxygen atoms in the
fluorocarbon chain, the surface structure of the oxyperflu-

y v
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Figure 1. Wetting of n-alkanes on thin films of OPFP-2, OPFP-3,
or OPFP-4 spread on glass at 25°.

oropropylenes resembles most that of the polyhexafluo-
ropropylene by virtue of the pendant -CF3 group in the
repeating unit. It is known that the : Cvalue of a hydro-
carbon is increased by the introduction of oxygen atoms
into the uppermost surface.20-22 Our results show that the
- Cvalue of a fluorocarbon surface also is increased by the
introduction of oxygen atoms.

We do not know the exact contribution, such as location
or orientation, of the fluoroether group in the surface of
the adsorbed film at the particular state observed. We as-
sume, though, that ether oxygens bonded to fully fluo-
rinated carbon atoms may act very differently from con-
ventional ether oxygens bonded to hydrogen-linked carbon
atoms and therefore modify the properties of compounds.
Close proximity of fluorinated carbon atoms to functional
groups has large effects upon these groups as shown, for
instance, by the greatly increased stability of the whole
perfluorodialkyl ether molecule.

Spreadability on Bulk Liquids

For spreadability studies, the surface of triply distilled
water was covered with a duplex film of indicator oil (oxi-
dized petroleum oil) whose surface pressure could be ad-
justed from about 2 to 11 dyn/cm by observation of the
interference colors.23 A small drop of the respective oxy-
perfluoropropylene specimen on the tip of a clean fine
platinum wire was touched to the center of the film-cov-
ered water, and the spreading behavior was observed by
the action of the indicator oil.

OPFP-1 rapidly spread and vanished from the surface.
That the rapid disappearance of the drop was caused by
the evaporation of the spread monolayer and not by the
dissolution of OPFP-1 in the water was ascertained by ob-
serving the effect of a drop of OPFP-1 suspended above
the water surface coated with the indicator oil; the vola-
tile vapor molecules escaping from the suspended drop
adsorbed on the liquid surface and forced away the indi-
cator oil film to create a hole; this action continued until
the drop either completely evaporated from the platinum
tip, or until it was placed upon the surface, where it then
spread and quickly disappeared. OPFP-2 acted less
rapidly than OPFP-1, while OPFP-3 spread over the en-
tire water surface, but remaining thicker in the center as
indicated by the interference fringes on the advancing pe-
riphery. OPFP-4 spread very slowly, and the bulk of the
drop remained as a lens that could be contracted or ex-
panded with the surface pressure exerted by the film of
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the indicator oil. Liquids of the Krytox series did not
spread but stayed on the surface as a lens with a well-de-
fined but small contact angle. The results of the Krytox
liquids can be compared but not fully equated with those
of the OPFP series because the number of monomers, X, is
not a well-defined number and the & terminal is chemi-
cally somewhat different. However, the generalization can
be made that spreadability decreases with increasing n (or
X) until eventually a limiting value of n (or x) will be
reached which will prevent spreading.

For observation of spreadability on organic liquids, the
indicator oil was replaced by fine particles of clean Tef-
lon. All four OPFP liquids spread on substrates of hexade-
cane and on propylene carbonate, the speeds decreasing
with increasing n. In the Krytox series, all liquids spread
on propylene carbonate, although the speed of spreading
decreased with increasing molecular weight; a drop of
Krytox AD enlarged to a thin lens which could be expand-
ed and contracted by expanding or compressing the sur-
face pressure of the indicator oil. On hexadecane, only the
members below the molecular weight of Krytox AB would
spread.

Harkins Spreading Coefficients, Interfacial Tensions,
and Equilibrium Spreading Pressures

When a drop of a liquid “b” is placed on the surface of
another liquid “a,” the spreading behavior of this system
can be expressed by the initial value of the Harkins
spreading coefficient Sha

Sba = (Ta Tb) Ta'b’ (3)

- a and - b are the surface tensions of liquids “a” and “b,”
and : a'b' is the interfacial tension of “a” and “b,” the
prime superscripts indicating that “a” is saturated with
“b” and vice versa. When Sba is positive, spreading will
occur spontaneously; when Sba is zero or negative, no
spreading will occur, and the drop will remain un-
changed.24 Table IV presents measured values of - ,, yb,
and 7a'b’ for a few selected systems. Interfacial tensions
were measured by the ring method, and corrected by the
method of Zuidema and Waters.25 Excellent agreement
was found with compounds against water for which litera-
ture values were available.26 Although the ring method for
interfacial tension had not previously been reported on
systems comprising highly fluorinated compounds of low
surface tension and high density against water or organic
liquids, it was considered acceptable for this investiga-
tion, since the reproducibility of the measurements was
never greater than +0.3% (mostly +0.1%). As expected
from the low solubility of the oxyperfluoropropylenes in
either water or organic liquids (<25 ppm), the - a'b- values
were relatively large and remained stable over observa-
tion times up to 68 hr.

For homologous series of spreading liquids on the same
substrate liquid, Sba became larger (more positive) the
lower . b of each individual member of that series, i.e., the
greater - a — - b (Table 1V). Similarly, Sba was larger for
increasing y a of organic liquids with respect to - b. The - b
values of all four OPFP liquids were sufficiently low to en-
able spreading on any substrate, and Sba for all the sys-
tems was positive; the rapid spreading of OPFP-1, espe-
cially on water and on propylene carbonate, can now easi-
ly be explained by the large values of Sha for these sys-
tems. In the Krytox series, spreading on propylene car-
bonate was observed for all compounds whose values of - b

”
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TABLE IV: Interfacial Tensions, Spreading Coefficients, and Equilibrium Spreading Pressures of Various Systems at 250°a

Liquid "a" Liquid “b” 7a 7b
W ater Krytox AX 72.0 17.5
Water Krytox AZ 72.0 16 .5
W ater OPFP-4 72.0 14.9
Water OPFP-1 72.0 12.7
PrCo036 Krytox AX 41.1 17.5
Prco36 Krytox AZ 41.1 16.5
PrCo036 OPFP-4 41.1 14.9
PrCo03* OPFP-1 41.1 12.7
n-c 16 Krytox AX 27.3 17.5
tl1-C 16 Krytox AZ 27.3 16.5
n-c 16 OPFP-4 27.3 14.9
n-c 16 OPFP-1 27.3 12.7

aValues indyn/cm. 0 Propylene carbonate.

and 7a'b- were sufficiently low to result in positive values
of Sba. On hexadecane, only the lower members would
spread, and Table IV shows that Sba on hexadecane was
only 1.0 dyn/cm for Krytox AZ; Sba of any polymer with
greater ; b or - a b- approached zero or became negative, as
shown with Krytox AX. No spreading of the Krytox lig-
uids occurred on a water surface, although ; a is 72.0 dyn/
cm, because the value of - a-b- was so high as to make Sbha
approach zero. For any given oxyperfluoropropylene lig-
uid, whether the OPFP or Krytox series, Sba on water is
smaller than on an organic liquid which may be the result
of an insufficient number of hydrophilic adsorbing groups
in the spreading liquid.

As a result of very low solubility of any of the oxyperflu-
oropropylenes in the liquid substrate, y a- measured after
initial contact between liquids “a” and “b” and after sev-
eral hours was almost identical for the nonvolatile liquids
“b.” When a volatile liquid “b,” such as OPFP-1, was
brought in contact with water, the initial - a- of 62.4 dyn/
cm increased to 63.7 dyn/cm after 2 min and to 71.0 dyn/
cm after 10 min where it remained unchanged for the next
68 hr. The rapid increase in y a. was clearly the result not
only of volatilization of the OPFP-1 molecules from the
water surface (rapid volatilization had also been observed
when a drop of OPFP-1 was placed on a bulk water sur-
face) but also of low solubility of OPFP-1 in water; al-
though the water layer rested on the OPFP-1 layer
throughout the 68-hr period, not enough OPFP-1 mole-
cules traveled through the “ab” interface and subsequent-
ly through the water phase to significantly depress the
surface tension of the water. The lower initial value ofy a,
then, must be due only to the OPFP-1 molecules original-
ly adsorbed on first contact of the two phases and subse-
quently transported to the water/air interface. When
OPFP-1 was in contact with n-hexadecane, : a' changed
from 25.8 dyn/cm initially to 24.9 dyn/cm after 2 hr to
24.0 dyn/cm after 4 hr, and thereafter remained un-
changed for 68 hr. There the solubility was apparently
high enough to overcome volatilization and to provide a
sufficient number of molecules for adsorption on the sur-
face. A similar surface activity effect could be observed in
the system OPFP-1-propylene carbonate.

When a film has spread from a drop of liquid “b”
placed on liquid “a,” and some of the drop remains as a
lens on the film-covered surface “a,” the resulting surface
tension decrease : a - 7a- is the equilibrium spreading
pressure of “b” on “a” 27 and is denoted by

7a- 7b Ta'b' Sha (€Q3) 7a' Fba (eq 4)
54.
55
57
59
23
24.
26
28

9
10.
12.

14.

53
54
49
42
18
18
11
6
10
9
8
7

72
72
65
62
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31.
27
25.
24
24

6.1
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4.8
5.7
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1.4
2.4
3.3
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T'ba = 7a~7a’

4)

When solubility of “a” in “b” and vice versa is very low,
then Fba approaches fv a- where “a” had been previously
saturated with “b,” and “b” with “a.” Pomerantz, Clin-
ton, and Zisman28 proved that under these conditions

Fu = Ska (5)

Values of Fba as obtained by eq 4 are listed in Table IV
and are shown to be very close to the Sba values with the
exception of systems comprising OPFP-1. Here equilibri-
um conditions at the surface are prevented by the high
volatility and concomitant desorption of the OPFP-1 mol-
ecules.

We can conjecture that the spreading of the lower mo-
lecular weight oxyperfluoropropylenes on organic liquids
and water is not the result of a propitious organophilic-
organophobic balance, as demonstrated by surface-active
moleculesl nor of functional or hydrophilic molecular
groups which facilitate adsorption at a liquid/air inter-
face; rather, it is the result of a positive, and at times
sizeable, initial spreading coefficient and spreading pres-
sure. Similar conclusions have been drawn for the spread-
ing on water of perfluoro n-alkanes2 which are totally de-
void of hydrophilic groups, yet had positive spreading
pressures. Spreading characteristics thus are not altered
by the inclusion of oxygen atoms in the surface constitu-
tion.

Surface-Chemical Displacementby
Oxyperfluoropropylenes

For a liquid to be effective in surface-chemically dis-
placing another liquid, several qualifications and interac-
tions between the two compounds are necessary.3 Al-
though the OPFP liquids lack the two advantageous prop-
erties of good solubility in the organic liquids studied
(<0.1%) and a characteristic molecular structure of a sur-
face-active agent, they do display the necessary qualifica-
tions of having (a) very low surface tensions, and (b) the
ability to depress the surface tension of hexadecane and
propylene carbonate when added in small quantities
(Table 1V).

Experimental procedures were discussed earlier3 and
consist essentially of covering a horizontal glass or stain-
less steel panel to a depth of 0.2 mm with the organic lig-
uid to be displaced (rc-hexadecane, bp = 287°, and propyl-
ene carbonate, bp = 240°) and delivering a drop of the
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TABLE V: Behavior of Oxyperfluoropropylenes as Displacing
Agents at 25°

Propylene

Hexadecane carbonate
y”.maxr tmax<  X“max. tmax.
Agent cm?2 min cm?2 min
OPFP-1 12.6 1 44.2 1
OPFP-2 38.5 15 50.2 1
OPFP-3 72.4 30 50.2 3
OPFP-4 63.6 30 38.5 15
OPFP-1 in Freon 113“ 0.8 1 0.8 1
OPFP-2 in Freon 113* 1.8 1 19.6 1
OPFP-3 in Freon 113* 4.9 3 33.2 3
OPFP-4 in Freon 113“ <0.8 1 33.2 10
Freon 113 0.8 1 1.8 1

0 1% vol of OPFP in Freon 113.

pure displacing agent (here the OPFP liquid) to the wet
surface from a clean platinum wire tip. Table V shows
Smax, the maximum area of oil displacement, and tmax,
the time required to attain 2 max for each of the OPFP lig-
uids. The large values of 2 max prove the OPFP liquids to
be very effective liquid displacing agents. Since y a of pro-
pylene carbonate is higher than ya of hexadecane, we
would expect 2 max to be larger on propylene carbonate for
each OPFP liquid, and the data in Table V confirm this
for OPFP-1 and OPFP-2. However, in the case of OPFP-3
and OPFP-4, the reverse order was found. Bernett and
Zisman3 had also established that compounds free of
functional specifically adsorbing groups (the OPFP liquids
would have to be considered to fall into this category) can
be effective displacing agents provided that, besides a
considerable surface tension differential, there also exists
a considerable volatility differential between agent and
the liquid displaced. Thus as the bp of the OPFP liquids
increases with increasing molecular weight, the order of
2 max is larger with OPFP-3 and OPFP-4 on hexadecane
than on propylene carbonate. This indicates that the dif-
ference in volatility of substrate liquid and displacing
agent becomes of primary importance; the boiling points
of the OPFP-3 and OPFP-4 approach that of the propyl-
ene carbonate sufficiently so that the surface tension dif-
ference alone becomes inadequate to effect superior dis-
placement.

Many efficient liquid displacing agents remain effective
even when they are present as minor concentrations in a
solvent.4 As can be seen in Table V, the OPFP liquids
also remain effective, although to a much smaller degree,
when dissolved in 1% volume concentrations in
CCL: FCCIF: (Freon 113). In this solution system, how-
ever, 2max is always larger for propylene carbonate; be-
cause of the lower concentration, evaporation of the liquid
in excess of the fraction adsorbed on the solid substrate is
completed more rapidly, and thus equilibrium conditions
are reached more rapidly.

Conclusions

Alteration of the fluorinated aliphatic chain by incorpo-
ration of ether oxygen atoms had only a moderate effect
on some of the investigated properties characteristic of or-
ganic fluorochemicals. Surface tensions as well as critical

Marianne K Berne» and W. A Zisman

surface tensions of wetting remained very low, noreover,
the latter property proved to be govermed by the same
rules previously established for hydrocarbons, i.e., yc in
creases on the introduction of oxygen atorms in the surface
constitution. Atomic and group parachors for fluorine
agreed with those from other nds where the fluo-
rine was attached to highly fluorinated carbon atoms, and
were considerably lower than those in alkyl mono- or tri-
fluorides.

There were, honever, some notable differences. Intro-
duction of the ether oxygen in the aliphatic fluorinated
chain considerably extends the liquid range with molecu-
lar weight of the fluorinated compounds, greatly enlarging
the usefulness of such compounds. The electronic configu-
ration of the ether oxygen linked to highly fluorinated car-
bon atons wes altered to change the behavior of the atom
from hydrophilic to nonhydrophilic. Despite the albsence
of an organophobic-organophilic balance in the fluoro-
chemical molecule (because of the lack of such molecular
groups), the oxyperfluoropropylenes were surface active in
liquids, as shown by the ability to depress their surface
tensions, as well as adsorptive on liquid substrates, as
shown by their spreadability. These qualities may possi-
bly be extended by nodifying such polyether nmolecules
through addition of judiciously selected molecular constit-
uents.

Preparation and surface chemical investigation of ho-
mologous series of fluorochemicals, modified by other in-
clusions in the aliphatic chain, such as sulfur or amide
groups, may yield further valuable information.
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Ultrasonic Absorption in Aqueous Solutions of Nucleotides and
Nucleosides. |I. Effect of pH and Concentration
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Ultrasonic absorption measurements have been performed at 2.82 MHz and 25° on aqueous solutions of
eleven nucleotides, seven nucleosides, thymine, and D-ribose 5-phosphate between pH 2 and 13. For all of
these compounds except three nucleosides the ultrasonic absorption us. pH curves show maxima in the
acid and/or in the alkaline range. These maxima are attributed to two types of proton transfer equilib-
ria: (a) proton transfer with the solvent and (b) direct proton exchange between different ionized forms

of the nucleotide molecule.

In the alkaline range the absorption maxima are due to equilibria of the (a)

type except in the case of thymidine 5'-monophosphate (5'TMP) diammonium salt where it is due to a
proton exchange between NH4+ and 5'TMP anion. In the acid range absorption maxima are observed
only with nucleotides and D-ribose 5-phosphate and appear to involve the phosphate group. For nucleo-
tides having a chemical group other than phosphate with a pKain the acid range the maxima are mainly
due to equilibria of the (b) type whereas (a) type equilibria account for the maxima observed with nucleo-
tides having no such chemical group. The implications of these findings for the excess ultrasonic absorp-

tion of nucleic acids are examined.

|. Introduction

In several instancesl-5 it has been observed that, at a
given ultrasonic frequency /, the excess ultrasonic absorp-
tion Aa//2 (Aa = a —ao difference between the ultrasonic
absorption coefficients for the solution and for the solvent)
of agueous solutions of nucleic acids shows a large varia-
tion when the pH is changed, at pH below 5 and above 9.
For 0.005 g/m 1 DNA solutions in the alkaline range, Aa/f2
goes through a well-defined maximum at pH 11.7.2-3 In
the acid range Aa//2 increases as the pH decreases.2-4
Similar results have been found with RNA solutions.5
Conformational equilibria have often been thought to be
responsible for the above absorption changes.1-3 However,
in recent work2 we have shown that these changes are in
fact due to the perturbation by the ultrasonic waves of
proton transfer equilibria on protonable groups of nucleic
acid molecules. In the alkaline range the maximum was
assumed to be due to proton transfer on the lactam groups
of guanine and thymine. In the acid range the excess ul-
trasonic absorption was assumed to be due to proton
transfer on the amino group of guanine, adenine, and cy-
tosine. In order to check these assumptions we have
undertaken an extensive ultrasonic absorption study of
aqueous solutions of the various components of nucleic
acids.

The experimental results obtained with eleven nucleo-
tides, seven nucleosides, thymine, and D-ribose 5-phos-
phate are given in this paper. The results have permitted
assignment of the chemical groups involved in proton
transfer equilibria in nucleic acid solutions. Moreover, ev-
idence for a new type of proton transfer occurring in solu-
tions of nucleotides has been obtained. This process oc-
curs between molecules of the same nucleotide in different
states of ionization. It is observed only with nucleotides
whose base moiety includes a nitrogen atom or an =N H -
CO- group with apXain the acid range.

[I. Materials and Methods

The compounds studied in this work have been ob-
tained from various sources: deoxyadenosine 5'-monophos-

phate 2Na+ (5'dAMP), adenosine 5'-monophosphate
2Na+ (5'AMP), xanthosine 5'-monophosphate 2Na+
(5'XMP), deoxycytidine 5'-monophosphoric acid

(5'dCMP), cytidine 5'-monophosphate 2Na+ (5'CMP), in-
osine 5'-monophosphate 2Na+ (5'IMP), thymidine 5'-
monophosphate 2Na+ (5'TMP), thymidine 5'-monophos-
phate diammonium salt (5'TMPNH4+), uridine 5'-mono-
phosphate 2Na+ (5'UMP), guanosine 5'-monophosphoric
acid (5'GMP), xanthosine, and D-ribose 5-phosphate from
Sigma; adenosine 5'-phosphoramide Na+ (5'AMPNH2),
deoxycytidine, inosine, and thymine from Calbiochem;
deoxyadenosine and thymidine from Mann Research Lab-
oratories; and uridine and deoxyguanosine from Biochemi-
cal Research. All compounds were of the best grade avail-
able and have been used without further purification.

All solutions were prepared with freshly deionized dis-
tilled water. The pH was adjusted by small additions of
reagent grade HC1 or NaOH. The pH measurements were
performed in the range 2-13 using a Tacussel pH meter
with a glass electrode for highly alkaline solutions and a
standard calomel electrode. The pH meter was calibrated
using Merck buffers. Potentiometric titrations have been
performed on solutions of all of the above compounds.

The ultrasonic absorption coefficients were measured at
2.82 MHz using atwo-crystal interferometer.6

[11. Results and Discussion

The variation of a/f2 (a = absorption coefficient of the
solution) with pH has been found to greatly depend on the
nature of the compound, as can be seen in Figures 1-3
which show some typical results. Other data (Figures
5-10) are given in the microfilm edition of this paper.7
Table | summarizes all of the results obtained. pHA and
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Figure 1. Potentiometrie titration curves and variations of a/f2
vs. pH at 2.82 MHz for 0.02 M aqueous solutions of 5'dCMP
(- ), 5’CMP (- ), and deoxycytidine (— -—) at 25°. X is
the volume of added HCI solution for the titration experiments.

Figure 2. Potentiometric titration curve and variation of a/f2 vs.
pH (O) at 2.82 MHz for 0.02 M aqueous solution of
5TMPNH4+ at 25°. X is the volume of added NaOH solution
for the titration experiments.

pHe refer to the pH where the maximum occurs in the
acid and in the alkaline ranges, respectively. (A a/f)AB is
equal to (a//2)A,b - (a/f2)N where (a//2)A and (a//2)B are
the values of a//2 at pHA and pHB, respectively, and (as
f2)n is the value of a/f2 where no maximum occurs (see
Figures 1 and 2). In all instances but deoxyadenosine,
xanthosine, and deoxycytidine, the plots a/f2 vs. pH go
through a maximum either in the acid range and/or in the
alkaline range.

The fact that a/f2 is pH dependent indicates that the
absorption maxima are associated with proton transfer
equilibria or with processes which are coupled with proton
transfers. For the sake of clarity we shall deal separately
with the results relative to the alkaline range and to the
acid range.
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Figure 3. Variations of a/f2 vs. pH at 2.82 MHz and 25° for
aqueous solutions of thymidine, 0.02 M (O) and 0.19 M (X),
and of thymine, 0.02 M (A).

0 0.05 0.1 0.15 0.2

Figure 4. variations of (Aa/f2)~ vs. concentration at 2.82 MHz
and 25° for aqueous solution of 5’AMP (O) at pHA 5.05 and
5'XMP (=) at pHA5.9.

