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Temperature Dependence of ACp° for the Self-Ionization of Water and 

for the Acid Dissociation of Acetic Acid and Benzoic Acid in Water1

by Constance S. Leung and Ernest Grunwald

Chemistry Department, Brandéis University, Waltham, Massachusetts 02154 (Received June 26, 1969)

A calorimeter is described that can measure heats of reaction in dilute solution with an accuracy approaching 
0.1% between —95 and 75°. AH °  was obtained for the reaction of hydrocnloric acid, acetic acid, and benzoic 
acid with sodium hydroxide in water at 0, 5,15, 25, 35, 45, and 55°. AC p°  was derived for these reactions and 
also for the acid dissociation of these acids. For the self-ionization of water, AC p°  goes through a pronounced 
maximum near 35°. For acid dissociation of acetic acid and benzoic acid, ACP° goes through a minimum. 
The discussion considers how maxima or minima in the formal heat capacity can arise from real or seeming en
dothermic processes of a solvated solute. According to that theory the data suggest that the hydrated hydroxide 
ion undergoes a process with AH *  =  8.8 kcal and AS* = 28.1 gibbs.

Some years ago, Feates and Ives2 measured the 
acid dissociation constant, K A ° , for cyanoacetic acid 
in water with such high accuracy that the temperature 
dependence of AC p °  could be established. They 
found that AC p °  goes through a maximum near 25°. 
More recently, Marsden and Ives3 reexamined those 
data and confirmed that the maximum is real, with a 
statistical probability of greater than one-half. They 
also measured K A °  for diisopropylcyanoacetic acid 
and calculated AC p ° . 3 In that case there was no 
maximum; instead, AC p °  appeared to decrease gently 
with increasing temperature.

Independent evidence that C p as a function of tem
perature can go through a maximum comes from heat 
capacity measurements for aqueous electrolyte solu
tions and from heats of solution of solid salts at various 
temperatures.4'6 Maxima of C p were found for NaOH, 
NaCl, HC1, BaCl2, and the sodium salts of several 
carboxylic acids.4'6

A maximum in the formal partial molal heat capacity 
of a solute can be interpreted as follows. The solute 
is an equilibrium mixture of two molecular species 
that differ in enthalpy. C p goes through a maximum 
near that temperature at which the two species are

present in equal amounts.6'7 For electrolytes at mod
erate concentrations in water, the two species in equilib
rium might be free ions and ion pairs.6,7 However, 
for electrolytes at infinite dilution, they must be differ
ent species of the solvated free ions. If we theorize 
further and consider the free ions to be solvation 
complexes and if the formal ion is known to be ther
mally stable, then a maximum in C p must indicate 
an endothermic change in the solvent shell. On that 
basis, C p ° might prove to be a sensitive probe for 
studying the nature of solvent shells.

When making plans to study ACP° as a function 
of temperature, we thought it might be easiest to 
measure heats of reaction in dilute solution. Extra
polation of AH  to infinite dilution should not be too

(1) We gratefully acknowledge support of this work in part by the 
National Science Foundation under Grant GP-7381X.
(2) F. S. Feates and D. J. G . Ives, J. Chem. Soc., 2798 (1956).
(3) D. J. G. Ives and P. D. A'arsden, ibid., 649 (1965).
(4) T. Ackermann, Z. Elettrochem., 62, 411 (1958); T. Ackermann 
and F. Schreiner, ibid., 62, 1143 (1958).
(5) C. M. Criss and J. W. Cobble, J . Amer. Chem. Soc., 83, 3223 
(1961).
(6) M. Eigen and E. Wicke, J. Phys. Chem., 58,702 (1954).
(7) E. Wicke and M. Eigen, Z. Elettrochem., 57, 319 (1953).
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difficult, and a single differentiation would yield AC p ° .  

In this paper we describe a calorimeter that is capable 
of giving accurate results over a wide temperature 
range. We also report measurements of AH °  and 
derived values of AC p ° ,  for the reaction of NaOH 
with HC1, acetic acid, and benzoic acid in water be
tween 0 and 55°. Our results provide further evidence 
that heat capacity maxima at infinite dilution can 
be real.