1 Alkaline Range. Table I indicates that, except for
5 TMPNH4+ and the second maximum observed at pH
11.9 for thymine, (Aa/f2)” varies only from 11 to 30 X
10_17 cm”1 sec2 and pHB varies in a narrow range be-
tween 10.3 and 11.1. Moreover both thymine, thymidine,
and 5'TMP show an absorption maximum around 11.
Table I also indicates that when a nucleoside presents no
absorption maximum in the alkaline range the corre-
sponding nucleotide shows the same behavior.

The effect of ionic strength n was investigated in the
case of 5’'TMP, thymidine, and deoxyguanosine. No effect
on pHB and (Aa//2)B was found when /4 was increased
from 0 to 0.15 M NaCl. This result seems to indicate that
stacking of nucleotides or nucleosides is not at the origin
of the observed ultrasonic absorption maxima. On the
other hand, a comparison between the titration curves of
the compounds listed in Table | and the corresponding
curves a//2 vs. pH (see, for instance, Figure 1 and 2 and
ref 7) permits identification of the process responsible of
the absorption maxima. In each instance it is found that
pHB corresponds within the experimental error to the pH
value at the equivalence point associated with the ioniza-
tion of a lactam (or lactim)8group according to reaction 1.
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TABLE I: Summary of the Results Obtained with 0.02 M Solutions at 2.82 MHz and 25°

Acid range Alkaline range
pHA PHb
(Aal/12)a X (Aa/Iz)B X
Expt Calcd“ 1017sec2/cm _Bxpt Calcd" 1017sec2/cm
5'dAMP 5.05 + 0.1 5.12 (b) 76 + 4 0
5'AMP 5.05 + 0.1 5.12 (b) 76 = 4 0
5'’AMPNH2 3.15 £ 0.1 3.1 (a) 135 + 2
5'XMP 59 + 01 5.88 (b) 102 + 5 0
5'dCMP 55+ 0.1 5.42 (b) 141 + 7 0
5'CMP '5.35 + 0.1 5.37 (b) 103 + 5 0
5'IMP 41 £ 0.2 3.97 (c) 9+ 2 10.55 £+ 0.3 10.8 (e) 1+ 2
5TMP 4.2+ 0.2 4.07 (c) 9+ 2 11.1 +0.15 11.22 (e) 24 + 3
5TMPNH4+ 41 £ 0.2 4.09 (c) 85+ 2 9.7 £ 01 9.69 (d) 315 + 10
5'UMP 43 + 0.3 4.04 (c) 75+ 25 10.8 + 0.3 11.02 (e) 12+ 3
5'GMP 4.2 £ 0.2 4.1 (c) 125 + 25 109 + 0.2 11.02 (e) 19 + 3
4.3 (b)
Deoxyadenosine 0 0
Xanthosine Precipitation occurs at pH <4.9 0
Deoxycytidine 0 0
Inosine 0 10.6 + 0.2 10.6 (e) 11 + 3
Thymidine 0 111 + 0.2 11.05 (e) 20 + 2
Uridine 0 10.45 + 0.3 10.7 (e) 125+ 25
Deoxyguanosine 0 10.7 = 0.15 10.8 (e) 23+ 2
Thymine 0 11 + 0.1 11.1 (e) 30.5 + 3
119 + 0.1 315+ 3
D-Ribose 5-phosphate 4.15 + 0.2 3.98 (c) 6+ 2

“The calculated values of pHa.b have been obtained using (a) pHa = |Hpr| + pKn); (b) pHA = 12<pkp2 t pKn); () pHA = '/Hprj - logo,);
(d) pHB = 22(pKN + pkNH4*) with pKNH<+ = 9.26; and (e) pHB = \2(14 + pKN + log c).

-NH-CO- + OH- H,0 + -N-CO-~ (1)

ke

The assignment of the absorption maxima in the alka-
line range to the hydrolysis equilibrium 1 explains the re-
sults of Table I.

(a) Adenine and cytosine molecules do not contain lac-
tam groups and no absorption maximum is observed in
the alkaline range for the nucleotides and nucleosides cor-
responding to these two bases. The same explanation
holds for D-ribose 5-phosphate.

(b) The presence of two lactam groups in thymine ex-
plains the two absorption maxima found for this com-
pound (see Figure 3 and Table I). From the value of pHB
for the second maximum the corresponding pK&may be
estimated to be around 12. Thus our results appear to
confirm those obtained in an ultraviolet study9 of thy-
mine. Two ionizations were detected; that of the 2-hy-
droxyl group characterized by a pKa equal to 9.6 and that
of the 4-hydroxyl group with a pKa around 13.9 It must be
pointed out that the second ionization is not apparent on
the potentiometric titration curve. In going from thymine
to thymidine the second absorption maximum vanishes
(see Figure 3) as the proton of the 4-hydroxyl group is re-
placed by the sugar.

(c) The absorption maximum associated with reaction 1
should occur at a pH given by 10

pHb 5414 + pffa + log c) (2)

where pKa has its usual meaning and c is the concentra-
tion in equiv/l. of titrable groups. The pKa values re-
ported in the literature9'11-13 or determined as part of this
work have been used to calculate pHB for the compounds
presenting an absorption maximum in the alkaline range.
As indicated by Table | the agreement between calculated
and experimental values is quite good.

On the other hand, eq 2 predicts an increase of pHB
with c. Figure 3 relative to thymidine shows that indeed
pHB is increased by 0.3 to 0.4 pH units when c is in-
creased from 0.02 to 0.19 M.

(d) The amplitude of the absorption maximum (Aa//2)B
at frequency / and at pH pHB can be calculated accord-
ing to10

(AR /2 118 X KTAVO0AOHIA + 7~ 1/2t=2 (3)

with

1/tb = k-x + 2*[OH-1; kjk-! 1014 ;,

(4)

where rB is the relaxation time, fei and k-\ are the rate
constants for reaction 1, AVo is the volume change associ-
ated with this reaction. The calculations have been car-
ried out for thymidine and inosine which are character-
ized by quite different values of pKa: 9.75 and 8.9, respec-
tively. fei was taken as 1010 M _1 sec 1l as can be expected
from results reported on adeninel4 and purine.15 The
value of AVo is not known. However, for a reaction such
as 1 values of the order of 10 cm3/mol or more are to be
expected,16 on the basis of the volume changes upon ion-
ization of compounds such as phenol derivatives and for
the neutralization reaction H+ + OH- —mH20. With AVo
10 + 2 cm3/mol the calculated values of (Aa/f2)B have
been found to be (20 7) x 10-17 and (8 3) x 10-17
cm-1 sec2 for thymidine and inosine, respectively, in
good agreement with the experimental results.

The results of Figure 3 for thymidine permit a direct
although approximate calculation of k\ and AVo from the
values of (Aa//2)B at ¢ 0.02 and 0.19 M, by means of eq
3 and 4. The values k1 = 4.109 M -1 sec-1 and A Vo 11.5
cm3/mol were obtained.

(e) Equations 3 and 4 also provide an explanation for
the fact that xanthosine and 5'XMP do not show an ab-

+

+
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sorption maximum in the alkaline range although they
contain lactam groups. Indeed the pKa of these groups is
low (5.7 as compared with 9.8-11 for the lactam group of
the other compounds of Table I). As a result [OH-] in eq
3 and 4 is at least 100 times smaller than for the other
compounds, yielding an absorption maximum of negligible
amplitude in the alkaline range, at 2.82 MHz, in agree-
ment with the experimental results (see Table I and Fig-
ure 6 of ref 7).

(f) Implications for the ultrasonic absorption of nucleic

acids. In nucleic acids base pairing through H bonds in-
volves the lactam groups of thymidine, guanine, and uri-
dine. Proton transfers on these groups remain, however,
possible as shown by potentiometric studies,17 but the
pKa's are higher than those of the corresponding nucleo-
tides. For example, the pKa's of the lactam group of
5'GMP and 5'TMP are 9.8 and 10.2, respectively, while in
DNA they are 11.6 and 11.4, respectively.17 As a result
the absorption maximum is found at around pH 11 for nu-
cleotides and 11.7 for DNA, in excellent agreement with
the values calculated by means of eq 2. On the other
hand, it is easy to show, using eq 3 and 4, that a pKain-
crease should result in an increase of Aa//2 in agreement
with the experimental results. Indeed, a 0.005 g/cm 3 solu-
tion of DNA has a content of about 0.01 M of thymidine
and deoxyguanosine and its excess absorption has been
found to be about 25 X 10-17 cm-1 sec2 as compared with
about 22 X 10-17 cm -1 sec2for a 0.02 M solution of deoxy-
guanosine or thymidine.

It must be pointed out that in a recent paper4 on the
ultrasonic absorption of DNA solutions it was incorrectly
stated that proton transfer in the alkaline range involves
the NH2 group of the bases while in fact lactam groups
are involved. Also the authors claimed that the absorption
maximum should occur between pH 12.5 and 13 and for
this reason concluded that “there was reasonable doubt
that proton transfer can be involved to account for such
maxima.” However, in their calculations the authors used
the equation pHB = (14 + pKa)/2 instead of eq 2. In
doing so they neglected the concentration term which
amounts to about -1 pH unit at the concentration used in
their work (~0.004 g/cm 3).

In conclusion, the ultrasonic absorption maximum oc-
curring at pH 11.7 in DNA solutions appears to be due to
proton transfer equilibria involving the lactam groups of
guanine and thymine. For RNA solutions this process in-
volves the lactam group of uracil and guanine.5

2. Acid Range. An inspection of Table | reveals the fol-

lowing two salient features.

(a) Absorption maxima are present only for those com-
pounds which comprise the phosphate group, i.e., nucleo-
tides and D-ribose 5-phosphate, but not for nucleosides
and bases.

(b) The nucleotides for which an absorption maximum
has been observed in the alkaline range (5'IMP, 5TMP,
55TMPNH4+, 5'UMP, and 5'GMP) show in the acid
range a maximum whose amplitude and position are prac-
tically independent of the nature of the nucleotide, and
quite close to those found for D-ribose 5-phosphate. On the
contrary, the nucleotides which present no absorption
maximum in the alkaline range (5'dAMP, 5'AMP,
5'XMP, 5'dCMP, and 5'CMP) show in the acid range a
maximum of large amplitude whose position and ampli-
tude depend very much on the nature of the nucleotide.
Again, for the sake of clarity, we shall deal separately
with the two series of nucleotides. The results relative to

The Journal of Physical Chemistry, Vol. 77, No. 19, 1973

Jacques Lang, Jean Sturm, and Raoul Zana

5’AMPNH2 will be examined in part d. However, an ex-
planation must be first given for the fact that deoxyade-
nosine, deoxycytidine, and deoxyguanosine, which com-
prise a nitrogen atom protonable in the acid range,9-10'13
do not show an absorption maximum in this range.

a. Deoxyadenosine, Deoxycytidine, and Deoxygua-
nosine. The reaction of protolysis which could give rise to
an absorption maximum in the acid range writes

-NH+ -N + H+ (5)

The position of the absorption maximum, pHA, and the
relaxation time rA and excess absorption (Aa//2)A associ-
ated with reaction 5at pH = pHAare given by10

pHA = y,(pKs - log c) (6)
l/rA = «-i + 2[H+])z @
4.7 = L18 X HTiin"APoG , T..r_, (8
Kf-}A tn °% ¢ i ®)

where ¢ is the concentration of protonable groups and
pAn the pKa of the protonable nitrogen atoms. The cal-
culations were carried out on deoxyadenosine, deoxycyti-
dine, and deoxyguanosine whose p.KVs are respectively
3.7 (this work), 4.3 (this work and ref 9, p 369), and 2.13
Throughout the calculations k\ was taken as 2.4 x 1010
M -1 sec-1, a value obtained by means of nmrl18 on pu-
rine. On the other hand, for reaction 5, AVo usually varies
between 2.5 and 5 cm3/mol.19 At f = 2.82 MHz and for a
nucleoside concentration of 0.02 M, calculations yield
values of (Aal//2)A below 3 X 10-17 cm-1 sec2 even with
AVo = 5 cm3/mol. Absorption maxima with such small
amplitudes would barely show on the plots of a/N2 vs.
pH, given the experimental error. Since the actual values
of AVo are likely to be smaller than 5 cm3/mol the excess
absorption due to reaction 5 will be negligible for the
three nucleosides at 0.02 M.

b. 5'IMP, 5'TMP, 5'TMPNH4+, 5'UMP, and 5'GMP.
The small absorption maximum found in the acid range has
the same characteristics for the five nucleotides and D-ri-
bose 5-phosphate. It therefore must be attributed to the
phosphate group and not to the base. Although this maxi-
mum has not been observed for phosphoric acid,7 it will
be shown below that these two sets of results are not in-
compatible.

The comparison of the potentiometric neutralization
curves of the above five nucleotides to the corresponding
a/f2 vs. pH curves show that in each instance pHA corre-
sponds to the pH at the equivalence point for the reaction
of protolysis of the secondary phosphoric acid function

R-O-POH- R~0-POr + H+ ©)
where R refers to the rest of the nucleotide molecule (base
plus sugar). It can be shown that for such a reaction the
ultrasonic absorption maximum occurs at a pH given by10

pHA = /4(pKp2~ log c) (10)

where pKP2 is the pKa of the secondary phosphoric acid
function and e the nucleotide concentration.

Equation 10 permits us to explain why the position of
the absorption maximum observed for the above five nu-
cleotides does not depend on the nature of the nucleotide.
Indeed our potentiometric data, as well as results of other
workers,12 show that pKP2 depends very little on the na-
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ture of the nucleotide. This in turn results in values of
pHAIndependent of the nucleotide.

Equation s gives the maximum excess absorption asso-
ciated with reaction 9. This expression can be used to
evaluate (Aasf2)a for the five nucleotides since (a) pk a is
known to be 6.65 + 0.05;12 (b) AVo for reaction 9 can be
taken as the volume change upon ionization of the secon-
dary acid function in phosphoric acid, i.e., 28 cms/mol;20a
and (c) k\ can be taken as 5 X 10.0 M- : sec.. as reaction
9 involves H. .. The calculations then yield (Aasf2)a = &
X 10- .7 cm-: sec:. at 2.82 MHz and with ¢ = 0.02 M, in
agreement with the experimental results for 5TMP,
5TMP, s' TMPNH.+, and 5'UMP, but too small com-
pared with the results for 5’GMP. A possible explanation
for this difference will be given in paragraph c.

The calculations were also carried out for phosphoric
acid for which pk a = 7.2,20b with the same assumptions
as for nucleotides. (aasf2)~ was found to be below 2 X
10+ 17 CM.1 Sec2, i.e., too small to be detected, in agree-
ment with our experimental results which do not show
any absorption maximum on the curve asf2 us. pH for
phosphoric acid.-

As predicted by eq 10 a decrease of pHA with ¢ has been
obtained in the case of 5TMP ; Decreasing ¢ from 0.25 to
0.02 m , however, resulted in a decrease of pHA by only 0.3
pH units instead of a predicted 0.5 pH units on the basis
of eq 10. A possible explanation for this result is that at
pH around 4 protons may be exchanged directly according
to reaction :: in addition to the transfer involving H.O
(reaction 9). As will be shown now proton exchange simi-
lar to reaction .., although involving other protonable
groups, plays a very important role in the ultrasonic ab-
sorption of the nucleotides considered in the next para-
graph.

R-PCfH, + R-P03R_ 2R-POjH~ (11

C. 5'dAM P,
Comparison of the results for these nucleotides with those
for the corresponding nucleosides shows that the phos-
phate group is at least in part responsible for the absorp-
tion maxima found for nucleotides. On the other hand,
the results of Table | indicate that both the amplitude
and position of the absorption maxima depend on the
value of the pk a of the nitrogen atom of the base moiety
involved in reaction 5. As stated above the pH depen-
dence of asf2 indicates that the absorption maxima dis-
played by these five nucleotides must be due to proton
transfer equilibria or to other processes such as conforma-
tional equilibria and/or stacking equilibria coupled with
proton transfers.

Indeed, the ultrasonic absorption of aqueous solutions of
nucleosides and 5'AMP at neutral pH has been recently
reported... From results obtained in the range 10-250
MHz, Rhodes and Schimmel.. concluded that the ob-
served excess absorption was due to the syn-anti transi-
tion about the glycosidic bond, i.e., to an intramolecular
process. These authors attributed to the same process the
sharp increase of absorption which they observed at lower
pH. Although our results at neutral pH agree with those
of Rhodes and Schimmel.. when concentration is taken
into account, the absorption maxima found in our work
cannot be assigned to the syn-anti equilibrium for the fol-
lowing reasons, (a) Such a process should be characterized
by a linear variation of (Aasf2)a with the nucleotide con-
centration c¢ while the curves of Figure 4 relative to

5'AMP, 5'XMP, 5'dCMP, and

5'CM P.
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57AMP and 5'XMP show a nonlinear behavior, (b) The
absorption associated with such a process should be com-
parable for the different nucleotides derived from purine
(or pyrimidine). In fact, Table | shows that this is not so
and that (Aa//2)A depends greatly on the pk a of the ni-
trogen atom of the base moiety which is involved in reac-
tion 5 in the acid range: pHA increases with pifN. (c) The
variation of a/f2 with pH would be difficult to explain in
terms of conformational equilibrium, at the present state
of knowledge.

On the other hand, much evidence has been obtained22
for the stacking of nucleotides at concentrations compara-
ble with those used in this work. Nevertheless this process
alone cannot explain the absorption maxima.

Indeed one would expect stacking equilibria to be very
sensitive to the ionic strength ~ and to the urea content of
the solution but this prediction is not confirmed by the
experimental results relative to 5’AMP. No effect of n on
(Aasf2)a has been found when is increased from 0 to
0.15 m KC1 while pHA undergoes only a minor change
(0.05 pH units). On the other hand, raising the urea con-
tent of the solution to 7 m urea results in a 50% decrease
of (Aa//2)A and in a shift of +0.3 pH unit of pHA. On the
basis of stacking equilibria one would have expected a
much larger decrease or eventually a complete disappear-
ance of the absorption maximum as stacking must be con-
siderably reduced in the presence of 7 m urea, in view of
known effect of urea on hydrophobic association.23 The
effect of ionic strength and of 7 m urea on pHA and (Aas
R)a can be better understood if absorption maxima are
assumed to be due to proton transfers. Indeed pRa's are
usually increased in the presence of ureall resulting in an
increase of pHA. Also, the magnitude of AVo is decreased
in going from H:O to H.O.» m wurea?24 thus bringing
about a decrease of Aasf2. On the contrary an increase of
ionic strength from 0 to 0.15 m» KC1 results in very small
changes in AVo016,24 and in pRa20c thus explaining the
very small changes of (Aa//2)A and pHA upon increasing
A-

Proton transfers thus appear as the main contributors
to the observed absorption maxima in the case of
5'dAMP, 5'AMP, 5'XMP, 5'dCMP, and 5'CMP. The
comparison between the asf2 us. pH curves and the po-
tentiometric titration curves of these five nucleotides sup-
ports this conclusion and reveals that in each instance the
maximum occurs at a value of the pH given by

pHA = vApkp2 + pKs) H2)

where both pKp: and pRN have already been defined (see
eq « and 10). This result suggests that protons are ex-
changed between secondary phosphoric acid functions
-PO:H which act as donors and protonable nitrogen
atoms N which act as acceptors according to:

-POgH" + =N - — P03 + =NH +- (13)
Equation 12, predicts that pHA should be independent of
concentration, in agreement with the experimental results
for 5’AMP in the range 0.155-0.02 m» and 5'XMP in the
range 0.02-0.006 m .

The proton exchange in reaction 13 may be intramolec-
ular and/or bimolecular. The results of Figure 4 show,
however, that this reaction is at least in part bimolecu-
lar.s Indeed a linear variation would be expected in the
case of a monomolecular reaction.
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Whether or not both intramolecular and bimolecular
proton transfers contribute to (aasf2)\ cannot be decided
on the basis of the results relative to the effect of concen-
tration on (Aci/™la or of pH on a.if2. The effect of fre-
quency on (Aa/Z™A has been investigated for this purpose
and some preliminary results for 5’AMP have already
been reported26 which support a bimolecular process.

It is now possible to understand the ultrasonic absorp-
tion behavior of 55TMPNH4+ for which an absorption
maximum of extremely large amplitude can be seen in the
alkaline range in Figure 2. In this case again we are deal-
ing with a couple donor-acceptor respectively NH.+ and
5'TMP*“ whose pAa’s are 9.26 and 10.12. Indeed the ab-
sorption peak occurs at a pH value equal to (pAnh* +
pi”s 'TMP-)/2 as for reaction 13.

The results for 5'GMP demand an additional remark.
This nucleotide comprises a nitrogen atom with a pAa
around 212 which yields, according to eq 12, a value of
pHA 4.3. On the other hand, for reaction 9, eq 10 predicts
an absorption maximum at pHA 4.1. The experimental
error on pHA (4.2 + 0.2) does not permit us to decide
whether the observed maximum is due to reaction 13 and/
or to reaction 9. A study of the variation of pHA with con-
centration might have rendered the choice possible. Un-
fortunately the 0.2 m» 5'GMP solution became gel-like in
the acid range preventing ultrasonic absorption measure-
ments. We have shown, however, in paragraph 111.2b that
for 5’GMP the experimental value of (A «//2)a is twice the
calculated value for reaction 9. This result may indicate
that indeed reactions 9 and 13 contribute together to the
absorption maximum of 5'GMP. The contribution of reac-
tion 13 would then be quite small as compared with other
nucleotides because of the large difference between the
pAa’s of the protonable nitrogen atom and of the secon-
dary phosphoric acid function.

d. Tentative Explanation for the
of Nucleic Acids. For all the above nucleotides the secon-
dary phosphoric acid function has been involved in the
explanation of the observed ultrasonic absorption maxi-
ma. However, it is clear that neither reaction 9 nor reac-
tions 11 and 13 can explain the excess ultrasonic absorp-
tion of solutions of nucleic acids where the secondary
phosphoric acid function is replaced by a phosphate-sugar
linkage. The results obtained with 5’AMPNH2 might pro-
vide a possible explanation since in this nucleotide the
secondary phosphoric acid function is also eliminated.
Table | indicates that in going from 5’AMP to 5’AMPNH?2
the maximum does not disappear; however, pHA decreases
from 5.05 to 3.15 and (Aasrp)a from 76 X 10“17 to 13.5 X
10”17 cm*“ 1sec2. The comparison of the ultrasonic absorp-
tion curve with the potentiometric titration curve shows
that in this case pHA appears at a pH given by

U ltrasonic Absorption

PHa = ‘(Pkn + pAN) (14)

where pAP is the pAa of the phosphoric acid function
and pAN has been defined in relation 6. This result
suggests that in the case of 5’AMPNH2 the ultrasonic ab-
sorption maximum results from a transfer between a
donor and an acceptor, namely, -P03NH2H and =N -.
Additional experimental results, however, would be need-
ed for a more precise description of this mechanism (di-
rect proton transfer between donor and acceptor and/or
proton transfer through the solvent). Therefore it is not
yet possible to give an accurate picture of the process re-
sponsible for the excess ultrasonic absorption found in the
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acid range-for DNA2-4 and RNA,5 although a mechanism
similar to the one involved in 5’AMPNH2 is likely to con-
tribute to this absorption. Indeed an ultrasonic absorption
maximum has been found for DNA4 at 5.69 MHz and at
pH 3, i.e., close to that found for 5'AMPNH?2at pH 3.15.

It must be pointed out that nucleic acids contain, in
addition to adenine, guanine and cytidine which also have
a nitrogen atom which can exchange a proton with the
primary phosphoric acid function in the acid range. These
exchanges are therefore likely to contribute to the absorp-
tion of nucleic acids.

The proton exchange reaction proposed above as the
cause of the absorption of nucleic acids in the acid range
is at variance with the mechanism suggested in an earlier
publication.2 At that time the ionization of the =N H +-
groups of guanine, cytidine, and adenine was thought to
be responsible of the absorption of DNA solutions at pH
below 4. We have shown, however, in paragraph Ill.2a
that this reaction (eq 5) contributes a negligible amount
to the absorption of nucleotides and nucleosides. Similar
calculations show that this is also true for nucleic acids.
The above results, however, leave no doubt, in spite of the
opinion expressed by other workers,4 that in the acid
range proton transfers cause the absorption changes ob-
served in nucleic acids.
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Thermodynamics and the Effect of Guanidine Hydrochloride and Potassium
Chloride on the Hydrophobic Hydration of Tetra-n-butylammonium
Bromide and Tetra-n-pentylammonium Bromide in Water

B. Chawla, S. Sunder, and J. C. Ahluwalia*

Department of Chemistry, Indian Institute of Technology, Kanpur, India (Received March 21, 1973)

The partial molar enthalpies of n-BiuNBr and n-PeéNBr in 2, 4, and s« m

ride and of n-Bu:NBr in 2 and 4 m

aqueous guanidine hydrochlo-

aqueous potassium chloride solutions have been determined calori-

metrically at 25 and 35°. These data have been used to derive enthalpies (at 25 and 35°) and heat capaci-
ties of transfer (at 30°) of these salts from water to aqueous guanidine hydrochloride and potassium chlo-
ride solutions. The results show that transfer of n-Bu4dNBr and re-Pe4dNBr salts from water to both aque-
ous guanidine hydrochloride and potassium chloride solutions is accompanied by a decrease in their ex-
cess partial molar heat capacities indicating that GuHCI and KC1 reduce the structure-making or hydro-
phobic hydration capacity of these salts. However, GuHCI is found to be more effective than KC1 in re-
ducing hydrophobic hydration of rc-Bu.NBr. The results are compared with the effects of urea and NacCl
on the same salts. The decreasing order (GUHCI > urea > KC1 > NaCl) of effectiveness of the various
solutes in reducing hydrophobic hydration of n-Bu.NBr and n-Pe: NBr correlates well with their decreas-

ing effectiveness in protein dénaturation.

Introduction

In continuation of our studies... of the effect of protein
dénaturants as well as of nondenaturants on the hydro-
phobic hydration of model hydrophobic solutes such as
R.:N+ salts, we report in this paper the results on the
thermodynamic transfer functions of n-Bu4NBr and n-
Pe.NBr from water to aqueous guanidine hydrochloride
and potassium chloride solutions. This study represents
an attempt first to find correlation between the structure-
breaking or -making ability of various kinds of solutes and
their effectiveness in reducing the hydrophobic hydration
of hydrophobic solutes; second, to find a correlation be-
tween the effectiveness of solutes in reducing hydrophobic
hydration and their effectiveness in protein dénaturation.

In some of our recent studies: s it was shown that while
urea (up to 7 m) reduces the structure-making or hydro-
phobic hydration capacity of n-Bu4dNBr and n-Pe:NBr,
NaCl (up to 3 m ) enhances the hydrophobic hydration of
these solutes. The interpretation of these results: s and
those of other studies:; support the model of Frank and
Frankss which proposes that urea displaces the water
equilibrium from a bulky species involving long-range
order to a dense species involving only short-range struc-

ture by resembling water in its capacity to form hydrogen
bonds but by having the wrong geometry to take part in
extended water structures. The conclusions drawn from an
excellent discussion of urea-water interactions in a recent
detailed studys of nuclear magnetic resonance of aqueous
urea solutions also support the above model of Frank and
Franks.s Since there exists a belief that dénaturants cause
dénaturation of proteins by weakening hydrophobic inter-
actions, it would be interesting to study how the effective-
ness of the various solutes as dénaturants can be correlat-
ed with their effectiveness in altering the hydrophobic hy-
dration of model hydrophobic solutes. Recently Mas-
troianni, et al.,10 have concluded from their heats of dilu-
tion studies that the effect of cosolvents DM SO, urea, and
GuHCI is to reduce the ability of Bu:.N+ to promote
structure, while NaCl appears not to interfere with the
structure promotion by BU:N+. Their results correlate
quite well with the effect of cosolvents on protein stabili-
ty.io We thought it would be worthwhile to study the heat
capacity of transfer functions to deduce the effect of
GuHCI and that of KC1 on the hydrophobic hydration of
n-Bu4dNBr and n-Pe4NBr (the most structure-promoting
solutes known so far) and to compare their behavior with
that of urea and NacCl.
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Experimental Section

The submarine calorimeter and the operational proce-
dure for measurements of the integral heats of solution
have been described previously,3'11'12 n-Pe4NBr and n-
Bu4NBr were obtained from Eastman Organic Chemicals
Distillation Products Industries and were recrystallized
from acetone-ether mixture by the method reported in the
literature.13 The recrystallized salts were dried in
for several hours at 60°. The samples bulbs were filled
with salts, dried to constant mass at 80°, and then sealed
Guanidine hydrochloride (Fluka, A.G.-Pract.)
was recrystallized from water containing HC1 at pH 4.6
and dried in vacuo at 60°. Analytical reagent grade potas-
sium chloride (assay >99.8%) was obtained from BDH
Ltd. and was used as received. Deionized distilled water
was used for making aqueous guanidine hydrochloride and
aqueous potassium chloride solutions. All calorimetric
measurements were made with freshly prepared guanidine
hydrochloride and potassium chloride solutions.

vacuo

in vacuo.

Results

The values of partial molar heats of solutions An s of n-
Bu4NBr and n-Pe4NBr in 2, 4, and 6 m aqueous GuHCI
solutions as well those of n-Bu4NBr in 2 and 4 m» KC1 at
25 and 35° are given as supplementary material.14 Since

B Chawla, S. Sunder, and J. C. Ahlunalia

the measurements of Axs of n-Bu4NBr and rc-Pe4NBr in-
aqueous GUHCI and that of n-Bu4dNBr in aqueous KC1 so-
lutions were carried out in very dilute solutions of n-
Bu4NBr and n-Pe4NBr (0.3 x 10“33 x 10-3m ) wherein
any concentration effect is masked by the experimental
error, the value of the limiting partial molar enthalpy
AHs® was taken as the average of Anx s values. The uncer-
tainties in the aH s° values are computed as 95% confi-
dence limits. The values of Ans°. of n-Bu4NBr and n-
Pe4NBr in 2, 4, and 6 v» GuHCI and of n-Bu4NBr in 2
and 4 m KC1 solutions are given in Tables I, Il, and IlIlI,
respectively, along with the An s° values of these salts in
pure water at the same temperatures reported earlier from
this laboratory.15 The enthalpies of transfer AHtr (AHtr
AHS) of n-Bu4NBr and n-Pe4NBr from water to
2, 4, and 6 m» GuHCI solutions are listed in Tables | and
11, respectively, and plotted against molarity of GuHCI in
Figure 1. The enthalpies of transfer of n-Bu4NBr from
water to aqueous KC1 solutions at 25 and 35° are listed in
Table Il and plotted against molarity of KC1 in Figure 1.
The excess partial molar heat capacities, ACP of
Bu4NBr and n-Pe4NBr in aqueous GuHCI solutions, and
those of n-Bu4dNBr in aqueous KC1 solutions at 30° de-
rived from the AHs° values by the integral heat method,
are also listed in Table I, Il, and Ill, respectively. The
partial molar heat capacities of transfer ACptr of n-

AH Ss°

n-

TABLE I: Partial Molar Thermodynamic Functions of Transfer of Tetra-n-butylammonium Bromide from

Water to Aqueous Guanidine Hydrochloride Solutions

25.0° 35.0° 30.0°
AH/“ AHtr, AHs’.a AHTr, AC,°. ACptr.
[GuHCI], M cal mol'l cal mol ~1 cal mol"1 cal mol * * cal K "mol 1 cal K- 1mol-1
0" -2050 £ 15 -260 = 15 179 + 2
2.0 -1962 + 17 88 = 23 -655 + 23 -395 + 27 131 =+ 3 -48 = 4
4.0 -1581 + 22 469 + 27 -503 £ 20 -243 £ 25 108 + 3 -71 = 4
6.0 -1049 + 34 1001 + 37 -403 £ 20 -143 £ 25 65 + 4 -114 = 4
“ AHs°values are computed average values with 95% confidence limits. s The values of AHS® in pure water are taken from ref 15.
TABLE II: Partial Molar Thermodynamic Functions of Transfer of Tetra-n-pentylammonium Bromide from
Water to Aqueous Guanidine Hydrochloride Solutions
25.0° 35.0° 30.0°
A Hs°.a AHtr, AHs’,a AH,r, ACp , ACptr.
[GuHCI], M cal mol ~1 cal mol “1 cal mol- 1 cal mol "1 cal K_imol~: cal K~*mol- 1
0» 796 + 29 3791 + 39 299 + 5
2.0 1022 = 12 226 = 31 3140 =+ 32 -651 = 50 212 £ 3 -87 + 6
4.0 1314 = 27 518 + 40 2767 + 29 -1024 £ 41 145 + 4 -154 £ 6
6.0 1623 + 23 827 + 37 2441 + 32 -1350 + 50 82 + 4 -217 £ 6
a-b See corresponding footnotes to Table 1
TABLE IlI: Partial Molar Thermodynamic Functions of Transfer of Tetra-n-butylammonium Bromide from
Water to Aqueous Potassium Chloride Solutions
25,0" 35.0° 30.0"
AH,L" AHtr. AHs°a AHtr. ACP,
[KCI], M cal mol- 1 cal mol 1 cal mol- 1 cal mol" 1 cal K" 1mol "1 cal K 1mol":
0b -2050 = 15 -260 = 15 179 + 2
2.0 -1828 = 25 222 + 29 -220 = 4 40 = 16 161 + 3 -18 + 4
4.0 - 1048 £ 32 1002 £+ 35 465 * 22 725 £ 27 151 + -28 = 4

a» See corresponding footnotes to Table 1
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Figure 1. Enthalpy of transfer of n-BmNBr and r?-Pe4NBr from
water to aqueous guanidine hydrochloride and potassium chlo-
ride solutions as a function of molarity of guanidine hydrochlo-

ride and potassium chloride at 25 and 35°:(¢) AHtr for n-
BudNBr from waterto aqgueousGuHCI at 25°; (m) AHtr forn-
BudNBr from  waterto aqueous GUHCI at 35°; (O) AHIr forn-
Pe4NBr from  waterto aqgueous GUHCI at 25°; (O) AHtr forn-
Pe4NBr from  waterto aqgueous GUHCI at 35°; (A) AHtr forn-

Bu4NBr from water to aqueous KCI at 25°; (A) AHtr for n-
Bu4NBr from water to aqueous KCl at 35°.

Molarity of GuHCI

Figure 2. Excess partial molar heat capacity of transfer of n-
Bu4NBr and n-Pe4NBr from water to aqueous guanidine hydro-
chloride solution as a function of molarity of guanidine hydro-
chloride at 30°.

Bu4dNBr and rc-PedNBr from water to aqueous GuHCI so-
lutions are listed in Tables | and Il and plotted against
molarity of GUHCI in Figure 2. ACptr values of n-Bu4NBr
from water to aqueous KCI solutions are listed in Table
111 and plotted against molarity of KCI in Figure 3. For
comparison, ACptr of rc-Bu4NBr and n-Pe4NBr in aqueous
urea, GuHCI, and NaCl and KCI (only for n-Bu4NBr) are
also plotted in Figure 3.

Discussion

The results given in Figure 1 show that the transfer of
n-BudNBr and n-Pe4NBr from water to aqueous GuHCI
solutions at 25° and rc-BudNBr from water to aqueous KCI
solutions (at 25 and 35°) is accompanied by an increase in
enthalpy which becomes appreciably larger with increas-
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Figure 3. Excess partial molar heat capacity of transfer of n-
BudNBr and n-Pe4NBr from water to aqueous sodium chloride,
potassium chloride, urea, and guanidine hydrochloride solutions
as a function of molarity of NaCI/KCl/urea/GuHCI at 30°.

ing concentration of GUHCI and KCI. These results are
similar to those observed (for n-Bu4NBr and n-Pe4NBr) in
aqueous urea and aqueous sodium chloride solutionsl-3 at
25 and 35°. However, at 35° while the AHtr of n-Bu4NBr
from water to GuHCI decreases upto 2 m GuHCI increas-
ing with further increasing concentration of GuHCI, the
AHtr of n-Pe4NBr from water to GUHCI decreases appre-
ciably with increasing concentration of GuHCI (up to 6
M ).

Since the enthalpies of transfer represent the combined
contribution of various effects it may not be correct to
correlate them with the structural changes occurring in
aqueous solutions. Therefore, we will limit our discussion
to the excess partial molar heat capacities which reflect
directly the structural changes occurring in aqueous solu-
tions. The very large positive values of the excess partial
molar heat capacities (at 30°) of n-Bu4dNBri12 (ACp° = 179
+ 2 cal deg-1 mol-1) and n-Pe4NBr15 (ACP* = 299 + 5
cal deg-1 mol“l) ascribe them to be great structure pro-
motors. The results given in Tables | and Il and Figure 2
show that the heat capacity of transfer of both these salts
from water to aqueous GuHCI is negative and the nega-
tive value goes on increasing appreciably with increasing
concentration of GUHCI. The values of ACptr (at 30°) are
as much as -114 and -217 cal deg-1 mol-1 for n-Bu4NBr
and n-PedNBr at 6 m» GuHCI, respectively. This indicates
a large decrease in the hydrophobic hydration capacity of
both these salts brought about by the addition of GuHCI.
The larger decrease in the case of n-Pe4NBr as compared
to that of n-Bu4NBr is understandable because of the
larger structure-making capacity of n-PedANBr as com-
pared to that of n-Bu4NBr. In Figure 3 are shown the
ACptr of n-Bu4NBr and n-Pe4NBr from water to aqueous
solutions of GuHCI, urea, and NaCl. In addition the
ACptr values for n-Bu4NBr from water to aqueous solu-
tions of KCI are also shown in Figure 3. The negative and
positive values of ACptr imply the reduction and enhance-
ment of hydrophobic hydration, respectively. It may be
observed that the effect on the hydrophobic hydration ca-
pacity of both the solutes in the aqueous solutions of
GuHCI, urea, and NaCl is more or less similar, the effect
being larger in case of n-Pe4NBr. The comparative effect
of solutes GUuHCI, urea, NaCl, and KCI on the effect of
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hydrophobie hydration of rc-BiuNBr and n-PeéNBr may
also be seen in Figure 3. As discussed in our previous
studies,1'3 urea has almost no net effect on the structure
of water (ACP in pure water being 3 + 6 cal deg-1
mol-1) yet it appreciably reduces the structure-making or
hydrophobic hydration capacity of n-Bu.NBr and n-
PeiNBr. NacCl, a slight structure-breaker according to its
negative ACP and CP2 valuesl6 (though other evidence
indicates it may be a structure makerl0), shows an oppo-
site effect, i.., enhancement of the hydrophobic hydra-
tion of n-BuéNBr and n-PeéNBri1-2 up to 4 m» NaCl con-
centration. Guanidine hydrochloride, which according to
its negative ACP? values in pure water could be classified
as structure breaker, reduces tremendously the structure
making capacity or the hydrophobic hydration capacity of
n-Bu. NBr and n-Pe:NBr. In fact the effect of GUHCI is
greater than that of urea for a similar concentration. It is
interesting to note the correlation between the effectiveness
of 4 m GuHCI and 7 m urea in protein dénaturation and
reduction in hydrophobic hydration of n-Bu:NBr and n-
Pe:NBr. KC1 is also known to act as structure breaker.17
Our results on the excess partial molar heat capacities of
KC118 and GuHCI5 in water at infinite dilution at 30° in-
dicate that KC1 is more effective as a structure breaker
than GuHCI, ACP values being -38 and -16.5 cal deg”™1
moR1 for KC1 and GuHCI, respectively. However, it may
be noted (see Figure 3) that KC1 is much less effective in
reducing hydrophobic hydration of n-BA"NBr than guani-
dine hydrochloride.

It may be concluded from the above discussion (i) that
no correlation exists between the structure-making or
-breaking capacity of a solute in pure water and its effect
on hydrophobic hydration; (ii) even though urea and
GuHCI, both effective dénaturants, reduce the hydropho-
bic hydration, KC1, a nondenaturant (though in some
cases KC1 destabilizes native protein conformations but
its efficacy is so small that it cannot be labeled as a dén-
aturant in the sense urea and GuHCI are) also reduces
considerably the hydrophobic hydration. This implies that
reduction in hydrophobic hydration by a solute does not
necessarily impart to it dénaturation characteristics, (iii)
However, the positive aspect is that the reduction in hy-
drophobic hydration caused by the effective dénaturants
is much more than that caused by corresponding struc-
ture-breaking non-denaturants or not so effective dénatu-
rants. The order (GUHCI > urea > KC1 > NaCl) of de-
creasing effectiveness of the various solutes in reducing
hydrophobic hydration of n-Bu4dNBr and n-Pe4NBr corre-
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lates well with their decreasing effectiveness in protein
dénaturation. This conclusion finds support from the re-
cent studies of Mastroianni, et a1.,10 of the effect of cosol-
vents NaCl, DMSO, urea, and GuHCI on the heat of dilu-
tion of solutions of n-Bu.NBr. They also concluded that
the order NaCl < DMSO < urea < GuHCI is both the
order of increasing effectiveness as a dénaturant and the
order of increasing effectiveness in destroying the struc-
ture-making ability of Bu.N +.
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The anion radicals of several substituted nitrobenzenes have been prepared by alkali metal reduction in
hexamethylphosphoramide. For the systems in which the <+ value of the para substituent is less than

0.7, the esr spectra for the “free” ion and ion pair were observed simultaneously. An °
tween the ion pair and “free” ion was determined from temperature-dependent studies. AH °

for the reaction be-
was found to

correlate linearly with the <r+ values of the para substituents. The negative value of p indicates that the
enthalpy of the dissociation of the ion pair to form the “free” ion increases with the electron-withdrawing
ability of the para substituent. This is due to the fact that there is more ordering of the solvent by weak-

er ion pairs.

To date there have been two reports of thermodynamic
parameters controlling equilibria between a simultaneous-
ly observed anion radical ion pair and free ion.1'2 Allen-
doerfer and Papezl have determined the enthalpy and
other thermodynamic parameters for the equilibrium be-
tween the ion pair and free ion of alkali metal durosemi-
quinone solutions. More recently we have reported the si-
multaneous observation of the “free” ion and ion pair of
nitrobenzene2 (PhNCb) and the enthalpies of ion pairing
for the PhNO02”"hexamethylphosphoramide (HMPA)-
metal systems.3

PhNC:: reduced by lithium metal in HMPA yields a so-
lution that not only contains the PhNCh “free” ion and
ion pair, but it also contains the P.NO:. dianion.4 This
fact makes it difficult to obtain the metal concentration
for the metal that is not involved in ion pairing. This
metal concentration is necessary in order to obtain the
true thermodynamic equilibrium constant for the ion pair
dissociation, eq 1. However, since the M+ concentration is

dra + M+ where o = ion pair 1)

much larger than the concentration of the “free” ion («),
a plot of simply In («)/(/?) us. 1/r 7 yields a straight line
with aslope of - An ° of dissociation of the ion pair.3

Esr has previously been used to determine the Ham-
mett-Streitwieser correlation constants relating the cou-
pling constants for substituted PI.NO. anion radicals with
o0 values.5 KrygowskKi, et ai.,6 have found that a linear cor-
relation is obtained between the half-wave potential for
the polarographic reduction of a series of nitroaromatic
compounds and ar (the Streitwieser position constant).7
However, there are no reports of a Hammett correlation
with ion pairing equilibria. This correlation would be im-
portant to provide information as to the variation of the
structure of ion pairs with changes in the charge density
for the ion pair. Here we wish to report the enthalpies of
ion pair dissociation for some para-substituted PLNO:
anion radicals and a positive correlation of these enthal-
pies to Brown’s values.

Results

Para-substituted nitrobenzenes (I-—XIl1) have been re-
duced to their respective anion radicals with lithium

metal in HMPA. The coupling constants for the anion
radicals observed are given in Table I.

Only for the compounds I-VIIl, which have <+ values
between 0.7 and -0.3, was it possible to observe the “free”
ion and the ion pair simultaneously, Figure 1. For the.
para-substituted PhNO2HMPA-Li systems where the
para substituent has a a+ value between 0.3 and -0.3
only the “free” ion could be observed at —10°, and only
the ion pair could be observed at high temperatures,
about 80°. The nitrogen hyperfine coupling constants, AN,
for the “free” anion radicals are insensitive to tempera-
ture changes and have the values given in Table I, while
those for the ion pairs always increase with increasing
temperature. At intermediate temperatures, relative esr
line intensities are taken from the line height multiplied
by the extrema to extrema line width squared.