Experimental Section

C a l o r i m e t e r . We hoped to design a calorimeter that 
would measure heats of reaction in an inert atmosphere 
over a wide temperature range, from —95 to 75°. The 
calorimeter was therefore set up inside a dewar flask, the 
temperature of which was controlled by a flow of 
nitrogen at constant temperature.

A schematic diagram of the calorimeter-dewar as
sembly is shown in Figure 1. The calorimeter is 
somewhat unusual because it is neither isothermal 
nor adiabatic.8’9 We thought that an isothermal titra
tion calorimeter10’11 might be difficult to manipulate 
much below room temperature, that an adiabatic 
calorimeter12 might take an inconveniently long time 
to reach the temperature, and that the heat of stirring 
might become a problem. Our calorimeter actually 
has a half-time on the order of 20 min for coming to 
temperature equilibrium with its constant-temperature 
environment. This time is long compared to other 
time intervals that are relevant to the measurement: 
mixing of reactants, production of reaction heat, and 
attainment of a new even temperature, about 3 sec; 
response half-time of the thermometer probe, about 5 
sec; heating time in the measurement of heat capacity, 
about 60 sec; half-time for heat exchange between 
heater and solution, about 9 sec.

Returning to Figure 1, the calorimeter sits on a 
small Teflon stand that leaves most of it exposed 
to the nitrogen atmosphere. It consists of two coaxial 
beakers (outer beaker, 6.4-cm o.d. X 7.4-cm height, 
wall thickness 2.4 mm; inner beaker 5.1-cm i.d., wall 
thickness 0.8 mm), fused at the imp and separated 
by an annular space of about 3 mm. The outer beaker 
has two glass side arms that terminate in 1-mm capillary 
tubing of 1-cm length. The top is covered with a 
Teflon lid that has holes to accommodate a stirrer 
shaft, heater, thermometer probe, and liquor mixing 
bottle.

The calorimeter is designed for experiments involving 
about 50 ml of liquid. To bring the liquid to the 
desired temperature, a gentle stream of nitrogen is 
pumped through the annular space v i a  the capillary 
side arms. When pumping is stopped, the capillaries 
effectively seal off the gas remaining in the annular 
space.

The temperature outside the calorimeter is sensed 
and regulated by means of a copper-constantan ther-

688 C o n s t a n c e  S. L e u n g  a n d  E r n e s t  G r u n w a l d

Figure 1. Schematic diagram of calorimeter-dewar assembly. 
Liquor bottle: A, cross section; A', top view. Lid: B, cross 
section; B', top view.

mal junction placed just below the calorimeter. The 
reference junction sits in an ice bath. The thermal 
emf is compared with the output of a potentiometer. 
Any difference in the two voltages is sensed and brought 
to zero by a servomechanism that controls the voltage 
to a small heater.

A steady flow of nitrogen is maintained in the dewar 
by boiling liquid nitrogen with a small heater at a 
constant heating rate of about 100 W. The cold 
gas is preheated, if necessary, before it enters the 
dewar at the bottom, where it flows first over a 5.5-ohm 
heater whose voltage is controlled by the servomech
anism, then through a space packed with steel wool 
to make the temperature quite homogeneous, and 
finally into the widened space around the calorimeter 
shown in Figure 1.

(8) J. M. Sturtevant in "Physical Methods of Organic Chemistry,” 
A. Weissberger, Ed., Interscience Publishers, New York, N. Y., 1949, 
Chapter 14.
(9) C. M. Herzfeld, Ed., "Temperature, Its Measurement and Con
trol,” Reinhold Publishing Corp., New York, N. Y., 1962.
(10) J. J. Christensen, R. M. Izatt, and L. D. Hansen, Rev. Sci. 
Instrum., 36, 779 (1965).
(11) J. J. Christensen, H. D. Johnston, and R. M. Izatt, ibid., 39,1356 
(1968).
(12) E. M. Arnett, W. G. Bentrude, J. J. Burke, and P. McC. Dug- 
glebv, J. Amer. Chem. Soc., 87, 1541 (1965); E. M. Arnett and J. W. 
Larsen, ibid., 90, 791, 792 (1968).
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689T e m p e r a t u r e  D e p e n d e n c e  o f  a Cp°

The dewar is covered at the top with a Teflon lid 
with appropriate holes for stirrer shaft, wire, and 
tubings. The lid is cut into two pieces to permit as
sembly. A polyethylene foam box is built to insulate 
the top of the dewar and the lid assembly from drafts 
and temperature fluctuations in the laboratory.