Plots of In («)/(d) vs. 17r71 for all of these systems
yield straight lines with slopes that are independent of the
concentrations of anion radical, Figure 2. These simple
modified van't Hoff plots yield slopes of - Ax ° for the ion
pair dissociation reaction, eq 1. The enthalpy of equilibri-
um 1 varies greatly with the para substituent. Subjecting
these data to a Hammett type correlation, we have ob-
tained a reasonably linear relationship between <r+ values
for the para substituent and Ax - of the dissociation reac-
tion, Figure 3. The slope of the line resulting from a plot
of AH ° us. < is taken to be -r T p. At 25° p has a value of
—23 = 4. The error represents the standard deviation
taken from a computer analysis of the best slope. A more
accurate determination of p would necessitate the use of
more para-substituted nitrobenzenes. However, the choice
of para substituents is severely limited in that the anion
radical of the compound must be thermally stable, the
anion radical must allow simultaneous observation of the
ion pair and the “free” ion, and the two superimposed
spectra must be simple enough for analysis.

Compounds I1X-X1 gave only the “free” ion upon reduc-
tion with Li in HMPA. For the case of p-dinitrobenzene
the two nitrogen coupling constants are identical with
those of the protons yielding an esr spectrum consisting of
nine equally spaced lines. The intensities, 0.9:5.1:
15:30:36:30:15.5:5.1:0.9, compared to the theoretical
values, 1:6:17:30:36:30:17:6:1, give excellent agreement.
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Figure 1. Low-field half of the esr spectrum for the system p-
chloronltrobenzene-HMPA-Li at 25°. The arrows mark the first
three lines of the ion pair. At lower temperatures only the "free”
ion is observed, and at high temperatures only the ion pair is
observed.

Figure 2. A plot of In («)/(/?) vs. 1/RT for the system p-isopro-
pylnitrobenzene-HMPA-L.I,

For the system XII-HMPA-Li only one anion radical
could he observed between -10 and 80°. The coupling
constant for the nitrogen is 10.82 G, Table I. This value is
too large to be attributed to the “free” ion even for the
electron-pushing methoxy group. Further, An increases
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-0.3 0 0.3 0.6

Figure 3. A plot of i\H° of dissociation of the ion pair to form
the “free” ion vs. the <+ value of the substituents I-VI 1. p taken
from this plot is —23.

Figure 4. Esr spectra of the PhNCL-HMPA-Na system as a
function of temperature: (A) —10°, “free” ion; (B) 20°, “free”
ion and lon pair simultaneously; (C) 70°, ion pair.

with increasing temperature, and all of the “free” ions
show A n’s that are independent of temperature. This con-
clusion is confirmed by the fact that sodium and lithium
reductions exhibit pronounced g tensor anisotropy (this is
characteristic of ion pairs).8

For the system PhNO2-HMPA-Na, only the “free”
anion radical is observed at -10°, while above 80° only the
ion pair is apparent, Figure 4. Unlike the Li reductions,



Enthalpies of lon Pairing for Substituted Nitrobenzene

TABLE I: Coupling Constants in Gauss, Enthalpies of Equilibrium 1, and <+ Values for the Para Substituents for the Systems

Para-Substituted PhNO2-HMPA-Li at 25°

“Free" ion
Compd Substituent "0 Am Ubst
| H 8.48a 3.34 1.01 4.22 (H)
I -Pro 8.93 3.44 1.00 1.89 (H)
11 f-Bu 8.85 3.43 1.23
v Cl 7.77 3.43 1.08
\Y2 CN 4.90 2.89 0.51 0.86 (1N)
\Y/| COOCH3 5.18 2.76 0.40 0.40 (3H)
Vil CONi 6.53 3.09 0.80
VI Et 8.71 3.36 1.02 3.09 (2H)
IX CHO 3.54 0.12 0.12 2.61 (H)
1.92 1.70
X no?2 1.16 1.16 1.16 1.16 (1N)
Xl COPh 3.92 2.30
Xl OCH3 No “free” ion was observed

lon pair

AN Ao Am st a+b —AH o0, kcal/mol
10.85 3.40 1.09 4.10 0 90: 08
11.39 3.43 1.11 1.92 -0.28 125+ 12
11.25 3.44 1.18 -0.25 13.3 + 0.8
10.27 3.58 1.24 0.11 10.8 + 0.4
9.81 2.9 0.5 0.9 0.66 0

7.63 2.8 0.4 0.4 0.48 11 £ 0.2
9.97 3.09 1.14 0.4C 7.0 £ 0.6
11.17 3.36 1.02 3.09 -0.30
No ion pair was observed
No ion pair was observed 0.79
No ion pair was observed

10.82 3.46 1.13 0.26 -0.78

aThe uncertainty in the coupling constants is 0.05 G for all cases where three significant figures are given. h+ values are taken from C. D. Ritchie
and W. F. Sager, Progr. Phys. Org. Chem., 2, 334 (1964). c <r+ for this group has not been reported. The value given is estimated from that for CONH.

metal splitting from the Na nuclei is observed at all tem-
peratures for the ion pair. Owing to the large amount of
overlap between the “free” ion and ion pair spectra, the
ratio of (a) to (fiy could only be determined accurately
over a narrow temperature range. The plot of In (a)/(/3)
us. 17r 71 yields an enthalpy of —7.2 kcal/mol for dissocia-
tion of the ion pair.

Addition of hexane to solutions containing the two ions
always increases the concentration of the ion pair at the
expense of the “free” ion.

Discussion

It has been established that the two ions simultaneously
observed by esr are the “free” ion and ion pair.2 49 Here
we have observed that the enthalpy for the ion pair disso-
ciation (eq 1) is a function of the para substituent, but all
of the systems for which a+ ° could be determined yield a
negative Ax °. The negative values of An - indicate that
there is more solvent ordering due to the “free” ion plus
the cation than there is for the ion pair. This is in agree-
ment with the work of Hirota.10 For the para-substituted
PhNO2-HMPA-Li systems the large negative enthalpies
of ion pair dissociation are a result of the strong solvation
of the unassociated cation by the HMPA. Tighter ion
pairs are generated by stronger electron-pushing groups in
the para position, which increases the charge density in
the NO: group, thus requiring less solvation of the cation
by the HMPA. From this it is obvious that the ion pair
dissociation involving tighter ion pairs will yield more
negative enthalpies. The “free” ion plus the solvated lithi-
um cation, however, have essentially the same solvation
shield for all of the systems studied. This would require
that the enthalpy for reaction 2 would grow more negative
with the electron-releasing character of the para substitu-
ent. This is in accord with our observed negative p value.
We should note here that AG° changes in the opposite di-
rection with the para substituent. Of course, this is due to
AS°, which is negative for reaction 1.

For the cases of strong electron-withdrawing groups,
i,e., NO2, CN, CHO, etc., very little if any ion pairing is
observed. This is the expected result, since the charge
density on the NO: group is relatively small, as evidenced
by the lower AN's for these systems. The p-methoxy group

has just the opposite effect. The increased charge density
on the N 02 group due to the electron-pushing nature of
this substituent (<r+ = -0.78) favors the ion pair, ac-
counting for the fact that only the ion pair is observed in
solution.

Increasing the temperature always results is an increase
in An for the ion pair due to the fact that the dielectric
constant of the solvent decreases with increasing tempera-
ture allowing the formation of tighter ion pairs. This same
effect was observed when hexane was added to the HMPA
solutions. The fact that ion pairing increases at higher
temperatures is confirmed by the observation that A Na in-
creases with increasing temperature for the PLNO:-
HMPA-Na system. Decreasing the dielectric constant of
the solvent by the addition of hexane also has the same
effect upon the ratio of (a) to (/?) as does increasing the
temperature.

The sign of p, the large negative values of Ax °, and the
variation of An and Ans for the ion pairs all indicate
stronger solvent interactions with the unassociated cation
and “free” ion than with the ion pair. The large negative
value for p (-23) is explained in part by the fact that
HMPA is the most powerful cation solvator known,11 and
small changes in the structure of the ion pair result in
large changes in the heat of solution of the ion pair.

Experimental Section

The esr spectrometer system and the method of forma-
tion of the anion radicals were exactly the same as pre-
viously described.3

p-Ethyl- and p-isopropylnitrobenzene were prepared by
nitration of the corresponding alkylbenzene. The products
were purified by vacuum distillation and preparative gas-
liquid chromatography. The W-methyl-W-tert-butyl-p-ni-
trobenzamidel2 and p-nitromethylbenzoatel3 were pre-
pared as described in the literature. All of the remaining
compounds were purchased from Aldrich Chemical Co.
and recrystallized before use.
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The equilibrium density-temperature behavior and the interphase transformation kinetics have been
studied for carefully purified cholesteryl stearate employing the techniques of precision dilatometry. In
the crystalline solid the density at a given temperature depends upon the thermal path followed in at-
taining that temperature. The effect is not large, amounting to at most 5% in the density. However, it is
reproducible and does not seem to be due to voids in the sample. There is an approximately 5% volume
change at the solid-isotropic transition temperature of 81.5°. The isotropic-cholesteric volume change is
0.17% and occurs at 77.5°. The transformation kinetics into the solid state indicate the homogeneous nu-
cleation of spheres at temperatures below 74.7°. The isotropic-cholesteric transformation in the range
75.4-77.0° is characterized by the growth of homogeneously nucleated rods which develop from disk-like

nucleii.
crystal.

Introduction

In this laboratory we are engaged in studies of the
transformation kinetics in mesophase forming systems
and in the precise determination of the temperature be-
havior of the densities of these systems. Previously, we
have studied cholesteryl acetate,2 cholesteryl nonanoate,3
cholesteryl myristate,4 as well as p-azoxyanisole (PAA).5
All three esters of cholesteryl exhibit a cholesteric phase.
In the myristate and the nonanoate this mesophase is
enantiotropic while in the acetate it is monotropic. The
smectic state does not occur in the acetate, is enantiotro-
pic in the myristate, and is monotropic in the nonanoate.
In PAA the nematic mesophase is enantiotropic.6 All
these mesophase formers exhibit density-temperature be-
havior indicative of marked pretransition effects only on
the low-temperature side of the transition. In the choles-
teryl esters the rate of transformation from a given state to
one stable at a lower temperature usually is sufficiently
slow for the kinetics of the transformation to be observed.
The transformations into the solid states are particularly
slow and apparently are governed by the kinetics of the
nucleation process.7 In PAA, however, the isotropic-
nematic transformation is too rapid to follow with our
techniques and the transformation into the solid state is
also nucleation controlled but it occurs at such high su-
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This seems to be the general case for transformations in which the developing phase is a liquid

percoolings that, when it takes place, it occurs essentially
instantaneously. In cholesteryl stearate, as in cholesteryl
acetate, all the mesophases are monotropic. The solid-
isotropic transformation temperature of the stearate is
variously given as 81.8-85.1°, the isotropic-cholesteric
transition as 71.4-71.0°, and the cholesteric-smectic tran-
sition is 69.9°,8 We are interested in delineating quantita-
tively the effects of chemical structure on mesophase be-
havior of the esters of cholesterol and this paper deals
with the properties of the various transitions of cholesteryl
stearate. We are concerned with the equilibrium values of
the densities as well as with the kinetics of transforma-
tion.

Experimental Section

Material. The mercury used to fill the dilatometers was
obtained from the Sargent Welch Co. (Reagent Grade
ACS). Samples of cholesteryl stearate were obtained from
the Eastman Kodak Co., Rochester, N. Y. The cholesteryl
stearate was purified by recrystallization from 1-pentanol,
washed several times with a water-ethanol mixture, and
dried under vacuum at various temperatures, up to tem-
peratures above the melting point. Sometimes this recrys-
tallization and washing procedure, without the drying,
was repeated several times.



Kinetics of Transformation and Properties of Cholesteryl Stearate

As in previous studies high precision dilatometry was
the technique of choice to investigate both the transfor-
mation kinetics and the densities of these substances. De-
tails of the experimental techniques are given in previous
papers.2’4-5

X-Ray Measurements. X-Ray diffraction patterns of a
number of samples crystallized under different conditions
were taken using a forward reflection camera with pinhole
collimation. The radiation used was nickel filtered copper
Ka (1.5418 A). The distance between the sample and the
film was 7.3 cm.

Results and Discussion

Previous experience with the cholesteryl esters has indi-
cated that the crystallization behavior and to some extent
the final equilibrium properties of the crystallized systems
depend to a remarkable extent upon annealing the sample
under the appropriate conditions. In the present case, the
samples were first heated to 90° for 12 hr in the hopes of
getting reproducible measurements. It was subsequently
determined that this annealing time was unnecessarily
long and that it was sufficient to anneal for 4 hr at 90°.
Crystallizations were carried out by quenching from 90° to
a series of temperatures in the range of 20-75°. The vol-
umes which were finally attained at the end of such crys-
tallizations fell on a good straight line as is indicated by
the crosses in Figure 1. These experiments were reproduc-
ible. However, the expansion coefficients of samples crys-
tallized at various temperatures were not the same. Thus,
the volume of the sample crystallized at temperature
and subsequently brought to temperature T2 is not the
same as the final volume of the sample crystallized at T2.
The range of this effect is shown in Figure 1 wherein are
displayed the volume-temperature relationships for sam-
ples crystallized at 75 and at 20°. The values of the ex-
pansion coefficients for these particular samples are 3.6 X
10-4 and 3.0 x 10~4 for the samples crystallized at 20 and
75°, respectively. Samples crystallized between these tem-
peratures had intermediate expansion coefficients. At-
tempts were made to bring the behavior of the various
samples into concurrence by annealing at a series of tem-
peratures below the melting point. These attempts were
unsuccessful. These remarks along with the equilibrium
volume-temperature behavior for the solid state of mate-
rial crystallized at 20° shown in Figure 2 and for the
isotropic-cholesteric transition region displayed in Figure
3 are summarized in Table I. In the solid, nearly linear
volume temperature behavior persists up to temperatures
very close to the solid-isotropic transition temperature.
Further, deviations from this behavior are only weakly de-
pendent upon the temperature of crystallization. The
range of actual melting is quite small (ca. 2.5°) compared
with the melting ranges of cholesteryl myristate (4.5°) and
acetate (20°). For the sample crystallized at 20° and dis-
played in Figure 2, the melting point is 81.5°, as indicated
by the end of the melting range. Above this temperature,
the isotropic state shows an essentially linear increase of
volume with temperature. On cooling down through the
isotropic solid transformation temperature to 77.5° and
somewhat below, the cholesteric state is obtained. The re-
sults displayed in Figure 3 show the volume-temperature
behavior for a sample recrystallized three times. The re-
sults indicate that there is no hysteresis in the transition
and there are no observable pretransition effects on the
high-temperature side. As noted with other cholesteryl es-
ters, the expansion coefficient of the cholesteric state ex-
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Figure 1. Plot of density of the solid state of cholesteryl stearate
as a function of temperature for several different conditions: X,
density finally attained by crystallizing from the isotropic state at
this temperature; O, density temperature behavior of material
crystallized at 20° from the isotropic state and heated or cooled
over the Indicated temperature range; A, density of material
crystallized at 75° and heated or cooled over the indicated tem-
perature range.

Figure 2. Plot of equilibrium density vs. temperature for cholest-
eryl stearate crystallized at 20°.

TABLE I: Summary of Equilibrium Density Temperature
Relations and Transition Behavior of Cholesteryl Stearate

Volume
changes at
Temp, transition, «(°C~")
°C State % X 104
20-79 Solid 3.6
(crystallized
at 20°)
20-79 Solid 3.0
(crystallized
at 75°)
79.0 < T< 815 4.8°
815 < T Isotropic6 8.1
T< 775 Cholesteric 10.0
77.0 < T< 775 0.17

“ Crystallized at 20°. 6 Isotropic state studied up to 90°.

ceeds that of the isotropic state. An unusual and some-
what disturbing aspect of this isotropic-cholesteric transi-
tion is that its temperature seems to depend upon the
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Figure 3. Plot ot equilibrium density VS. temperature for the cho-
lesteric and isotropic states of cholesteryl stearate: O, tempera-
ture decreasing; X, temperature increasing.

number of recrystallizations which the sample has under-
gone and that increasing the number of recrystallizations
decreases the transition temperature (78.7, 77.8, and 77.5°6
after one, two, and three recrystallizations, respectively).
Among these same samples, the melting points and melt-
ing regions of the solid-isotropic transition were identical
within experimental error. The decrease of a transition
temperature with (presumed) increased purity is unusual.
It is possible that the supposed purification process actu-
ally introduces impurities. Alternatively, it is also possible
that the effect could arise from segregation of impurities
in the isotropic rather than in the cholesteric phase. In
work with cholesteryl myristate,4 we observed no such ef-
fect with increased number of crystallizations although as
the number of recrystallizations was increased the Kkinetics
of the phase transformation changed. The transformation
became more rapid as the number of crystallizations was
increased. In all the cholesteryl stearate samples studied,
the cholesteric-isotropic transition showed a transition re-
gion rather than a sharp transition point. The width of
this region was essentially constant for all the samples re-
gardless of the number of times they had been crystal-
lized. With the techniques used, we were not able to ob-
serve a smectic phase. In the temperature ranges where
the smectic phase is supposed to be stable, the crystalli-
zation is very fast and the induction period is very short.
Thus, no studies were made of the smectic phase.

Since the solid behaved in a somewhat irreproducible
manner, in that it was impossible to get all of the volume
-temperature relationships to coincide, room temperature
X-ray diffraction measurements were carried out on sam-
ples crystallized in various temperature ranges in order to
see whether there were any obvious structural differences
among these samples. The results of these studies are
summarized in Table IlI. In this Table, low-temperature
crystallization implies crystallization in the temperature
range between 0-40° and high-temperature crystallization
between 70-76°. In the low-temperature range, one ob-
serves only rings on the photographic plate indicative of a
random orientation of the crystals. In the high-tempera-
ture range, in many instances, the diagram consisted of
sets of points arranged in particular types of patterns, i.e.,
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TABLE II: Summary of Results of X-Ray Diffraction Study of
Crystalline Cholesteryl Stearate Crystallized from the Isotropic
State at Different Temperatures

Crystallization range

“d" Low tem- High tem:-
spacing, A StrengthO perature perature
27.9 S
18.56 S
13.85 vw Rings Rings
10.04 w )y 1
9.23 w J Rings \ 2P *
7.49 vw )
7.16 VW T Rings J2P
5.97 S \ i
5.71 w > Rings | 4P (S5
5.18 vw ; ;
5.01 w )
4.90 w /' Rings y 2P $
4.77 w ; )
4.09 S broad Rings 4P [53)
3.76 S Rings 2P

0S = strong, W = weak, VW = very weak. b 2P = two-point diagrams,
4P = four-point diagrams: JI' = direction of orientation.

two points or four points. These results are consistent
with the concept that at low temperature many, many
crystals are produced, as a result of homogeneous nucléa-
tion, and these crystals are all small and oriented at ran-
dom, whereas, in the higher temperature range, most of
the few crystals that are initiated appear as a result of
heterogeneous nucléation and result in the diffraction pat-
tern being a set of points. The low-temperature crystalli-
zations undoubtedly take place from the smectic state but
the high-temperature crystallization could occur from ei-
ther the cholesteric or the isotropic phase. While it is pos-
sible that the nucléation rate is affected by the initial
state (smectic, cholesteric, or isotropic), in the present
case this seems improbable because the differences among
these states are minimal compared to the differences be-
tween each of these and the crystalline state. A few exper-
iments were done in the determination of the X-ray dif-
fraction diagram of crystals grown from solution. These
showed no new spacings but the three longest spacings
were missing. In Table H, the first column displays the
“d” spacings calculated from the usual Bragg relation9
and the second column indicates qualitatively the
strengths of the reflections. The third and fourth columns
are concerned with the types of patterns produced at vari-
ous temperatures. The “d” spacings given in the first col-
umn are not identical with the “d” spacings that we have
presented in another paper concerned with the X-ray in-
vestigation of the structure of cholesteryl stearate.10 How-
ever, in the present case, these samples were all crystal-
lized in bulk. In the other paper, the data presented were
from specimens crystallized by slow removal of solvent.

We now turn to a description of the kinetics of transfor-
mation from the isotropic state into the cholesteric and
solid states. In these experiments, the sample is cooled
down from a temperature of around 90° to a temperature
below 76°. Crystallization takes place after an induction
period which decreases rapidly with decreasing tempera-
ture. Depending upon the temperature, the crystallization
takes place from either the cholesteric or smectic state.

We will consider first the isotropic-cholesteric transfor-
mation. Measurements were carried out on a sample



Kinetics of Transformation and Properties of Cholesteryl Stearate

2345

TABLE Ill: Avrami Constants for the Isotropic-Cholesteric Transformation in Cholesteryl Stearate with Similar Information

for Cholesteryl Myristate Included for Comparison

Stearate
T °C mAT, °C n K, min-2
77.0 0.5 2.0 4.7 X 10*
76.7 0.8 2.0 76 X 10"
76.4 1.1 2.0 1.08
76.0 1.5 1.9 2.17
75.4 2.1 1.9 3.40
Av 2.0
10r v—a
09
08 — \
%
X
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Xp
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Figure 4. Plots of F(t) vs. In f for the cholesteric-isotropic trans-
formation. Data shifted to 1.1° supercooling. Shift factor in
brackets: X, 77.0° {0.70!; a, 76.7° ]0.83]; 76.4° j1.0!; O,
76.0° j1.51}; m, 75.4° {1.85!.

TABLE IV: Avrami Constants for the Isotropic Solid
Transformation in Cholesteryl Stearate with Similar Information
for Cholesteryl Myristate and Cholesteryl Acetate Included

for Comparison

T °C AT, °C n K, min-4
Stearate
74.7 7.0 3.8 6.8 X 10" 4
73.5 8.0 3.6 25X 10"3
71.1 10.4 3.6 6.7 X 10"3
63.9 17.5 3.8 3.0 X 10"2
Myristate
33.2 3.9 58 X 10"6
36.2 4.0 45 X 10"5
38.3 4.1 3.9 X 10"4
43.5 3.9 1.7 X 10"2
Acetate
214 4.0 3.7 X 10 3
26.2 4.0 1.4 X 10" 2
32.2 4.0 14 X 10"1

which had been recrystallized three times. Even at very
small supercoolings, the transformation is very rapid. The
results are displayed in Table IlIl and Figure 4. In the fig-
ure are plotted r (1) (the fraction of the transformation
that has not taken place at time t) vs. In t.4 For the tem-
perature range from 75.4 to 77.0°, in this figure the set of
data points for each temperature were shifted along the In
t axis until the best fit was obtained with the set taken at
76.4° (1.1° supercooling). It is seen that with the exception
of the lowest temperature data point at the shortest time,
all the data can be fitted to one master curve. This is in-
dicative of only one mechanism of transformation taking
place over this temperature range. The one point that is

Myristate
T, °C AT, °C n K. min ~2
83.25 0.55 2.0 58 X 10"
82.90 0.90 1.9 9.5 X 10"
82.40 1.40 1.9 1.42
82.10 1.70 1.9 2.23
Av 19

06 L
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04 - n

o - * A
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02- A,
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00 ! S

03 05 1 2 3 56 0

TIMVE (min)
Figure 5. Plots of F(t) vs. Int for cholesteric-solid transforma-
tion. Data shifted to 10.4° supercooling. Shift factor In brackets;
X, 74.7° i0.71]; =, 73.5° {0.85); A, 71.0° (1.0); ©, 63.9° {1.84j;
m ,60.25° j2.40.

off the curve is the one to which one could attach the
greatest imprecision. The data were reduced by use of the
Avrami equation4’ll which yields two constants n and «.
The first, n, depends upon the modes of nucléation and
growth of the transforming regions and the latter, k, re-
flects the magnitudes of the nucléation and growth pro-
cesses as well as the mode of growth. Avrami plots of the
data shown in Figure 4 yield straight lines and the «
values and the n values of these plots are given in Table
11l along with the comparable data for cholesteryl myris-
tate.4 It is seen that the stearate has an n of essentially 2
which is indicative of the same type of disk-like nucléa-
tion process that was postulated for the myristate. The
actual magnitudes of the k values are determined by both
the nucléation and the growth rates. However, it has been
shown previously that the temperature coefficient of «
depends exclusively upon the temperature coefficient of
the nucléation rate.4 In the case of the stearate, it is seen
that this material undergoing the isotropic-cholesteric
transformation has a slightly more temperature-sensitive
nucléation rate than does the myristate.

We turn now to a discussion of the crystallization into
the solid state. This transformation also takes place after
an induction period which decreases rapidly with decreas-
ing temperature. Thus, at the lower temperatures mea-
sured, it is essentially impossible to get a constant volume
from which the crystallization takes place. In this situa-
tion, the necessary corrections produce results of signifi-
cantly less precision. In comparison with our previous in-
vestigations2'5 we are less confident in the conclusions of
the present work because we do not precisely know what
the final volume of the solid state should be, as this vol-
ume is dependent upon the crystallization temperature as
mentioned above. The differences among the final crystal-
line volumes in the crystallization range studied are less
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than 5% of the total volume change occurring during the
transition. Thus, it seems probable that the gross effects
of temperature upon the transition can be elucidated. In
the results discussed below the final volume used in the
calculations obtained by interpolation of the curve with
crosses in Figure 1 was that which would have been at-
tained by crystallizing at the particular temperature. The
results of the studies of the isotropic-crystalline transfor-
mation are displayed in Figure 5 and Table IV. Figure 5
shows plots of F(t) vs. In t for crystallizations taking place
in the range 60.25-74.70°. These plots have all been nor-
malized to a supercooling of 10.4° (71.1°), by shifting
along the In t axis. The fact that they are all superposable
indicates that here also only one mechanism of transfor-
mation is taking place. In concordance with the previous
results on the kinetics of crystallization of cholesteryl es-
ters, it seems probable that this is the temperature range
in which homogeneous nucleation is predominant. Avrami
plots of these data yield straight lines from which it is
possible to derive the values of the n and K constants of
the Avrami equation. These results are displayed in Table
IV along with comparable results for cholesteryl myristate
and acetate. The value of the Avrami n of the stearate
does not so closely approximate 4.0 as do those for the
myristate and the acetate. However, it is close enough to
4.0 to make us believe here again that we have sporadic
nucleation of spherically developing transforming regions.
A very notable difference in the behavior of the stearate
from the other two esters is the small degree of supercool-
ing which is necessary to attain the homogeneous nuclea-
tion range. With the stearate, it is less than 10° whereas
both the myristate and the acetate required several times
that supercooling to attain the region in which homoge-
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neous nucleation was dominant and in which heterogene-
ous nucleation played an inconsequential part. It has been
shown for the myristate, nonanoate, and acetate that the
spherulitic growth rates in the crystallization range of in-
terest were essentially independent of temperature.7 This
means that the temperature coefficient of the K's reflects
only the temperature coefficient of the nucleation rate. If
it is assumed that the stearate behaves similarly then it is
noteworthy that the temperature coefficient of the nuclea-
tion rate of spherulites of the stearate and the acetate are
about the same, increasing about 40-fold in a 10° interval,
whereas the myristate is much more temperature sensi-
tive, increasing almost 3000-fold in a similar temperature
range. We do not wish to speculate further upon these dif-
ferences.
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Torsion effusion, spectrophotometric, and transpiration experiments have been used to study the equilib-
ria Crl3(s) = Crl2(s) + %I12(g), Crl3(s) = Crl3(g), CrlI3(s) + \V212(g) = Crl4(g) in the temperature range
300-600°. Thermodynamic properties and bond energies for the chromium iodides have been derived. Ex-
trapolation of effusion data to zero orifice area gives predicted equilibrium pressures in good agreement
with spectrophotometric results. The condensation coefficient of iodine on CrlI3 Crl2 appears to be ca.
10_2 and to decrease with increasing temperature. Molar absorptivities of iodine vapor between 100 and

525° have been measured in the interval 370-500 mp.

The thermal decomposition of chromium(lll) iodide was
Crl3(s) = Crl2(s) + V212(g) (1)

studied in this laboratory some time ago by measurement
of the quantity of iodine vapor leaving effusion cells over
relatively long periods of time.1 Recent studies using the
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torsion effusion method, which gives steady-state pres-
sures over short time intervals, have shown that vapor
concentrations generated by solid-state reactions fre-
quently show a significant fall-off with time as the reac-
tion becomes diffusion controlled.2 In such a case appar-
ent equilibrium pressures based on collection of total effu-
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sate over periods of many hours would reflect only an av-
erage of diminishing steady-state pressures and be unsuit-
able as a basis for derivation of equilibrium characteris-
tics. Indeed in the earlier workl apparent equilibrium
pressures of iodine based on effusion were found to be
somewhat lower than those indicated by a diaphragm
gauge experiment in which total pressure in a sealed sys-
tem was measured at higher temperatures. In the latter,
however, a question arises about possible contribution of
volatile iodides.

To clarify these matters and to seek evidence con-
cerning the molecular nature and properties of volatile
compounds of chromium in iodine atmospheres we have
undertaken a reexamination of the chromium-iodine sys-
tem. Steady-state iodine pressures have been measured by
the torsion effusion method, and predicted equilibrium
behavior for reaction 1 verified by determination of the
equilibrium iodine vapor concentration by a spectrophoto-
metric absorption technique. The dependence of the con-
centration of volatile iodides of chromium on iodine pres-
sure has also been determined by transpiration experi-
ments in which argon-iodine mixtures were used as a car-
rier gas. When iodine partial pressures are significant evi-
dence is found for the formation of Crl4(g). Thermody-
namic constants for the various vaporization processes in
the system and bond energies for Crl3(g) and Crl4(g) have
been evaluated.

Experimental Section

The torsion effusion apparatus and the cells used have
been described earlier.3 Crl3 was prepared by reaction of
iodine with chromium powder (Fisher) in an evacuated
and sealed Pyrex tube at 500°.4 A black, shiny crystalline
product of relatively small particle size was obtained.
This material is not appreciably hygroscopic when pure
and was quickly transferred to the various cells without
the use of a drybox. The torsion effusion apparatus was
flushed with dry nitrogen prior to and while mounting the
cells.

About half the volume of the effusion cells was initially
filled with Crl3. Reproducible results at various tempera-
tures over a total period of about 10 hr were obtained ex-
cept for the largest orifice area cell (no. 2) for which a de-
crease in steady-state pressure was noticeable after about
3 hr (time dependent on temperature) of heating. Only
those results which showed no measurable time depen-
dence were used to derive thermodynamic constants.

The molar absorptivity of iodine vapor was studied be-
tween 370 and 500 mp in the temperature interval 100-
525°, using a Cary 14H recording spectrophotometer. The
quartz absorption cells, furnace, and general technique
have also been described previously.3'5 Samples A, B, D,
and E, obtained from resublimed iodine (Allied), were
sublimed into absorption cells, previously pumped to 10-6
Torr and baked for 10 hr at 500°. Sample C was prepared
by decomposition of Crl3. A, B, and C, which ranged in
concentration from 0.588 to 2.06 nxM (as determined by
subsequent titration with standard Na2S203), were used
to measure the molar absorptivity. D and E were used to
verify these results by measurement of the apparent con-
centration of the saturated vapor of iodine and subsequent
comparison with reported vapor pressure data.

The concentration of iodine vapor established by equi-
librium 1, using five independent samples, was then de-
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termined from absorbance measurements and iodine
molar absorptivities over the temperature range 482-539°.
The samples studied were prepared in different ways to
check for possible solid solution effects. Two samples (of
the formation reaction product) were placed directly in
absorbance cells, which were then evacuated at 10~6 Torr
and heated at 200° for several hours before sealing off. The
next two samples were heated at 350 and 400° for 0.5 and
1 hr, respectively, to partially decompose the Crl3. After
cooling the cells were sealed off from the vacuum system
and small amounts of the solid were emechanically trans-
ferred from a side arm into the cell by tilting the appara-
tus. The remaining excess in the side arm was then sealed
off. In the fifth sample a small excess of iodine was intro-
duced along with Crl3 by heating some excess Crl3 left in
the transfer side arm; the residual matter was then sealed
off. Within experimental error all samples gave the same
temperature dependent apparent iodine concentrations for
equilibrium 1; hence solid solutions of appreciable con-
centration were assumed not to form.

The transpiration apparatus used to study the volatil-
ization of chromium iodides in argon-iodine mixtures in
the temperature range 500-600° was basically the same as
that described by Zaugg.6 An argon-iodine gas mixture
was passed over heated samples of CrlI3 and/or Crl2
formed by decomposition of Crl3 at flow rates between 20
and 59 ml min-1, calculated at the reaction temperature
and pressure; the apparent equilibrium characteristics in
the vapor phase were independent of flow rate in this
range. As the gas mixture left the equilibrium vessel, the
chromium iodide vapors condensed in the exit tube in the
cooler regions adjacent to the main furnace; iodine vapor
was collected in a following trap, cooled with liquid oxy-
gen (most collected in the tubing just preceding the trap),
and argon was collected in a second trap, cooled with lig-
uid nitrogen.

lodine was initially introduced into the argon carrier gas
by permitting the latter to flow through a trap containing
crystalline iodine immediately preceding the main furnace
and heated to various temperatures to introduce the de-
sired partial pressure of iodine. The quantities of material
condensed from the effluent gas stream were determined
by titration of iodine with Na2S203, measurement of the
pressure of the evaporated sample of argon in a standard
volume, and oxidation of chromium to chromate followed
by complexation with diphenylcarbazide and comparison
of absorbance against standards with a Beckman DU
spectrophotometer as described by Sandell.7 Dalton’s law
was then used to relate the relative numbers of moles of
the various species to the total pressure, measured ma-
nometrically, and the respective partial pressures.

Results and Discussion

Torsion Effusion. Total steady-state pressures in the
effusion cells were evaluated from observed angles of rota-
tion and apparatus constants determined by calibration,
with the vapor pressure of zinc in the range 286-351° used
as a reference standard.3 The transpiration experiments to
be discussed confirm that chromium iodide species do not
contribute significantly in the temperature range of the ef-
fusion measurements, 300-350°. However the dissociation
of U into iodine atoms must be considered; the relative con-
tributions of the two species were evaluated using equilib-
rium constants for the dissociation provided in the JANAF
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Figure 1. Steady-state effusion pressures of 12 established by
reaction 1: 9, cell 1, Q cell 2; O, cell 4, a, cell 5, ® equilib-
rium pressure predicted by extrapolation; Knudsen effusion
datal (- ).

Figure 2. Molar absorptivities reported for 12 vapor: =, Sulzer
and Wieland;12 O, this work.
TABLE I: Torsion Effusion Data“ for Reaction 16
Tungsten
fiber
Orifice area  diameter,
Cell X 103cm2 mil 4 B
2 90.9 2 8.761 7036
5 46.0 1 10.495 7960
1 7.18 1 9.948 7573
4 2.05 1 11.519 8455
PL (extrapolation intercept) 11.906 8677
Knudsen data’ 11.832 8936

Apparent condensation coefficient, v X 103, at various
temperatures (°C): 12 (300°); 11 (310“); 10 (320°);
8 (330°); 6 (340°); 5 (350°)

" Reference 3. 1A and B (least-squares constants) for log P(Torr) =
A —BT~". * Reference 1
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tables.8 Partial pressures of 12were used to derive equilibri-
um constants for (1). Data from each cell were fitted to
the form log P(torr) = A —BT~1by a least-squares treat-
ment; the linear correlation and actual data points are
displayed in Figure 1. It is clear that steady-state pres-
sures depend markedly on cell orifice area. The dashed
line indicates the apparent equilibrium pressures derived
from a plot of the reciprocal of the steady-state pressures
vs. the orifice area and extrapolation to zero orifice area.
It was necessary in some cases to extrapolate the least-
squares lines for the various cells to a common tempera-
ture range to facilitate the comparison. An apparent con-
densation coefficient was estimated using the equation Pe
= Ps{1 + ao/ctA) where the surface area A was taken as
the cross sectional area of the cell, a0 represents the orifice
area, and a is the apparent condensation coefficient for the
reaction.8® The Freeman-Searcy orifice factors are in-
cluded in the calibration constants. (Torsion effusion data
for reaction 1are listed in Table I.)

As illustrated on Figure 1, apparent pressures from the
Knudsen studies are substantially lower than the torsion
data and the derived equilibrium values; the slope for the
latter is fortuitously close to that of the Knudsen data.
The lower steady-state pressures apparently result from a
combination of the effect of a low condensation coefficient
and a time-dependent fall-off of the Knudsen data. The
figure also shows that the deviation of the torsion steady-
state pressures from the projected equilibrium value in-
creases as the temperature is increased. This indicates an
apparent enthalpy of activation (27 kcal mol-1 of 12)
smaller than the enthalpy of vaporization (40 kcal
mol-1),9 a behavior similar to that observed for the subli-
mation of elementary iodine.10 The condensation coeffi-
cient for (1) also appears to have a similar magnitude to
that of crystalline iodine. Projected thermodynamic con-
stants for (1) will be discussed after consideration of spec-
trophotometric data.

Absorbance Measurements. A number of investigators
have used the absorbance in the region around 480 m/x,
which is fairly insensitive to temperature variation be-
tween 60 and 120° and to the presence of foreign gases, as
a measure of the concentration of iodine vapor.11 There is
some disagreement as to the correct value of the molar
absorptivity; a value around 350 cm-1 at 100°, some-
what lower than the value (365) of Sulzer and Wieland,12
has been used in recent work.11 Molar absorptivities de-
termined in the present study are shown graphically in
Figure 2.3 Data from the three samples were averaged. At
150 and 300° our values are also somewhat lower than
those of Sulzer and Wieland.12 especially between 450 and
490 mu; at 500 m/r, however, our results correspond well
with theirs. We confirm that the molar absorptivity in the
region near 480 m/j is relatively insensitive to tempera-
tures as high as 250° and find the value 350 + 2 M _1
cm-1 at 480 mp acceptable. A comparison of the vapor
pressure of iodine derived from our absorbance data (sam-
ples D and E) with the early transpiration work of Baxter,
et al.,13 and Ramsay and Youngl4 is shown in Figure 3.
These workers are considered most reliable by the authors
of the JANAF tables.8

The molar absorptivities of iodine at 5-m/r intervals be-
tween 460 and 500 m/i were then used to determine the
iodine vapor concentration in equilibrium with Crl3(s)
and Crl2(s). At a given temperature the apparent value of
the concentration was evaluated at each wavelength and
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Figure 3. lodine vapor pressure: O. Baxter, €t al.;'3&, Ramsay
and Young;14 O, this work.

the results averaged. The results from the various samples
were in good agreement. The data, displayed in Figure 4,
were least squared in the form log P(torr) = 11.893 -
8608T-1 for the interval 482-539°. To facilitate compari-
son with effusion data AC,° for (1) was estimated as -0.4
cal deg~1 m oll A final least-squares treatment led to
the expression AG° = 20,000 + 0.921T log T - 23.7T, (x
= +0.012).

Thermodynamic constants derived for il) are presented
in Table Il. It is seen that torsion effusion and optical ab-
sorption experiments give virtually the same mean values
for AH® and AS°. Though the apparent dissociation pres-
sures measured earlier by the Knudsen method were lower
by afactor ca. 3than the extrapolated equilibrium pressures
derived from the torsion data, the heat of reaction and en-
tropy changes predicted for (1) differ by only 0.6 kcal and
0.2 cal deg1mol"1, respectively. The difference in entro-
py of Crl3 and Crl2 is in close agreement with that pre-
dicted by Latimer's rule.15

Transpiration Studies. Thermodynamic constants de-
rived for (1) indicate that the iodine pressures developed
by equilibrium between Crls(s) and Crl2(s/ are in the Torr
range above 500°. Transpiration experiments between 500
and 600° show the appreciable transport of volatile species
containing chromium. We have found it possible to ex-
plain the relationship of the quantity of chromium trans-
ported and the partial pressure of iodine on the oasis that
the following reactions are important along witn the disso-
ciation equilibrium 12(g) = 21(g). When iodine pressures
are sufficiently high to stabilize Crisis), case a. we have

Crl,(s) + ViLCg) = Crl4(g) A'A (2)
Crlj(s) = Crl,(g) K, (3)
Crl,(s) = Crl2(g) + V22() Km 4)

When iodine pressures are below the value necessary to
stabilize Crl3(s), but above that necessary to stabilize
Crlo(s) relative to Cr, case b. we have

Cri2(s) + “/212(g) = CrL(g) KZ (5)
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Crl2(s) + 12(g) = Crl4qg) K2i (6)
Cris) = Crl2(g) K2 (7)

The formation of Crl4 was anticipated from earlier reports
of evidence for corresponding species in the chloride and
bromide systems.16'17 Tumarev and Panyushinl8 have
suggested formation of chromium IV iodide in the solid
state, but evidence was not felt to be conclusive.

Figure 4. Dissociation pressures of 12 for reaction 1 derived
from absorbance measurements: O A; - B; O, C; A, D; O, E

TABLE II: Thermodynamic Constants for Reaction 1*

AH°, AS°,
kcal cal deg" 1 Temp
Method Ref mol " 1 mol' 1 interval, °C
Knudsen 1 20.4 20.4 309-373
Diaphragm 1 19.6 20.9 490-666
Torsion Present 19.8 20.6 287-346
work
Absorbance Present 19.7 20.6 482-539
work

“ Estimated overall uncertainty (present work) *2%.

For case a, one expects a plot of P(2Cilx) —P(Crl2) us.
P(121/2) to give a straight line, the slope of which is, K34
and an intercept (at zero iodine pressure) equal to K s.
P(2Crlx) represents the apparent total pressure of chro-
mium iodide molecules, derived from the total number of
moles of chromium transported in relation to the number
of moles of argon carrier gas and the measured total pres-
sure of argon. It was not found necessary to assume the
existence of polymers or of higher oxidation states. How-
ever, the precision of our data was not sufficient to detect
small amounts of such species. The relatively high partial
pressure of iodine prevented us from seeking mass spec-
trometric evidence for the molecular forms. Similarly for
case b a plot of (P(ACrlx) - P(Crl2))/P(121/2) us. P(121/2)
should give a slope equal to K24 and an intercept equal to
ff23. It will be apparent that when the iodine pressure has
the unique value fixed by reaction 1, both sets of equa-
tions apply and all partial pressures are fixed at a given
temperature by the phase rule.

The data are shown in Figure 5.3 Values of A'2 {i.e..
P(Crl2)) were based on the results of Allen.19 The plot for
case b could only be constructed at 591°. Values of K24
and K.23 were derived from the slope and intercept, re-
spectively. X34 at this temperature may also be calculated
from the value of K for reaction 1 and X 24. Since data for
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Figure 5. Transpiration data: left ordinate scale A, 591°; right
ordinate scale©, 591°; O, 566°; =, 539°; O, 519°,

1000 / T° K
Figure 6. Equilibrium constants: =, K3; 4, K34.

case a at 591° were rather limited and inadequate to es-
tablish a meaningful slope, the value of K34 derived from
case b was used to establish the slope and the line shown
for case a at 591° has this slope. This line (Figure 5) was
then placed in a reasonable position relative to the data
points and extrapolated to derive the value of K3 at this
temperature. The latter can again be compared with that
predicted by combining K.s and K. Results were consis-
tent. Data at 566, 539, and 519° corresponded to case a
and were used to derive values of Ksi and K3 at these
temperatures. The relatively large scatter of the points re-
flects the difficulty of these experiments. As can be seen,
iodine partial pressures range as high as 160 Torr and
were difficult to control at constant values.
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TABLE Ill: Comparison of Standard Enthalpies of Formation and
Bond Energies (kcal mol-1) and Standard Entropies

(cal mol- 1deg-1) Derived for the Chromium lodides with
Those for the Chlorides and Bromides Based on the

Work of Others*

Vapor-
phase
bond
AH° s° AH° Ss° energy
X CrX2(s) Crx2(g) Cr-X
Cl -94.6° 27.8" -30.8« 74.2« 91.4
Br" -[74] [30] -[14.3]" [75.2]" [80.8]
c [32] [77.21"
—37.8* 36.9/ 33.6/ 95.3/ 55.7
CrX3(s) CrX3(g)
Cl -132.5" 30" -70.7"¢ 84.2« 83.9
Br" -[91] [44] —[30.2]" [96.4]" [68.1]
c [37] [89.6]"
-47.8* 47,1 12.2 94.3 52.7
CrX4(g)
Cl -101.6« 87.5« 77.8
Br" -[42.6] [106.9] [60.9]
[100.1]
1 4.1 112.3 48

aBrackets indicate estimate. (Corrected to 25°, using estimated
ACP° values cited in text). * Reference 20. * Reference 15. a Reference
17. * Reference 21.' Reference 19. « Reference 22.