T h e r m o m e t e r  P r o b e . Two kinds of temperature mus' 
be measured: the absolute temperature, with an ac
curacy of 0.1° or better, and the temperature rise, 
with an accuracy approaching 0.0001°. On the basis 
of previous experience we thought that both require
ments could be met by the copper-constantan thermo
couple. We therefore fabricated13-15 a five-junction 
thermopile from a wire (Leeds and Northrup copper- 
constantan duplex wire, Type T, Gauge No. 38) that 
was known to give thermal emf’s in close agreement 
with standard reference tables16 over the entire tem
perature range.17

The reference junctions were kept in a thermally 
insulated ice bath that opened into the same poly
ethylene foam box as the dewar-calorimeter. To con
struct the temperature-sensing junctions, the glass 
wrap and enamel coating were stripped off the final
2-3 mm of each wire. The wires were then twisted 
in pairs and each pair was soldered to make a proper 
junction. The thermopile was assembled in a thin- 
walled (0.25 mm), 5-mm o.d., precision glass tubing,
9.5 cm long and fused into a test tube bottom at one 
end. A solid glass rod (2-mm o.d. X 1-cm length) 
was held at the center of this glass tubing and sur
rounded by glass wool, and the thermocouple tips 
were jostled into the space between the glass rod and 
the inner wall of the glass tubing with the help of a 
sharpened birchwood applicator. The tips were then 
pressed against the inner wall of the glass tubing 
with plugs of glass wool. Finally, the point of exit 
of the thermocouple wires from the glass tubing was 
sealed with Teflon tape and wrapped with aluminum 
foil.

The wires connecting the reference and temperature
sensing junctions were tied together with Teflon rib
bon, enclosed in plastic tubing, and wrapped with 
aluminum tape. The copper leads to the potentiom
eter were treated similarly.

The thermal emf was compared with a standard 
emf, obtained from a Leeds and Northrup Type K-5 
potentiometer, and the difference, after linear amplifi
cation, was recorded on a Varian G-10 recorder. The 
gain was adjusted so that 1 n V corresponded to 1 cm. 
The noise level of the recorder was then about 0.02 
cm. For a five-junction copper-constantan thermo
pile, d E / d T  varies from 220 gV/deg at 70° to 140 n Y  / 

deg at —100°. Absolute temperature accuracy is 
about 0.05°.

Small temperature changes, T2 — T u  were measured 
with our instrumentation to better than 0.0002°. To 
calculate the temperature from the thermal emf, we

applied the power series (la) and evaluated the required 
derivatives from the empirical eq lb. Of course, some 
of the figures in (lb) are insignificant guard figures, 
but the equation reproduces the data in the standard 
reference table16 between —100 and +75° with re
markable accuracy, even unto the last digit. To cal
culate T \ , we obtain from the standard reference table 
the emf E 0 at the nearest temperature T 0 and apply 
eq 1, with the derivatives evaluated at 7V To cal
culate T t — T\, we apply eq 1 again, with the deriva
tives evaluated at TV

d T / d E  =  9.0476 +  4619.g/T (for a single copper-
constantan thermocouple) (lb)

In the measurements of AH ,  one compares the 
temperature rise produced by an unknown amount 
of heat with a subsequent temperature rise produced 
by a known amount of heat. Since the calculation 
of A H  involves the ratio of two 57”s, any systematic 
errors inherent in (lb) will tend to cancel out. More
over, by basing the calculation on a nonlinear function, 
(la), with temperature-dependent derivatives, we 
eliminate errors that might arise when the two 57”s 
or initial temperatures are not precisely equal.