Values of the equilibrium constants derived, displayed
in Figure 6, follow: t, °C; K3 X 103, Torr; K3t X 103,
Torrl/2; 591°, 2.6, 1.63; 566°, 1.2, 0.85; 539°, 0.4, 0.325;
519° 0.13, 0.183. The other constants can be derived from
these and values of K for (1). Considering the general
scatter of the data, the correlation in Figure 6 is remark-
ably good.

To facilitate estimation of properties at 25° and bond
energies at 25°, values of ACP° of -5.016 and -6.0 cal
mol-1 deg-1 were assumed16 for reactions 2 and 3, respec-
tively. A least-squares treatment gave the following ex-
pressions for the free energies of reaction: for (2) AG° =
45,860 + 5.0T In T - 67.54T cal mol-1; for (3) AG® =
61,790 + 6.0T InT - 87.38T cal mol-1.

The thermodynamic properties evaluated for the iodides
may be compared with those of the chlorides and bro-
mides in Table 111.20-2 References to related worked pro-
viding data used to complete the table are shown. We
have used the more recent values2l for the heats of forma-
tion of Crl3 and Crl2(s) which seem more consistent with
other data than the early value reported in Bichowsky and
Rossini.23 Data for CrBr2 have only been estimated. The
values derived for the bond energies, enthalpies, and en-
tropies show reasonable trends.
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The distribution of lithium and bismuth between liquid Li-Bi alloys and molten LiCl was measured at
several temperatures between 650 and 800°. The extent of their distribution to the LiCl increased dra-
matically at each temperature with a moderate increase in the lithium concentration of the alloy; for ex-
ample, at 650°, the bismuth concentration in the LiCl increased from about 5 to 4800 ppm as the lithium
concentration in the alloy increased from 10 to 50 at. %. The ratio of “excess” lithium to bismuth in the
LiCl generally was about 3, suggesting that salt-like LisBi was selectively dissolved from the alloys. The
measured equilibrium bismuth concentrations in the LiCl in the temperature range 650-800° can be ex-
pressed as In = 4 In Nuim) + 2579./VLi(m) + 2.211 — 9465/T(°K) + 0.0832 exp[3090/T'(°K)], with
an estimated uncertainty in In N bua) of £0.2. In this expression, n, (d), and (m) denote mole fraction,
dissolved in salt phase, and dissolved in alloy phase, respectively. Some data were obtained using molten
LiBr as the salt phase at 650°. Bismuth concentrations (mole fractions) in the LiBr were about twice as

high as those obtained with LiCl at the same alloy concentrations.

Introduction

A metal-transfer process for separating rare-earth fis-
sion products from thorium was considered as one step in
the chemical processing of molten-salt breeder reactors
(MSBRs). In this process,2-3 some of the thorium and rare
earths are extracted from the LiF-BeF2-ThF4 carrier salt
into a Li-Th-Bi solution and, then, the rare earths are se-
lectively extracted into molten LiCl. Finally, the rare
earths are extracted from the LiCl by reduction into a
Li-Bi solution in which the lithium concentration is 5 to
50 at. %. The net result is the transfer of a large fraction
of the rare earths, but only a very small fraction of the
thorium, from the fluoride salt to Li-Bi solutions of high
lithium concentration. This separation is implicitly and
significantly based on the reversal of the sequence of free

energies of formation (per equivalent) of chlorides us.
fluorides of metal cations of varying polarizing power (di-
and tripositive rare earths less than tetrapositive thorium)
by virtue of the large difference in polarizabilities4 of the
two anions, a(Cl~) = 3.55 A3and a(F_) = 0.97 A3.

Results from the initial tests of the metal-transfer pro-
cess indicated that, when molten LiCl was contacted with
liquid Li-Bi alloys at about 650° the distribution of “ex-
cess” lithium® and of bismuth to the salt phase was sig-
nificant.6 This behavior was not entirely unexpected since
LisBi is quite soluble in LiCI-LiF (70-30 mol %), and the
distribution of lithium and bismuth to this salt phase is
significant when the salt is in contact with liquid Li-Bi
(50-50 at. %) at 650-1000°.7-8 We have investigated the
equilibrium distribution of lithium and bismuth between
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liqguid Li-Bi alloys and molten LiCl in the temperature
range 650-800°; similar measurements were made at 650°
with LiBr as the salt phase. The results of these studies
are summarized in this paper.

Experimental Section

Reagents. The reagent-grade LiCl and LiBr were oven
dried at about 120° before use. Analyses of the salt after
melting under high-purity argon showed that the LI20
content was less than 0.05 mol %. The bismuth was Com-
ineo American Co. 69 grade. Necessary amounts of lithi-
um were cut under oil from reagent-grade stock and were
washed with benzene just prior to use. High-purity argon
was further treated by passage through a Molecular Sieve
trap and a titanium sponge trap that was held at 600°.

Procedure. Equilibrations were conducted in an argon
atmosphere, using the apparatus and general procedure
described previously.9 About 125 g of LiCl or LiBr and a
total of 100 g of lithium and bismuth, in the desired pro-
portions, were loaded into a molybdenum crucible. After
the crucible had been sealed in the containment vessel,
the system was heated to the desired temperature in an
atmosphere of pure argon. After reaching this tempera-
ture, the system was allowed to equilibrate for at least 24
hr before samples of the respective phases were taken.
Molybdenum pipettes were used to obtain 2-15-g samples
of the salt phase, whereas samples of the alloy phase were
taken with stainless steel filter sticks. The color of
quenched samples of the salts changed from nearly snow-
white to a deep red-brown as the lithium concentration in
the alloy was increased from about 10 to 50 at. %.

One experiment was conducted to determine the solu-
bility of LI3BI in LiCl over the temperature range 650-
800°. In this experiment, the lithium concentration in the
alloy was 70 at. %. According to the Bi-Li phase di-
agram,10 this gives a two-phase equilibrium mixture of
solid Li3Bi and a liquid Li-Bi alloy in which the lithium
concentration varies from about 52 to 62 at. % as the tem-
perature increases from 650 to 800°. It is important to re-
alize that with its solid phase as the standard state, the
LI3BI in the mixture is at unit activity. The temperature
of the system was randomly varied between 650 and 800°.
At least 24 hr was allowed for attainment of equilibrium
at each temperature before several samples of the salt
phase were removed for analysis. The quenched salt sam-
ples had a very deep red-brown color.

Analyses. The salt samples were analyzed for “excess”
lithium and for bismuth by, first, hydrolyzing the samples
in water and collecting the evolved hydrogen on a Molecu-
lar Sieve column at liquid nitrogen temperature. After hy-
drolysis was complete, the hydrogen was eluted from the
column with helium and the amount eluted was deter-
mined by gas chromatography. The amount of hydrogen
evolved was assumed to be equivalent to the amount of
“excess” lithium in the salt. The hydrolysis residue was
then acidified to dissolve bismuth that had precipitated.
Aliquots of the resultant solution were used for the deter-
mination of the bismuth concentration. When the bis-
muth concentration in solution was equivalent to a con-
centration of 100 ppm or greater in the salt, the analysis
was made using the spectrophotometric iodide method for
bismuth. When bismuth was present at lower concentra-
tions, it was determined by an inverse-polarographic
method. The bismuth concentrations in the salts could be
determined more accurately than the lithium concentra-
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tions could. The lithium concentrations in the alloy sam-
ples were determined by flame photometry.

Results

The equilibrium concentrations of bismuth and lithium,
expressed as mole fractions (IV), measured in LiCl at sev-
eral temperatures and alloy compositions are tabulated
elsewhere.1l1 At each temperature the concentrations of
these elements in the LiCl increased dramatically as the
lithium concentration in the alloy [ATum)] was increased.
The equilibrium bismuth concentrations measured in LiCl
can be expressed as a function of Nu(m) and temperature
as follows

In 78id) = 4 In N L) + 2579V + 2211 —
9465/T(K) + 00832 exp[3090/T(K)]( + 02 (1)

The correlation of the data according to eq 1 is shown in
Figures 1 and 2. In a large fraction of the cases, the mole
ratio of “excess” lithium to bismuth dissolved in the salt
phase, i.e., IVLiiai/lVvBUd), was about 3, although a signifi-
cant number of the ratios were higher or lower than 3.
The datall indicate that the ratio decreased somewhat
with increasing temperature, but at a given temperature,
no systematic trend of the ratio with alloy composition is
evident.

The results of the few measurements made of the distri-
bution of lithium and bismuth between Li-Bi alloys and
molten LiBr at 650° are given in Table I. The bismuth
concentrations in the LiBr can be represented by

In ~Bid) = 4 In IVL{ + 2.579IVL{) -
(5.048 + 04) (2)

which is of the same form as eq 1. The correlation of the
data according to eq 2 is shown in Figure 3. As seen in
Table I, only two sets of samples were analyzed for both
“excess” lithium and bismuth. The results of these analy-
ses showed the ratio MLiidI/IVBiidi to be about 3.

The values determined for the solubility of LisBi in
molten LiCl over the temperature range 650-800° are
given in Table Il. These data indicate that IVucdi/lvBUd)
was 3. In Figure 4, the data are compared with the values
obtained by Foster, et al.1 (the solid line), using LiCI-LiF
(70-30 mol %) as the salt phase. Within the range of un-
certainty (£0.08 in log S), the solubility of Li3Bi was the
same in both salt phases. Since the measurements of Fos-
ter, et al.,7 covered a much larger temperature range
(650-1000°) than ours, it is felt that the equation log S
(mol %) = [3.437 - 4110/T(°K)] £ 0.08 derived from their
data gives a more accurate representation of the solubility
values than an equation derived solely from our data.

Discussion of Results

The equilibrium bismuth concentrations in LiCl deter-
mined in this investigation with either Li3Bi or Li-Bi
(about 50-50 at. %) as the metal phase are almost identi-
cal with those obtained at Argonne National Laboratory
(ANL)7'8 with LiCI-LiF (70-30 mol %) as the salt phase.
In addition, the decrease in the ratio IVLi(d)/IVBi(d) with
increasing temperature indicated by our data is similar to
that obtained at ANL8 with Li-Bi (50-50 at. %) alloys in
equilibrium with molten LiCI-LiF.

The results obtained in the present study cannot be ex-
plained by the distribution between the two phases of
lithium and bismuth per se. The solubility of bismuth in
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Figure 1. Correlation of equilibrium bismuth concentrations in
LiCl at 650 and 700° according to eq 1.

Figure 2. Correlation of equilibrium bismuth concentrations in
LiCl at 750 and 800° according to eq 1.

TABLE |: Data Obtained by Equilibrating Liquid Li—Bi Alloys with
Molten LiBr at 650°

Expt  Nuim) 106Nsi(d) 106ALI(d)  Nuid)/WBi(d)
37 0.167 47+ 1.7

38 0.273 111 + 15

39 0.273 85 + 15

40 0.354 232 & 45 638 + 40 28+ 0.9
11 0.487 1220 + 25 4060 + 150 3.3+ 0.3

molten LiCl is extremely low, only about 0.1 ppm at
650°.12 Estimates based on the measured activities of lith-
ium in liquid Li-Bi alloys1l3 and the solubility of lithium
in molten LiCIl14-16 show that the equilibrium lithium
concentrations in LiCl would be insignificant in compari-
son with those determined experimentally. For example, if
lithium per se distributed between the two phases, a pos-
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Figure 3. Equilibrium bismuth concentrations in LiBr and LiCl at
650°. Data points were obtained with LiBr as the salt phase.
Solid curve calculated for LiBr from eq 2; dashed curve calcu-
lated for LiCl from eq 1.

TEMPERATURE (°C)
800 750 700 650

Figure 4. Solubility of LisBi in molten LiCl. The line represents
data obtained by Foster, et al.,7 with molten LiCI—LiF (70-30
mol %).

TABLE II: Solubility of LiaBi in Molten LiCl in the
Temperature Range 650-800°

Temp, °C 103NBi(d) 103Wu(d) Nu(d)/NBi(di
650 1.04 + 0.1 3.72 + 0.04 3.6+ 04
675 1.57 £+ 0.04 5.16 £+ 0.4 3.3 £ 0.3
700 1.55 + 0.01 494 + 0.4 3.2+ 03
700 1.41 + 0.02 4.20 = 0.2 3.0+ 0.2
725 2.42 + 0.06 7.80 + 04 3.2+ 0.2
750 1.76 + 0.01 561 + 0.9 3.2 £ 05
800 3.82 + 0.4 108 = 1.0 2.8 + 0.7

sible equilibrium would be
Lim) = Fi@) 3)

in which (m) and (d) denote the alloy and LiCl phases,
respectively. By choosing pure liquid lithium as the stan-
dard state, it is easily shown that when the lithium con-
centration in the salt is low
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Ll — ~Lim)acimymLica) (4)

in which N is mole fraction and the 7’s are activity coeffi-
cients. If we assume that the value of 714un estimated
from the solubility of lithium in LiCli4-16 is independent
of ATi(dl and utilize the values of 7 u(m> given by Foster,
et al., 13 We estimate from eq 4 that, at 650°, tvLi(dl is
about 1 X 10«6 when ATum) is 0.5. This value is negligi-
ble when compared with the value obtained experimental-
ly, and the result is typical of those obtained over the
range of our experimental conditions.

Since the experimental results are inexplicable on the
basis of the distribution of lithium and bismuth e+ <. be-
tween the two phases and the ratio N-1h~/Nbha) WeS
about 3 in a large fraction of the cases, we suggest that
the results can best be interpreted in terms of the distri-
bution of salt-like LI3Bl between the two phases. This
suggestion is not unprecedented. Okada, et ai.17 WO
studied the distribution of sodium and bismuth between
liquid Na-Bi alloys and molten NaCl-Nal (37-63 mal %),
concluded that the presence of “excess” sodium and bis-
muth in the salt phase wes due to “preferential solution of
Na3Bi from the alloys.” They also suggested that the dis-
tribution process “involves the solution of substantially
ionic sodium compounds in the melt.” We will adopt their
suggestion and assume that the “excess” lithium and bis-
muth found in the salt phases were present primarily as
LIsBI (3Li+ + Bi3-). Based on this assumption, extrapo-
lation of the distribution curves [Figures 1-3, or eq 1 and
2] to the liquidus values of IVLi(m) at which precipitation
of solid LIsBI occurs should give an estimate of the solu-
bility of Li3Bi in the respective salt phases. Estimates of
the values of ATumi at the liquidus were made using two
approaches. Foster, .« ai.131s Obtained emf data with
two types of cells: (1) Bi saturated with LisBi(s)/LiCl-
LiF/Li in Bi(l), and (2) Li(I)/LiCI-HiF/Bi saturated with
Li3Bi(s). The data of these two cells can be combined to
give those for a theoretical third cell: (3) Li(l)/LiCI-LiF/
Li in Bi(l). The excess chemical potential of lithium in
the alloy Is given by

PU(ME = -FE - RT INn Num) ®

in which r is the value of the faraday, e is the emf of cell
3, and r is the gas constant. Foster, et al.,13 correlated
their data as follows

-p Li{mE [cal/mol] = (9397 + 18.16T - 0.0109T2 +
(7103 - 19447 + 0.0068TAWLM) (6)

The emf for cell 2, which is a special case for cell 3, wes
foundis to be

£(volts) = 05264 + (7.3958 X 10~4T -
(64317 X KT9T2 (7L

Values of N hum) at the liquidus were calculated at several
temperatures using eq 5-7; these values, along with those
derived from the phase diagram reported by Hansen and
Anderko,10 and the corresponding estimated solubilities of
Li3Bi in LICl and LiBr, are given in Table Ill. The
solubilities in LiCl estimated using the values of IVLim)
from the phase diagram are in good agreement with those
measured in this study (Table IT), whereas the values esti-
mated from the emf data are somewhat higher. The esti-
mated solubility of Li3Bi in LiBr at 650° is about twice
that in LiCl. This result is consistent with the expectation
that less work would be required to substitute large Bi3*
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TABLE Ill: Estimated Solubilities of Li3Bi in LiCl and
LiBr Using Values of A/Li(m) at the Liquidus and Eq 1 or 2

Estimated solubility

of LhBi in salt,
Lithium concn in Li-Bi mol %

alloy at the liquidus, =~ ------—------mere -
atom fraction Using Using
m) Nu (m)

.Temp, From phase Fromemf from phase fromemf
Salt °C diagram* data6 diagram data
LiCl 650 0.524 0.544 0.10 0.12
LiBr 650 0.524 0.544 0.19 0.23
LiCl 700 0.558 0.579 0.16 0.20
LiCl 750 0.588 0.616 0.26 0.34
LiCl 800 0.616 0.654 0.42 0.58

Reference 10. 6 References 13 and 18,

ions into the anion sublattice of molten LiBr since the
Br- ionis larger than the C|- ion.

Continuing with the hypothesis that the data obtained
in this study can be interpreted in terms of the distribu-
tion of Li3Bi between the two phases, in principle it
should be possible to calculate the distribution behavior if
the activity of Li3Bi in each phase is known. In this con
nection, we will define the activity of Li3Bi in the salt
phase by

ali#g = <\idHEQ "HO ®)

and assume that 7usBi(d) is constant at a given tem-
perature. Thus, 7LisBi(d) would simply be the recipro-
cal of the solubility of Li3Bi in the salt at that tempera-
ture. The measurements of the solubility of Li3Bi in LiCl
and LiCl-LiF mentioned earlier yield

In 7ufd = [-3.309 + 9465TCK)] + 02 (9

When the Li3Bi concentration in the LiCl is low, eg s can
be written as

aliE@d = "Bi(d)7LiBO = [~Li(d)/3]7LiE@  (10)

in which ABi(di and AVYd are the measured mole frac-
tions of bismuth and “excess” lithium in the LiCl.

Activities of Li3Bi in bismuth solution can be calculat-
ed from the emf data of Foster, et al.,13'18 as follows. The
net reaction for cell 3is

Li(l) = Li(m) (12)
If we assume that the reaction
Li(m) + 7 3Bi(m) —* 73LiBi(m) (12
occurs in the alloy, the cell reaction can be written as
Li() + 73Bi(m) = 73LisBi(m) (13)

By choosing the standard state for lithium as the pure lig-
uid and considering the liquid alloy as an Li3Bi-Bi binary,
the emfof the cell can be expressed as

(RT/zF) In allB + (rT/2zF) In aBE@
L , 14
or, in differential form (14)

= (- r7T/zF) d In aliEHM) + {rT/2zF) d In aBm)

15
We will assume that Li3Bi in the alloy is completely dis-
sociated according to

E = E°
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LiBi — 3Li+ + Bi3- (16)
and partially define its activity by
«LigBi(m) = (aLi+3(aBi3) (17)

The assumption of complete ionization may not be too
unreasonable. Solid LI3B1 is a salt-like or ionic com-
pound19 formed from elements of vastly different electro-
negativities. Furthermore, the ions Li+ and Bi3- have the
electronic configurations of the stable gases helium and
radon, respectively. Other considerations which led to the
assumption of complete ionization were (1) the fact that
the activity coefficient for lithium in the alloy (relative to
pure lithium) is very low and does not change drastically
with alloy composition13 not only reflects the strong inter-
action involved but also suggests that the lithium is in es-
sentially the same environment over a wide range of alloy
compositions; (2) the experimentally determined ratio
m\liuii/N bi«!) was about 3; and (3) the experimentally de-
termined values of A/U(dl and were strongly depen-
dent on the lithium concentration in the alloy.
The definition of a”Biimi iscompleted by defining

«Li+(rn)
[nLi+(m)/wBi(m)] Li{m (18)
aBi3(m) = [7LiBi(m)/1I1Bi(m)]"Bi3(m) =
(V3)[nLiHm)/WBi(in)Bi3(m) (19)
in which «Bitmi is the number of moles of bismuth not

present as Bi3- and nLi+(m) is the number of moles of
lithium ions. Since we have assumed that all the lithium
present in the alloy exists as Li+

«Li+m = «Li (20)
@itm = «Bi “ V3L (21)

in which nu and «Bi represent the total moles of lithium
and bismuth, respectively, in the Li-Bi alloy. By substi-
tuting eq 20 and 21 into eq 18 and 19 and dividing both
the numerator and denominator by (nLi + nBi), we obtain

i o [«Bi - V&Li] T —
f (VLi(m) 1 -
Li - (¥3mLia) L (22)

”
-"m-d t-> &
in which NLi(m) is the atom fraction of lithium
alloy. Substituting eq 22 and 23 into eq 17 yields

-«4 -S J T @

in which 7+ is a mean activity coefficient for Li3Bi in the
alloy. From the Gibbs-Duhem relationship, we obtain

in the

E (-
Li -

'A'W 1ilh) d

d In aBim (Vawu,J

d In aLi®Bim (25)
Substitution of eq 25 into eq 15 yields, on rearrangement

de = (RT/3F) [t —vtm

[1 - (V3)IVLi»J

In ali3B(m (26)
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TABLE IV: Constants of Integration for Eq 31 Derived from the
Emf Data of Foster, et al.a

Nh

Temp, liquidus, 7+ &
°C R atom fraction  liquidus r
650 -5047 0.544 0.666 -0.0283
700 -5374 0.579 0.519 -0.107
750 -5668 0.616 0.383 -0.172
800 -5927 0.654 0.259 -0.222

a References 13 and 18.