H e a t e r  a n d  S t i r r e r . Because of limited space, the 
electrical heater had to be more compact than usual 
in macrocalorimetry. We modified the usual bifilar 
winding of the resistance wire so that it would fit 
into a thin-walled 5-mm o.d. glass tubing of the same 
type used to house the thermopile. The heater re
sistance was made from two 6-ft pieces of No. 40 
Formvar-insulated manganin wire (30.36 ohms/ft) 
which, when connected in parallel, give about 90 
ohms. The two pieces were wound side by side on a 
strand of glass wool into three concentric noninductive 
coils (about 6 mm long), glass wool was packed tightly 
between the layers o: wire, and the ends were soldered 
to two 1.5-ft copper leads so as to combine the re
sistances in parallel.

To make a housing for the heater, one end of a
9.5 cm length of thin-walled, 5-mm o.d. glass tubing 
was fused into a test tube bottom. The heater as
sembly was then shoved gently into the tubing from 
the top with the aid of a birchwood applicator, with

(13) J. A. Hall, "Fundamentals of Thermometry,”  Reinhold Publish
ing Corp., New York, N. Y., 1953.
(14) J. A. Hall, “ Practical Thermometry,” Reinhold Publishing 
Corp., New York, N. Y., 1953.
(15) E. Calvet, H. Prat, and H. A. Skinner, “ Recent Progress in Mi
crocalorimetry,” The Macmillan Co., New York, N. Y., 1963.
(16) H. Schenker, J. I. Lauritzen, R. J. Corruccini, and S. T. Lon- 
berger, “ Reference Tables for Thermocouples,” National Bureau 
Standards Circular 561, U. S. Government Printing Office, Washing
ton, D. C., 1955.
(17) We thank Dr. S. Meiboom of Bell Telephone Laboratories for 
the calibrated wire.
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the solder joints well separated and inserted first, 
until the solder joints touched the test tube bottom. 
Finally, glass wool was stuffed tightly into the space 
extending 5 mm above the coil.

To mount the heater in the calorimeter, the glass 
tubing is inserted through a hole in the Teflon lid and 
held in place with a rubber ring. The heater bottom 
sits about 2 mm above the bottom of the liquid, 
and the heating coil and superposed glass wool are 
well immersed in the liquid. The glass wool produces 
somewhat better heat exchange than the more con
ventional paraffin oil; it is less messy and will not 
freeze at low temperature.

The temperature rise of the calorimeter in control 
experiments depended only on the amount of electrical 
energy supplied to the heater and was independent of 
the wattage. The heater resistance was measured 
at each temperature after completion of the experiment. 
A small correction was made for the resistance of the 
copper leads.

The stirrer is driven by a synchronous motor at 
150 rpm and provides smooth agitation, apparently 
without spray, and with barely a vortex. The Teflon 
impellor—a light, wheellike object of 2-cm o.d. and 
1-cm height—is made with two concentric bands of 
blades, one facing outside and the other inside. The 
outside-facing blades drive liquid toward the bottom 
of the calorimeter while the inside-facing ones drive 
it upward through the openings in the impellor wheel, 
which is located about 1 cm above the bottom of the 
liquid.

E l e c t r i c a l  M e a s u r e m e n t s .  Other components and 
operating procedures were fairly standard and need 
not be described in detail. The electrical engineering 
was of such quality that the electrical measurements 
did not add significantly to experimental error form 
other sources. Stable dc voltages for the operation 
of the K-5 potentiometer and other electrical measuring 
instruments were supplied by three solid-state regulated 
power supplies, which in turn received their power 
from a stabilized 115-V ac supply. The high stability 
of these dc sources was a marked improvement over 
that of storage batteries and contributed to the accuracy 
of the measurements.