As indicated by eq 5 and 6, at a given temperature the emf
data of Foster, et al.,13can be represented by an equation of

the form
E = (a/F) + (0/F)NLfm - (RT/F)In Nhn
(27)
or
(RT/F) d

dE = (0/F) dNL{m - In N L (28)

where a and /? are constants. We also note from eq 24 that
In 7+ + 4 d In NUm -
4dinp - @3NLM (29

Substitution of eq 28 and 29 into eq 26 yields, after rear-
rangement and simplification

_ (- 43 dnlim _

[ — (4 3IVLi(m)]

(387ARt V1T (ay IJ(IT)} d N im)

Iv Li(m)

d In aLi®Bi(m = 4 d

din?7

divLHm) + T 3[1 - (4 3IVLm)] |
14[1 — ArLi(m] N u(m)\

diVLj(m) (30)

N'u(m)
Integration of eq 30 from the standard state (st.st.) of
Li3Bi to Nu(mi, i.e., between the limits of 7z#(st.st.i to

T+ iNLi(m)i aRd A™Li(m)ist.st.it o i (m), gives

In = In [1 - (43VLion)] -
CA) In Num - (o/rRT)NUM - [(0/4rT) -
(V4] 1« [1 - Lmd + r  (31)

in which T is the integration constant at a given tempera-
ture. By choosing the pure solid as the standard state for
LiaBi, values of y+ can be calculated at the liquidus
values of Nhi(m), using eq 24 with alLi3Bi(m) = 1; then
T can be evaluated from eq 31. The values of d and of
ATum) at the liquidus derived at selected temperatures
from the work of Foster, et al.,13'18 are presented in Table
1V, along with the calculated values of T and of 7+ at the
liguidus. At a given temperature, y* does not change
markedly over a wide range of values of ATum,. For exam-
ple, at 650°, 7+ decreases from 1.79 to 0.796 as A7Li(ml in-
creases from 0.1 to 0.5.

The following expression for the distribution of bismuth
between molten LiCl and liquid Li-Bi alloys

N UQJ

is obtained by equating eq 10 and 24 since, at equilibri-
um, the activities of Li3Bi in the two phases are the same.
Values of ATBi(d) were calculated as a function of AVumi
from eq 32, using the values of 7u3BUd) represented by
eq 9 and the appropriate values of y+ derived from the
emf data. The values of Nbh& calculated from eq 32 at

N Bil = T43[1 - (43IVLia]4 7 L3 (32)

The Journal of Physical Chemistry, Voi. IT, No. 19, 1973
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Figure 5. Comparison of calculated equilibrium bismuth concen-
trations in LiCl with those determined experimentally at 650°.

Figure 6. Comparison of calculated equilibrium bismuth concen-
trations in LiCl with those determined experimentally at 700°.

the various temperatures are compared with the experi-
mental data in Figures 5-7. As seen, the agreement is
quite good.

The results of the present study suggest that the ob-
served distribution of lithium and bismuth between liquid
Li-Bi alloys and molten LiCl or LiBr is due mainly to the
distribution of Li3Bi, and not the respective elements, be-
tween the two phases. It should be emphasized, however,
that the success of the mathematical treatment used in
describing the distribution does not constitute proof that
the species assumed were actually those present. In fact,
any mathematically tractable definition of the activity of
Li3Bi in the alloy phase, when used in conjunction with
the emf data of.Foster, et a/.,13'18 and the values of
7Li3Bi(d) derived from the solubility measurements, re-
sults in the same good correlation between calculated and
experimental values as was obtained by use of eq 32. We
chose to represent the Li3Bi in the alloy as a completely
ionized species for the reasons stated earlier and the resul-
tant fact that the activity coefficient derived on this basis
was relatively insensitive to changes in alloy composition
in the approximate range Nuim\ = 0to 0.6.

Finally, we discuss our results briefly in the general
context of a solution of an “ionic” compound (“salt”), S =
Ax"+Bym-(m = nxfy), in a liquid metal, M = A orB, and
make some comparisons with a few known related sys-
tems. The molecular and electronic structures of such so-
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Figure 7, Comparison of calculated equilibrium bismuth concen-
trations in LiCl with those determined experimentally at 750 and
800°.

lutions are of considerable theoretical interest and are not
well understood at this time.16'20 In the present study, in
which we assumed Li3Bi to be present in Bi, we have been
dealing with the second case above; i.e., M = B. In this
case, it is the anion (Bm_ = Bi3-) which in its elemental
nature is identical with the metal solvent, B = Bi. For the
opposite case, M = A, there are the numerous systems in-
volving 1:1 electrolytes (n = x = y = 1), namely, the alka-
li halides with the corresponding alkali metals as the sol-
vents,16 in which the question of ion association cannot be
attacked by thermodynamic considerations. However, a
few data are also available for systems with n > 1 where
this is indeed possible. These systems include some with n
=2,x=1y =2 (AB2-A), and one withn = 3, x = 1,y =
3 (AB3-A), in which not the anion, but the cation, of the
salt in its elemental nature matches the metal solvent
and, in fact, is the “common ion” for salt and metal. Ex-
amples are solutions of alkaline earth dihalides in the cor-
responding liquid alkaline earth metals (CaF2 in liquid
calcium, and BaCl2 in liquid barium21), and the bismuth
trihalides BiX3 (X = CI, Br, or I) in bismuth metal,22
which are especially interesting for comparison with the
Li3Bi-Bi system. In such cases, the change in the activity
of the metal solvent on addition of small amounts of salt
solute (halide) was determined by measuring the depres-
sion of either the freezing point21-22 or the vapor pressure
of the metal.23 The magnitude of this depression was
taken to reflect complete dissociation of the dissolved salt,
at least as far as the separation of the halide ions from
each other was concerned. Distinction between more de-
tailed models involving either the loss of identity of the
“common ion” of salt and metal among the cations of the
metal solvent or, alternatively, the presence of complex
species such as (BiCl), (CaF), and (BaF), each containing
only one halide atom, is not possible in this way, at least
not for dilute solutions.22 It is recognized, however, that
the extreme mobility of charge in a metal implies ready
screening of the fields, and consequently causes the sepa-
ration of ions of opposite charge or “solvation” of the ions
of the salt by the oppositely charged species of the metal
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solvent, i.e.,
An+.

In the present case of LisBi in Bi, with the assumed
three separated lithium cations, the interesting new ques-
tion arises as to whether the Bi3- anion may not also lose
its identity among the Bi3+ cores and “metallic”
trons, e~, of the metal solvent, according to Bi3- = Bi3+
+ 6e~. In such a model, the dependence of augBiim) or
7 + on iVLi(m) would be somewhat, but not greatly, different
from that of eq 24, in which the Bi3- species is distin-
guished from the Bi of the metal solvent. Further studies
of quite a different nature would be required for establish-
ing a more detailed model.

Although the bismuth data could be correlated by as-
suming distribution of LisBi between the two phases, the
experimental data indicated that the ratio iVLi(a¥"\Wi<i
was not 3 in all cases, perhaps somewhat less than 3 at
higher temperatures. This detail requires further exami-
nation.

of An+ by some e~ and by Bm" by some

elec-
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The He | photoelectron spectra of the substituted ethylenes CH.=CH X, where X = -CHs, -CH:NH:,
-CH:SH, -CH:0H, -CHO, and -COOH, have been obtained. The observed ionization bands have been
identified through vibrational structure analysis and by using the results of ab initio, INDO, and CNDO/
2 calculations. Electronic interaction, in the form of resonance and inductive effects, has been observed
between the C=C it MO and the n and/or ir orbitals of the substituent. The relative magnitudes and di-
rections of these effects are assessed for the various substituents from a correlation diagram of the energy
levels. From the orbital shifts observed it is possible to arrange the substituents according to their in-
creasing electron-withdrawing power as -CH: < -CH:NH: < -CH:SH <-CH.:OH <-COOH < -CHO.

Introduction

The technique of photoelectron spectroscopy has pro-
vided a direct method of evaluating inductive and reso-
nance effects between ethylene and its substituents.1-4
The types of interactions that have been observed in vinyl
halides, CH=CHX, where X = F, Cl and Br, are as fol-
lows. (a) A resonance effect occurs as a result of interac-
tion between the C=C it orbital and the halogen “non-
bonding” orbital which is perpendicular to the molecular
plane (both orbitals are a” in the cs molecule). This con-
jugation produces two ir orbitals, an antibonding combi-
nation of predominantly C=C it character and a bonding
combination of predominantly halogen n character. Ac-
quization of antibonding character in the C=C it orbital
is confirmed by its destabilization (i.e., shift to lower
binding energy) and by the increase in the C-X stretching
frequency of the ion with respect to the neutral molecule.
Evidence for acquization of bonding character in the halo-
gen n orbital is its stabilization {i.e., shift to higher bind-
ing energy) and the broadening of its sharp “nonbonding”
photoelectron band.53 (b) The second type of interaction is
due to the inductive effect of the electronegative halogen
which serves to draw electron density from the vinyl group
to the halogen. This effect tends to stabilize the C=C ir
orbital and destabilize the halogen n orbitals. The relative
strengths of these two opposing effects have been studied
as a function of varied halogen substituents.5b

This paper presents an investigation of the electronic
structure of some substituted ethylenes CH.=CH X,
where X = -CH3, -CH2NH2, -CH20H, -CH2SH, -CHO,
and -COOH, by means of photoelectron spectroscopy. The
purpose of the work is to evaluate the interactions of the
C=C 7 orbital with the methyl group orbitals and the
substituent  and/or n orbitals. Resonance interactions
between orbitals of the same symmetry and inductive in-
teractions caused by electronegativity differences in these
systems are not, in general, in the same direction as those
of the vinyl halides. The difference is due to the linking
alkyl group (CH2, CH, or C) which can itself cause shifts
in the inherent energies of the n and ir orbitals. The ion-
ization bands observed in the spectra are identified by
correlation with those of ethylene and some simpler mole-
cules, by using quantum chemical calculations, and by vi-
brational analysis of the existing fine structure. The elec-
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tronic structures are discussed in terms of the information
obtained from the experimental spectra and ab initio,6

INDO, and CNDO/2 molecular orbital calculations.

Experimental Section

The photoelectron spectra were obtained with a Perkin-
Elmer Model PS-16 photoelectron spectrometer using He
I resonance radiation. All compounds studied were com-
mercially available reagent grade chemicals. The spectra
were calibrated with the 3pi/2 and 3p3/2 lines of Ar and
the 4pi/2 and 4p3/2 lines of Kr in a mixed gas sample.

Results

propylene. The photoelectron spectrum of propylene in
Figure la has six bands below 21 eV with vibrational
structure only in the low-energy band. The experimental
IP’s along with those obtained from MO calculations are
reported in Table I. The adiabatic ionization energy of the
first band at 9.72 eV is in good agreement with the 9.73
eV value reported by Watanabe, et a1.,7 using photoioni-
zation techniques. In accordance with the MO results this
band is attributed to ionization of an electron from the
C=C ir orbital. This orbital contains some methyl group
orbital character in an antibonding combination (Figure
Ic).8 The decrease in this IP by 0.79 eV with respect to
the corresponding one of ethylene9-10 is caused by (1) the
inductive effect of the methyl group which serves as an
electron donor and (2) the resonance interaction with the
methyl group orbital of a" symmetry which is inherently
more stable than the C=C i orbital. Thus, unlike the
vinyl halides, the large destabilization of the propylene
C=C ir orbital results from combined inductive and reso-
nance effects which both tend to shift the orbital in the
same direction.

Two vibrational progressions are observed in this band.
The principal progression, with a mean spacing of 1340
cm*“1, is most likely due to the C=C stretching vibration,
re, which is 1647 cm-1 in the neutral molecule.11 The
short secondary progression of ~600 cm-1 is identified
with v-is, the C=C-C bending mode at 578 cm-1 in the
neutral molecule. The large decrease in the C=C ir
stretching frequency and the constancy of the C=C-C
bending frequency reflects the bonding character of this
orbital in the C=C region and the antibonding character



Electronic Interaction between the Vinyl Group and Its Substituents

Figure 1. The He I photoelectron spectrum of propylene: (a) the
complete spectrum, (b) the first band on an expanded scale,
and (c) a qualitative orbital diagram of the outer ir a" orbital.

TABLE I: Measured and Calculated lonization Potentials
of Propylene

Calculated” IP's

Measured Ab Electron
IP, ev* initio CNDO/2 INDO  density MO typec
9.72 (A) 9.6 10.3 9.9 0.32 Ca C=C(7r)a’
9.88 (V) 0.45 Cg
0.07 C7
0.16 H’s
12.4 (V) 13.1 11.5 11.3 al
13.2 (V) 14.1 12.5 12.2 a'
14.5 (V) 15.5 16.5 16.2 a'
14.6 (V) 15.6 18.1 17.9 a"
15.8 (V) 17.3 19.9 19.7 al
18.2 (V) 20.5 23.8 23.7 a'

“ The propylene molecule is considered to have Cs symmetry ('e., a
planar bent carbon chain) for these calculations. A standard value of 4 eV
is subtracted from all of the INDO and CNDO/2 eiaenvalues in order to
compensate for deficiencies in Koopmans' approximation. b (A) = adia-
batic ionization energy, (V) = vertical ionization energy. ¢ The MO order
listed is that obtained from the calculations. The exact assignment of the
higher ionization bands is uncertain and, at this time, one can only assume
the MO ordering indicated for these high-energy bands.

between the vinyl and the methyl group. The outer orbi-
tals of propylene are correlated with those of ethylene in
Figure 2.

Allylamine. The nine ionization bands observed in the
spectrum of allylamine are shown in Figure 3 and the ex-
perimental IP’s are listed in Table Il. By comparison with
the spectra of propylene and ammonia,12 two ionization
bands are expected, and indeed observed, below 11 eV
corresponding to orbitals which are mainly C=C % and
nitrogen nonbonding. The positions of these two bands
can be understood from the following considerations. The
nitrogen nonbonding orbital is directed out of the molecu-
lar plane and can thus interact with other orbitals of a"
symmetry, such as the methylene group orbital and the
C=C ir orbital of propylene. The C=C 7 orbital of pro-

2359

eV
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-12
HC=CHy RN+ ROH RIOCH
h2c=ch-ch3 RCH H R3O

Figure 2. Energy level correlation diagram for the outer orbitals
of some substituted ethylenes: (a) from ref 9 and 10, (b) R =
H2C=CH -.

10 12 14 16 18 20 ev

Figure 3. The He | photoelectron spectrum of allylamine: (a) the
complete spectrum and (b) an energy level correlation diagram
of the n(N) and C=C 7r orbitals as derived from their respective
orbitals in methylamine and propylene.

pylene is more stable than the n orbital of methylamine.
Therefore, as a consequence of the resonance effect, the
C=C & orbital will be stabilized and the nitrogen non-
bonding orbital will be destabilized when they interact in
allylamine. Since the nitrogen atom is more electronega-
tive than the carbons, it will exert an inductive effect
which will draw electron density from the carbons. This
inductive effect will also stabilize the C=C worbital and
destabilize the nonbonding orbital. Thus, the inductive
and resonance effects in allylamine are of the same sign.
The positions of the 7r and n orbitals of propylene, allyla-
mine, and methylamine are plotted in Figure 3b. The sta-
bilization energy of the C=C +ttorbital, ~0.16 eV, is equal
to the destabilization energy of the nitrogen n orbital. The
outer orbitals of allylamine are correlated with those of
propylene in Figure 2.

Allyl Mercaptan. of allyl
Figure 4a, shows the presence of at least nine bands below
21 eV. The first band at 9.25 eV, Figure 4b, is relatively
sharp and exhibits a short vibrational progression of ~780
cm-1. This frequency is of the same order as that ob-
served in methyl mercaptanl3 and is attributed to a C-S
stretching mode. The band is assigned to the removal of a
mainly sulfur 3p nonbonding electron. The second band at
10.05 eV, Figure 4b, contains a short vibrational progres-
sion of ~1410 cm-1 which corresponds to the C=C
stretching frequency of the molecule. It is assigned to ion-
ization ofthe C=C T7relectrons.

The spectrum mercaptan,

The Journal of Physical Chemistry. Voi. 71, No. 19, 1973
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Figure 4. The He | photoelectron spectrum of allylmercaptan:
(a) the complete spectrum, (b) the first and second bands on
an expanded scale, and (cl an energy level correlation diagram
of the n(S) and C=C 7r orbitals as derived from their respective
orbitals in methylmercaptan and propylene.

TABLE II: lonization Potentials of Substituted Propylenes

IP's Measured vert.
Molecule no. IP, eV

MO type
8.76 (0)a

9.44 (V) n(N)a"
10.04 c=C(7r)a"
125

13.4

14.6

14.9

15.9

16.9

18.3

Allylamine

© 0y O U B WN R BP

Altyl mercaptan 9.25 (A =V) n(s)a"
10.05 C=C(7r)a"
11.9

12.7

13.6

14.6

151

16.2

18.4

© 00N O U B WN R

9.63 (A)

10.16 (V) c=c(7r)a"
10.93 n@©)a"
12.2

13.3

14.2

15.2

16.4

17.3

18.7

Allyl alcohol

© 0 N O U A WN R R

“ (0) = onset of first band.

The positions of the n and itorbitals in allyl mercaptan
can be explained in a manner similar to that of allyla-
mine. In this molecule also, the resonance and inductive
effects are of the same sign. A plot of the positions of the
n and it orbitals of methyl mercaptan, propylene, and
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Figure 5. The He I photoelectron spectrum of allyl alcohol.

allyl mercaptan in Figure 4c shows that the stabilization
energy of the C=C ir orbital, 0.17 eV, is equal to the de-
stabilization energy of the sulfur n orbital. The experi-
mental IP’s are listed in Table Il and the outer orbitals
are correlated with those of the other molecules in Figure
2.

Allyl Alcohol. The spectrum of allyl alcohol, Figure 5,
exhibits at least nine ionization bands below 21 eV. The
first band at 10.16 eV is attributed to ionization of a C=C
7 electron while the relatively sharp band at 10.93 eV is
attributed to ionization of an oxygen n electron. Two fac-
tors should be noted about this assignment. First, the or-
dering of the n and it orbitals is changed compared to that
of allylamine and allyl mercaptan and second, the C=C it
orbital is stabilized by ~0.28 eV while the oxygen n orbi-
tal is destabilized by only ~0.05 eV when compared to
propylene and methyl alcohol, respectively. In order to
understand these differences, the high electronegativity of
the oxygen atom must be considered. The prevailing type
of interaction in the outer orbitals is the inductive effect
by which electron density is drawn toward the oxygen
atom, thereby stabilizing the C=C itorbital.

The resonance effect appears to be of minor importance
compared to the strong inductive effect of the oxygen
atom. The experimental IP’s are listed in Table Il and the
outer orbitals are correlated with those of the other mole-
cules in Figure 2.

Acrolein. The spectrum of acrolein shows the presence
of at least seven ionization bands below 21 eV, with re-
solved vibrational structure in the first two bands, Figure
6a.

The first band, Figure 6b, consists of a very intense adi-
abatic IP at 10.13 eV followed by two weak vibrational
components with a spacing of 1220 cm 'tB This band is
very similar to the first IP of formaldehyde9at 10.88 eV
which corresponds to ionization of the oxygen nonbonding
a' orbital. The INDO and CNDO/2 calculations also pre-
dict that the outermost orbital of acrolein is mainly of
oxygen nonbonding type with some admixture of vinyl and
formyl group orbitals. The decrease in binding energy of
the oxygen nonbonding (a') orbital in acrolein as com-
pared to formaldehyde is due to an inductive interaction
with the allyl group. Evidence for this interaction is con-
tained in the vibrational structure which accompanies the
0-0 band. As a result, the vibrational progression is as-
signed to either vs, the formyl CH rock at 1360 cm '1, or
vg, the vinyl CH rock at 1276 cm-1, in the neutral mole-
cule.14 This assignment is expected since excitation of the
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Figure 6. The He | photoelectron spectrum of acrolein: (a) the
complete spectrum and (b) the first and second bands on an
expanded scale.

CH2 deformation mode has been observed upon ionization
of the b2 in-plane oxygen non-bonding orbital in formalde-
hyde.9 The small reduction in the vibrational frequency of
the neutral molecule is expected when an electron is re-
moved from a mainly nonbonding orbital. This n orbital
differs from that of allyl alcohol by being in the plane of
the molecule and therefore it cannot enter into resonance
interaction with the C=C 7 orbital. It should be noted
that the oxygen nonbonding orbital in acetyladehydel5 is
at 10.22 eV which is very similar to acrolein.

The second band at 10.95 eV, Figure 6b, consists of four
vibrational peaks with a mean spacing of 1400 cm '1. This
band is very similar to the first IP of the isoelectronic
molecule butadiene,16 where it is assigned to ionization of
electrons from a #* MO. Unlike the case of butadiene
where resonance interaction between the two final groups
is very large, the calculations indicate that resonance in-
teraction between the C=C and the C=0 welectrons of
acrolein is rather small. This weak resonance interaction
can be attributed to the large energy difference between
the C=C # and C =0 worbitals. Thus, the stabilization
of the C=C 7% orbital of acrolein as compared to propylene
is mainly due to the inductive effect of the carbonyl group
which draws electron density from the vinyl group. The
vibrational progression at 1400 cm-1 is assigned to the
C=C T stretching mode at 1625 cm' 1in the neutral mol-
ecule. The experimental and calculated IP’s are listed in
Table 11117-18 and the outer orbitals are correlated with
those of the other molecules in Figure 2.

Acrylic Acid. The spectrum ofacrylic acid is shown in Fig-
ure 7a and the low binding energy bands are shown on an
expanded scale in Figure 7b. The band centered at ~10.8
eV appears to be composed of two different photoelectron
transitions for the following reasons. It contains a compli-
cated vibrational structure which cannot be readily as-
signed to one transition. It is approximately twice as in-
tense as the band at ~12.0 eV which contains a simple vi-
brational structure that must be due to a single transi-
tion. Thus, the 10.8-eV band is considered to be composed
of two overlapping ionization bands.