S a m p l e  I n t r o d u c t i o n  D e v i c e . Before mixing, the re
actant in excess (usually 5.0 ml of 0.22 N  NaOH) 
is separated from the other (usually 50.00 ml of 0.02 N  

acid) by placing it in a 6-ml thin-walled glass liquor 
bottle.18 The bottle is oval in cross section, to fit 
into the narrow space, and has a gooseneck leading 
from its lowest point to a point near the center of, 
and a short distance above the liquid level in, the 
calorimeter (Figure 1). After a steady state of tem
perature has been reached, the solution in the liquor 
bottle is forced under gentle pressure through the 
gooseneck into the calorimeter. To make that delivery 
virtually quantitative, the bottle is made so that the

glass at any point slants down toward the point of 
attachment of the gooseneck.

The preceding method is convenient but must be 
applied with care, because we found it impossible to 
design the liquor bottle so that the temperature of 
the solution inside would be precisely the same as 
that of the solution outside in the steady state before 
mixing. This temperature difference was small at 
room temperature but increased progressively at higher 
and lower temperatures and amounted to several 
hundredths of 1° at the extremes. To attain high 
accuracy, we developed precise, reproducible techniques 
and measured the combined effect, of temperature 
difference in the steady state and heat of dilution, 
in a series of control experiments in which the sodium 
hydroxide solution in the liquor bottle was added 
to pure solvent. To test whether these controls are 
valid, we duplicated the measurements in a scrambled 
sequence, on various days, and obtained good repro
ducibility. To make a still more sensitive test of 
reproducibility and constancy, we studied the heat 
exchange between the calorimeter and its surroundings.

The liquor bottle is connected to a 10-ml syringe 
through a length of Tygon tubing. To force the liquid 
out of the liquor bottle, the syringe is advanced at a 
constant speed by a motor-driven “push wheel” such 
that 8 cm3 of gas is pumped out in 2 sec. The tempera
ture of the gas entering the calorimeter is controlled 
by having much of the Tygon tubing sit inside the 
polyethylene foam box around the top of the calorim
eter-dewar.

H e a t  E x c h a n g e  w i t h  S u r r o u n d i n g s . Corrections for 
heat exchange amounted to several per cent. Since 
we were aiming at 0 .1%  accuracy, we made a kinetic 
study of heat exchange between the calorimeter and 
its surroundings, so that these corrections might be 
made by objective analytical methods. The results 
also provide us with a sound estimate of the experi
mental error.

Before reporting the results of this study, we wish 
to review the relationship between the temperature T  

of the stirred solution in the calorimeter and the tem
perature 9 of the thermometer immersed in it. The 
relationship between T and 0 is stated in eq 2, where t 
is the time, a is a characteristic “rate constant” for 
heat exchange between thermometer and solution, s = 
dT/dt, and m  = — ds/dT. At time to, these variables

d0
—  = — a(e — T )  (2a)

T  =  T 0 +  s 0( t  —  to ) —  [ ( m s ) o ( t  -  io)2/2] +  ■ • ■ (2b)

are T 0, 0o, s0, and Too, respectively. We shall assume 
that the series (2b) may be terminated at the quadratic

(18) F. Daniels, J. W. Williams, P. Bender, R. A. Alberty, and C. D. 
Cornwell, “ Experimental Physical Chemistry,” McGraw-Hill Book 
Co., Inc., New York, N. Y., 1962.
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term. Solution under those conditions leads to (2c) 

s = s0(l — m [ t  — ¿0]) (2c)

s
T  =  e +

(e„ -  T„ +  -0[ l  + - T ) e - “
\ a  L a _]/ (2d)

and (2d). In the steady state, the exponential term 
in (2d) has become negligible, and T and s are given 
for the following conditions: if a(t — t0) »  1

T  =  0 +  [s(a +  m)/a2] (3a)

s = (d9/d£)(a2)/'(a +  m)2 (3b)

if both a(t — ¿0) and a / m  »  1

T =  0 +  (s/a) ; s =  d0 /d£ (3c)

We shall find that a  m . In the following, we shad 
therefore use (3c).

To evaluate a , we measured 9 under conditions 
where T is a known function of time and fitted to eq 
2d. We found that a  increases slowly with T—it 
nearly doubles between —95 and 55°—and is slightly 
smaller for aqueous solutions than for solutions in 
methanol. A typical value for a  is 0.134 sec-1 for 
aqueous solutions at 25°. Heat exchange between the 
calorimeter and its surroundings was always measured 
under conditions where eq 3 apply.