In order to interpret the spectrum of acrylic acid it is
necessary to consider which molecular orbitals are expect-

10 12 14 16 18 20 eV

Figure 7. The He | photoelectron spectrum of acrylic acid: (a)
the complete spectrum and (b) the first, second, and third
bands on an expanded scale.

ed in the low binding energy region. The MO calculations
predict three orbitals in this low-energy region; (1) a non-
bonding orbital which is predominantly localized in the
in-plane orbitals of the carbonyl oxygen and the hydroxyl
oxygen, designated as n(0)a'; (2) a t orbital which is the
prodigy of the C=C % mixing with the out-of-plane oxy-
gen orbitals; (3) a nonbonding orbital with a" symmetry
situated mainly on the hydroxyl oxygen with some ad-
mixture of carbon a" orbitals, designated as n(0)a". The
IP’s obtained from the calculations match very well with
those obtained experimentally if the bands at 10.77, 10.91,
and 12.00 eV are assigned as nlOJa', #, and n(0)a", re-
spectively. This assignment also agrees with a study of a
series of carboxylic acids19 in which the separation be-
tween n(0)a' and n(0)a" was found to be at least 1eV.

A vibrational frequency of 1320 cm -1 is observed in the
10.77-eV band. Due to the nature of the band, this proba-
bly corresponds to the C =0 stretching frequency at 1705
cm' 1or the COOH group frequency at 1727 cm-1 in the
neutral molecule.20'21 It is not possible to follow vibra-
tional progressions in the second band. Two vibrational
progressions are observed in the third band with intervals
of 1650 and 580 c¢m 'l. The 580-cm-1 progression most
likely corresponds to the COOH deformation at 628 cm"' 1
in the molecule. The 1650-cm-1 progression probably cor-
responds to the molecular modes at 1705 or 1727 cm'1
mentioned above.

As in the case of acrolein, the resonance interaction be-
tween the C=C 7 orbital and the C=0 7 orbital is very
small in acrylic acid. The outer orbitals of acrylic acid are
correlated with those of the other molecules in Figure 2.

General

The analysis of the photoelectron spectra of these sub-
stituted ethylene compounds has shown that the C—C #
orbital of the vinyl group and the x or n electrons of the
substituents do not remain localized on their respective
groups. Instead, they generally become delocalized over a
large portion of the molecule with the nonbonding orbitals
acquiring more bonding character in the composite system
than they possessed in their constituent molecules.

“Tre Jourrel of Physical Crerristry, \d. 77, N 19 1973
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TABLE Il1: Measured and Calculated 1P's of Acrolein and Acrylic Acid

Calculated IP's

Molecule IP's no. Measured vert. IP's, eV CNDO/2 INDO Electron density MO type®

trans-Acrolein® 1 1013 A= V) 9.6 8.7 0.07 Ca(2px) n(a’)

0.04 C(3(2p2)
0.07CT(2p2)
0.09 0(2p*)
0.50 0(2p2)
0.17 Ht

2 10.95 108 10.4 0.26 Ca(2py) ir(c=c)(a"
0.34 Cg(2py)
0.08 C7(2py)
0.32 0(2py)

3 13.8 125 120 a

4 14.9 15.4 14.6 0.25 CQ(2py) o=o&
0.14Ca(2py)
0.33 CT(2py)

0.28 0(2py)
5 15.5 16.4 15.4 a
6 16.4 16.6 16.0 a’
7 18.8 215 21.1 a’
1 10.60 (A)
Acrylic acid* 1 10.77 (V) 9.8 8.9 0-10 Ca(2Pi) n(a’)
0.02 (Cti(2p2)
0.05 Gy(2p2)
0.08 Oi (2px)
0.52 Oi (2p2)
0.1302(2Pi)
0.04 H,
0.02 H2
0.03 H3
2 10.91 10.2 9.8 0.13 Ca(2py) 2r(a”)

0.20 Ca(2py)
0.06 C7(2py)
0.450 1(2py)
0.15 02(2py)
3 12.00 128 11.6 0.19C,(2Py) n(@")
0.15C,j(2py)
0.01 C7(2py)

0.03 Qi (2py)

0.62 0 2(2py)
4 135 12.9 11.8 al
5 14.5 13.4 13.0 a’
6 15.3 16.1 15.2 0.15Ca(2py) 7T(C=0)

0.06 CO(2Py)

0.33 C7(2py)

0.18 Oi (2py)

0.27 02(2py)
7 16.6 18.2 16.9 a
8 17.2 18.6 18.1 a
9 18.8 19.0 18,5 a

a The bond lengths and angles employed in CNDO/2 and INDO calculations were obtained from ref 17 and 18. The structures of the molecules with the
designation of the atoms are as follows (the molecular plane Is xz):

H3 h4 Hi
X
:c,.=C
h4 h/ X a==0j
H 02— Hi

®The MO order listed is that obtained from the calculations. The exact assignment of the higher ionization bands is uncertain and, at this time, one can
only assume the MO ordering indicated for these high-fenergy bands.

The low-energy IP's are strongly dependent on reso- and inductive effects depend on the relative positions of
nance and inductive effects that occur between the two the constituent molecules IP’s and the electronegativities
constituents in the molecules. The signs of the resonance of these constituents. In propylene, resonance interaction
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(sometimes called hyperconjugation) occurs between the
methyl group orbital and the C=C .. orbital (both a").
Since the methyl group orbital is inherently the more sta-
ble of the two, the C=C . orbital acquires antibonding
character and is destabilized while the methyl group orbi-
tal acquires bonding character and is stabilized. The
methyl group is also a good electron donor and supplies
electron density through its inductive effect. Thus, reso-
nance and inductive effects in propylene are of the same
sign resulting in a low-energy C=C irorbital.

In allylamine and allyl mercaptan, the C=C worbital is
inherently more stable than the N or S nonbonding orbi-
tal. As a result, resonance interaction destabilizes the n
orbital and stabilizes the .. orbital. The nitrogen atom is
more electronegative than the carbon atoms and its in-
ductive effect withdraws electron density from the vinyl
group. Thus, the resonance and inductive effects in allyla-
mine are of the same sign resulting in a stabilization of
the C=C . orbital. This shift is just the opposite of that
occurring in propylene.

In allyl alcohol, acrolein, and acrylic acid the main ef-
fect is the inductive influence of the electronegative oxy-
gen atoms resulting in a stabilization of the c =c .« orbi-
tal. Resonance interactions in these three molecules are
very small due to the large energy difference between the
c =c w orbital and the c =0 « or n orbitals of the sub-
stituent. It is possible to distinguish two nonbonding ion-
ization bands in acrylic acid, the n(0)a' and n(0)a" orbi-

tals.

From the analysis of shifts in the C=C .. orbital, the sub-
stituents can be arranged according to their increasing elec-
tron-withdrawing power as -CH3 < -CH3NH2 < -CH2SH
< -CHZ20H <

-COOH < -CHO.
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Hydrocarbon Adsorption Effects on the Unit Cell

Constant of NaY Zeolites

Publication costs assisted by Centre National de la Recherche Scientitique =

Sir: The cubic unit cell constant (U.C.) of Faujasite-type
zeolites mainly depends on the relative amount of Si and
present in the
the framework

Al atoms zeolite aluminosilicate frame-

work.1 However, slightly distorts in re-
sponse to the positions of the exchangeable cations and to
the nature of sorbed molecules and these short-range per-
generally change in the zeolite

turbations induce some

U.C. For instance, it was shown
the U.C. of partly dehydrated NiY
function of both exchange
hexagonal but the X-ray

zeolite containing acetylene3 proved that the relationship

in a previous paper2 that

zeolites is a linear

level and nickel population of

prisms, investigation of a NiY

no longer holds, namely the U.C. reduction occuring on

acetylene adsorption is not correlated to a migration of
Ni2+ ions. The purpose of the present note is to determine
the reasons why the zeolite lattice undergoes such a con-
traction on adsorption of C2H2 or other unsaturated hy-
drocarbons. The NaY zeolite was chosen because the ef-
fect is far more pronounced than in NiY zeolite.

The NaY zeolite was a Linde SK40 sample. The prepa-
ration of the hydrogen H2gNa27yY
H54Na2Y was described previously.4 Every sample was ac-
tivated for 15 hr

The heating temperature was 600°

two zeolites and
in oxygen and for 6 hr under vacuum.

for the NaY sample

and 350° for the HY samples. Then the zeolites were
placed in contact for 15 hr with 100 Torr pressure of gases
previously dried over activated molecular sieves. The

treated powder was then transferred
the X-ray investigation which was performed according to
the procedure previously described.5

into capillaries for

Table | gives the U.C. of the samples containing various

hydrocarbons. It comes out that the magnitude of the
U.C. decrease is dependent on the total sodium content of
the zeolite (NaYy > H29Y > H52Y = 0) and to the multi-
ple bond character of the hydrocarbon molecule (ethyne >
ethylene > ethane = 0). The unsaturated hydrocarbons
may interact with the zeolite either by a direct association
of the molecule with the framework oxygens or through a
bonding with the Na+

ions. The two eventualities have

TABLE I: Cubic Unit Cell Constant of Y Zeolites (in A £0.01 A)

been considered by Tsitsishvili, et al,,6 to interpret their
infrared measurements on zeolites containing acetylene. A
crystallographic study of the Na A
shown that the C2H2 molecules are associated with the

recent zeolite7 has
N a+ ions while no significant interaction between the CH
groups and the framework oxygens takes place. The same
behavior is expected with the present samples in order to
prove that the crystal structure of an NaY zeolite was de-
termined before and after acetylene adsorption.

The structures were determined from powder data (all
reflections with h2+ k2 + 12 < 396) according to the refine-
ment procedure previously described.5 The final refine-
ments give R indices of 0.07 and 0.1, respectively, for the
reference sample and for the sample containing acetylene.
S,
Sl1l sites is not significantly changed. Moreover, no length-

It turns out that the cation distribution on SI, and
ening of any T -0 bond which could have indicated an in-
teraction of a framework oxygen with an acidic acetylene
is observed. Moreover,
lite cage such as O— HC=CH — O is very unlikely to
occur because the distances from the sodalite cage center

proton a bonding across the soda-

to all the oxygen atoms of the cage wall are longer in the
sample containing C2H2 whereas a shortening of some dis-
tances should have been observed. However, the decrease
of the distance between the center of the 12-membered
oxygens ring (supercage aperture) and the 0(1) belonging
to that ring provides possible evidence for a C2H2 bridg-
ing two 0(1) across the aperture. On the other hand, the
Na(l')-0(3) and Na(ll)-0(2) distances are longer— and
the T-0(3) and T-0(2) shorter—in the sample contacted
with C2H2 than in the These
strongly suggest that the C2H2 molecules are associated
with the Na+ ions of SI' and SlI sites. This would produce
a weakening of the Na(l')--0(3), and Na(ll)-0(2) bonds
(which are thus elongated) and a shortening of the T-0(3)
and T-0(2) bonds. The U.C.
adsorption may subsequently be explained by the shorten-
ing of these bonds.

reference sample. results

decrease occuring on C2H2

The decrease of the zeolite U.C. on adsorption of other
hydrocarbons probably proceeds via the same mechanism.
The results given in Table | support this assumption since
the hydrocarbons effects appear to be clearly related to
the multiple bond character of the molecules and to the
N a+ ions available as well. The unsaturated molecules are

Before gas
Sample adsorption Acetylene Propyne Ethylene 1-Butene Ethane
NaY 24.81 24.72 (24.79)° 24.72 24.76 (24.81)“ 24.76 (24.79)° 24.81
h 29y 24.75 24.71 (24.75)°
h 52y 24.69 24.70

“ The values in parentheses correspond to the U C. of sample outgassed at room temperature for 6 hr (after gas contact).
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loosely attached to the Na+ ions since they can be almost
entirely removed by outgassing the zeolite at room tem-
(the U.C.
Therefore, the unsaturated molecules may well be associ-

perature variations are nearly reversible).
ated with the Na+ ions through ions to induced-dipole
forces as previously suggested.7 This also corroborates the
findings of Yates.8-9 However, in contrast with ethylene,
the acetylene molecules cannot be entirely removed at
room temperature. This again shows that the cation to
sorbed molecule bond is stronger when more IT electrons
are present.

This study proves that the interaction between unsatu-
rated molecules adsorbed on Y zeolites and Na+ ions is
the main cause for the observed U.C. decrease. The varia-
tion observed must be taken into consideration before

applying relations such as that given in a previous paper.2
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Selective Hydrogen Atom Abstraction by Hydrogen

Atoms in Neopentane-Alkane Mixtures at 77 K
Publication costs assisted by Faculty of Engineering, Nagoya University

Sir: Recently quite interesting phenomena have been re-
ported on the hydrogen atom abstraction reaction by radi-
cals in the solid phase at 77 K.1-2 Here we report that H
atoms produced by the photolysis of hydrogen iodide in
neopentane containing a small amount of alkane react se-
lectively with the solute alkane at 77 K.

Experimental procedures were identical with those de-
scribed in the previous studies.2-3 When the photolysis of
hydrogen iodide (0.05 mol %) is performed in neopentane
with 2537-A radiation at 77 K, an esr spectrum of the neo-
pentyl radical is obtained. H atoms produced by the pho-
tolysis of hydrogen iodide abstract hydrogen atoms from
neopentane to form the neopentyl radical. When the pho-
tolysis of hydrogen iodide is performed in neopentane con-
taining a small amount of an alkane such as ethane, pro-
pane, or isobutane, a quite different esr spectrum of the
solute radical, such as ethyl, propyl, or the t-butyl radi-
cal, is obtained. The H atoms produced by the photolysis
react selectively with the solute alkane to form the solute
radical, even if the solute concentration is very low. The
yields of solute radicals in the photolysis of neo-CsH "™-i-
C.)Hio(1%)-H1(0.05%) are 35 times as high as those in the
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photolysis of NEO-CsHiz -H1(0.05%). Therefore, most of
the H atoms produced by the photolysis cannot react with
neopentane in the pure neopentane matrix, while they can
react with the solute alkane in the neopentane-alkane
mixture.

One possible explanation for the selective formation of
solute radicals is that hydrogen iodide and the alkane
form a complex and dissolve in juxtaposition in the neo-
pentane matrix. Though the possibility cannot be neglect-
ed at present, it may be small for the following reasons.
First, there is no evidence to support the idea that the hy-
drogen iodide forms a complex with the alkane except
neopentane. Since the yields of solute radicals in the pho-
tolysis of neo-C5H i2-i-C4H io(I% )-H1(0.1%) are about 6
times as high as those in the photolysis of NEO-C5H 12-
C3Hg(1%)-H1(0.1%), it is expected from the complex hy-
pothesis that isobutane is more favorable for the forma-
tion of the complex than propane. Propyl radical, how-
ever, is selectively formed in the photolysis of ¢-C4H10-
C3Hg(l1%)-HI1(0.1%) at 77 K. Therefore, the results cannot
be explained by the hypothesis of the complex formation.
Secondly, it was found that solute radicals were selective-
ly formed in the radiolysis of neopentane containing a
small amount of alkanes.3 The results show that the selec-
tive C-H bond scission does occur in the absence of hy-
drogen iodide and that it is a phenomenon characteristic
of the neopentane-alkane mixtures at 77 K. Thirdly, it
has been observed that a large fraction of 3-methylpentyl
radicals produced by the photolysis of HI in 3-methylpen-
tane glass at 77 K decays within a few minutes, apparent-
ly by combination with iodine atoms formed near the
same locations in the matrix when the HI is dissociated.4
The i-C4Hg radicals produced by the photolysis of HI in a
neopentane-isobutane(l%) mixture,
decay at all at 77 K, even if the sample is stored for 5 hr
after the photolysis. Therefore, it seems that the H atoms
produced by the photolysis of hydrogen iodide migrate
through the neopentane matrix and react selectively with
the solute alkane. The yield of t-C4Hg radicals in the pho-
tolysis of neo-C5Hi2-t-C4Hio-HI1(0.05%) at 77 K was stud-
ied as a function of concentration of isobutane. Since the

however, do not

yields become a plateau over 0.2 mol % of isobutane, most
of the H atoms react selectively with isobutane at 0.2%.
The selective hydrogen atom abstraction by H atoms was
also observed in the isobutane-propane mixture.

The relative probabilities for hydrogen atom abstraction
by H atoms in a variety of alkane mixtures at 77 K are
summarized in Table I. It is surprising that the relative
probabilities for hydrogen atom abstraction from the so-
lute alkanes are much larger than that from neopentane.
The relative probabilities for deuterium atom abstraction
in the solid phase are shown in the third column of Table
1.5 The relative rate constants of hydrogen atom abstrac-
tion by hot D atoms in the gas phase are also given in the
fourth column of Table 1.6 The reported relative probabil-
ities for hydrogen atom abstraction from alkanes are of
the same order of magnitude as that from neopentane
even in the solid phase. The extremely large values for the
alkanes in the present work may be caused by the specific
physical property of the neopentane-alkane mixture in the
solid phase. Classical activation
atom abstraction by thermal H atoms are shown in the
last column in Table I. It should be noted that the activa-

energies of hydrogen

tion energy for neopentane is smaller than that for ethane.
The present results obtained for the solid alkane mix-
ture are quite mysterious for us. It is conceivable, how-
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TABLE I: Relative Probability for Hydrogen Atom Abstraction in Alkane Mixtures at 77 K

Relative probability
tor H-atom abstrac-
tion in alkane mix-

Relative probability
for D-atom abstrac-

Relative rate con-

stant for H-atom Classical activation energy for H-atom

Alkane turesO tion6 abstraction6 abstraction by thermal H atom, kcal/mol
Nneo-C5Hi2-R H (196 )-H1(0.05%) System
neo-C5H12 (pure) 1 100 9.3d
c2h6 200 0.73 0.73 9.5d 9.9«
C3H8 620 11 8.5d 8.4«
[I-CAHI0 500 8.4«
/-CAHIO 3500 16 7.4
/-CAHD 1400
C-C5HI0 2400
/-c5H 12 1300
C-CgHi2 270 4.6
C-C5HICHS3 1300
nGH14 1000
(CH3)2CHCH(CH?3)2 800
|-CAHIo~C3HB(1 %)-HI (0.1 %) System
/-CAHD (pure) 1 10
C38 40 0.69 8.5d 8.4«

“ The relative probability, measured at 77 K by uv illumination for 3 min, Is equal to (yield of solute radical per 3 min) X (concentration of neo-C5H12)/
(concentration of RH). The yields of solute radical were measured by double integration of the first-derivative esr signals of the solute radical. Since the
formation of the solute radical Is quite selective, serious overlapping of the spectra of the solute radical and the neopentyl radical does not occur. The
microwave power level used did not result Insaturation of any of the signals. 6 The relative probability for D-atom abstraction by CH3radical was measured
by the photolysis of perdeuterated alkane containing methyl lodide (2 %) In the solid phase at 20 K.5 It was reported that the relative probabilities for D-
atom abstraction from alkanes in the solid phase are the same as those in the gas phase and that there is no isotope effect between deuterium and hy-
drogen atom abstraction. c The rate constant of H-atom abstraction by hot deuterium atom was measured by the photolysis of alkane containing deuter-

ium lodide In the gas phase at 298 K.6d T. Kaglya, Y. Sumlda, I
Progr. React. Kinet., 3, 89 (1965).

ever, such as
the crystalline structure near the additive and the

crystalline structure of the matrix, would affect the selec-

that the physical condition of the matrix,

local
tive hydrogen atom abstraction reaction.
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data acquisition process. This allows instantaneous inspection
of the signal to noise as well as examination of the data for
pulse fethhrough,_ decoupling power, and frequency offset.

The unl(?ue 20-bit word 1080 data processor not only allows
more single-precision dynamic range than other, but it
also has a much more powerful instruction set. This permits
faster and more efficient data reduction and programming

sirrrﬂ(iecit)é. ) .
above spectra of dodecyl alcohol were obtained using
the Nicolet automatic T, program, which utilizes the [180°-
€ - 90° - (sample) - T]n inversion recovery' or PRFT2 pulse se-
quence._ In this experiment, the value of the inter-pulse interval
t is varied from a time much less than the shortest T, to a time
about 5 times longer than the longest T, in the sample. Data
are signal averaged at each value of r and stored on the
Nicolet 600,000 word cartridge disk memorly

For t «T,, nuclear magnetization will still be inverted when

1 R L Void, J. S. Waugh, M. P. Klein, and D. E. Phelps, J. Chem. Phys.
48, 3831 (1968).

2. A Allerhand, D. Doddrell, V. Glushko, D. W. Cochran, E. Wenkert, P. J.
Lawson and F. Gurd, J. Am. Chem. Soc. 93, 544 (1971).

the 90“ pulse is applied, leading to inverted peaks in the trans-
formed spectrum. For T=»T,In 2 a null will be observed,
since at this time the magnetization is just passing through
zero when the 90° pulse is applied. Finally, when t »T,, t
nuclei will have returned to their usual precession about the
+z axis before the 90° pulse is applied, and the experiment
reduces to the usual single pulse R nmr experiment.

After all spectra are obtained, they are processed all at once
and displayed or plotted as shown. The spin-lattice relaxation
times of each line can be estimated from the plots or cal-
culated using a least squares treatment, from the equation
A= A0[1-2 exp (- t/T,)]. This calculation is performed di-
rectly by the program upon command.

This quality of data and ease of operation can be yours with
the Nicolet 1080 Data System, including the 600,000, 20-bit
word NIC-294 cartridge disk system and the NIC-293 Pulse
Controller. This latter unit allows the production of up to eight
computer-selectable times corresponding to 1f pulses and pulse
intervals. This unit is already in use measuring T,’s, T2s, Per-
forming gated decoupling and homonuclear pulsed decoupling
and providing the versatility for use in almost any definable
experiment.

The Nicolet 1080 Data System has been successfully used
with all major spectrometers and is also available with a com-
plete Fourier pulse accessory package for the Varian XL-100
through Nicolet's affiliate, Transform echnolo(%g Incorporated.

not investigate the features of the 1 Data System
and find out how It can make your nnmr spectrometer perform
more efficiently.

NCDH TR CHRBAIIN

5225 Verona Road, Madison, Wisconsin 53711
Phone 608/271-3333 TWX: 910-286-2713

In Europe: Nicolet Instrument GmbH, Goerdeler Strasse 48, D-605 Offenbach am Main, West Germany, 0611/852028, Telex: 841/4185411
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