The relationship between s and the other variables 
is stated in eq 4. In that equation, Tsurr is the tem
perature outside the calorimeter, x  the heat-transfer

•s = [—*(T -  Tsurr)/Cp] +  [ h / C v ] (4)

coefficient, C p the effective heat capacity, and h  the 
rate of generation of heat in the calorimeter. In 
testing eq 4, we measured s under conditions where 
heat is generated only by stirring. If the variables 
in (4) are controlled adequately, certain experimental 
quantities must be constant. We shall now examine 
whether these quantities are in fact constant.

For definiteness, consider a series of experiments 
involving aqueous solutions at 5°. In each experiment,
50.00 ml of 0.02 N  acid is placed in the calorimeter 
proper, 5.00 ml of 0.22 N  NaOH is placed in a separate 
liquor bottle inside the calorimeter, and the system 
is brought into thermal equilibrium with its surround
ings at 5° such that Si at 0i is close to zero. The re
actants are then mixed, the temperature rises, and s2 
is measured at 02 after the solution, and the thermometer 
are again in steady-state equilibrium. Some time 
later, s 3 is measured at an intermediate temperature 03, a 
known quantity of heat is introduced electrically, and 
finally s4 is measured at 04. This sequence of operations 
is then repeated in a control experiment in which
50.00 ml of pure water is used in place of the 0.02 N  

acid. We shall use primed symbols (s/ to s/, Q-_'

to 0 / )  to denote results obtained in the control experi
ment. All temperatures (9i to 04, 0 /  to 0 / )  are within 
0.5° of the nominal temperature of 5°.

In applying eq 3c and 4 to represent s as a function 
of 0 , it is helpul to introduce the parameters m  and b , 

as in (5a). The relationship of s to 0 is then (5b). On

m  =  x / ( C p +  a-1*); b = (xTsuri. +  h ) / C p (5a)

s = — to0 +  b (5b)

differentiating and applying (3c), we find that m  =  

— ds/dT, the same variable that appears in eq 2-3b.
We expect that the effective values for x , (7P, and h  

might change somewhat when the contents of the liquor 
bottle are introduced into the calorimeter proper. Two 
sets of values for the parameters are therefore required: 
m i and b-,, to apply before mixing (at 0j and 61'); 
and wif and bf, to apply after mixing (at 02 to 04 and 
02' to 0 /)- Equation 6a evaluates m i from data before 
and after the electrical heating, and (6b) evaluates it 
from data before and after the mixing of the reactants. 
In deriving (6b), we make use of the experimental 
fact that Si «  s / «  0.

TOf

Wif

— (s4 — S3) /  (04 — 0 3 ) =

- ( s /  -  s3')/ (e /  -  e»0

_ (S2 -  S i) -  W  -  S iO

(02 -  0 i)  -  (02' -  0 / )

(6a)

(6b)

For the standard procedure described above, m i  

should be the same, at a given nominal temperature, 
for all experiments involving dilute aqueous solutions. 
We can therefore judge the reproducibility of the 
technique. However, m t should vary with the nominal 
temperature and with the solvent. Averaged results 
for two solvents are listed in Table I. Values com
puted from eq 6a and 6b are listed separately so 
that their agreement may affirm the validity of the

Table I : Heat Exchange between Calorimeter and Surroundings

Temp, /------10 4wif, sec 1------ • Temp, ,------104mf, sec 1------
°c E q  6a E q  6b °C E q  6a  E q  6b

For Aqueous Solutions

0 3 .5 3 .6 35 • 4 .6  4 .5
5 3 .7 3 .7 45 5 .1 5  5 .2

15 3 .9 4 .1 55 5 . 7  5 .8
25 4 .1 4 .2

For Methanol Solutions
- 9 5 5 .5 4 .1 - 1 5 7 .1 6 . 8

- 8 5 5 .2 4 .6 - 5 7 .4 7 .0
- 7 5 5 .1 4 .9 5 8 . 0 7 .6
- 6 5 6 .05 5 .6 15 7 .7 7 .8
- 5 5 5 .9 5 .9 25 8 .9 9 .4
- 4 5 6 . 2 6.05 30 9 .9 1 0 . 1

- 3 5 6 .4 5 .9 35 1 0 . 2 10.85
- 2 5 6 . 8 7 .0
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control experiments. The agreement is excellent for 
aqueous solutions and quite good for methanol solu
tions even at the lowest temperatures.

The mean standard deviation of a single to, mea
surement in water is about 5% in each case and cor
responds to an 0.2% standard error in A H .  However, 
these figures are upper limits because we actually 
used two calorimeters, with very similar properties, 
but failed to record which of them was used in a 
particular experiment. The 5% standard deviation 
of m t therefore includes a small but real difference 
between the two calorimeters. The actual repro
ducibility of A H  is ±0.1%.

We shall digress briefly to discuss the physical 
mechanism of the heat exchange. Since m  «  a ,  

it follows from (5a) that x  ~  m s C p , both of which are 
available for the calorimeter after the reactants are 
mixed. We expect, from the dimensions and materials 
of the calorimeter, that heat exchange is largely by 
thermal conduction, with conduction through the 
nitrogen-filled annular space being rate determining. 
x  by that mechanism should vary as T l/l, where T  

is the absolute temperature. At lower temperatures, a 
square-root relationship can indeed reproduce the data 
for each solvent, but at higher temperatues, x  increases 
faster. Guessing that the excess heat exchange might 
be proportional to the solvent vapor pressure, p  (in 
atmospheres), we fitted the data for each solvent19 to eq 7 
by the method of least squares. The guess was quite

x  ~  m s C p  =  A y / T  +  B p  (7)

successful: the fit is good and the values of A  and B  

are plausible. A  = 0.00137 for water and 0.00125 
for methanol; B  = 0.0750 for water and 0.0509 for 
methanol. Thus A  appears to be independent of the 
solvent, so that A y / T  can indeed represent termal 
conduction through a layer of nitrogen gas. B ,  as 
it turns out, is closely proportional to \ M ' ' \  where X 
is the specific heat of vaporization (582 cal/g for water 
and 285 cal/g for methanol19) and M  is the molecular 
weight. At the conclusion of an experiment, we usually 
find that the surface of the calorimeter above the 
level of the solution is covered with a light fog of 
liquid. It is possible that this minute amount of 
condensate first forms while the system is being brought 
to the desired temperature, during which operation 
there are substantial temperature gradients. After 
a steady state is reached, distillation takes place very 
slowly along the steady temperature gradient.

C a l c u l a t i o n  o f  T e m p e r a t u r e  R i s e . On the recorder 
trace of 9 v s . time for a rapid temperature rise, there 
are two regions in which the solution temperature T  

is known with good accuracy: in the initial steady 
state before the temperature rise and some time later 
when thermometer and solution are again in steady- 
state equilibrium. In Figure 2, these regions are 
shown by solid lines. To calculate the temperature

M I X I N G

'ELECTRICALHEATING
* k - » K
Sj^öö/dt)^

' i . 8 i

s j =  ( d S / d l l j

Figure 2. Calculation of temperature rise. Explanation of 
variables in eq 8.

rise, we must extrapolate the solid lines to some time, 
t0, chosen so that the effect of heat exchange with 
the surroundings is nullified exactly. In a typical 
experiment, we might measure 9, and Sj at t-„ and 
9k and Sk at fk—see Figure 2. We can then construct 
the required extrapolation functions (8) by applying 
eq 2b, 2c, and 3c.

Ti =  9k +  Sk {(i -  <k) (l
m  m  r
Z ~ 2 1‘ tk ] ) + *}

(8a)

„  i , . (  m m .  N i l
Ti = 9j + s; j(< -  <i) ~ ~  ~  2 [t “  ti])  +  af

(8b)

5 T  — T<i — T i  (at to) (8c)

The values of m  required to reproduce the gentle 
curvature of the extrapolation functions were taken 
from Table I. Values of t0 were obtained as follows. 
For the mixing of two solutions, prior analysis indicated 
that lags inherent in the transfer from the liquor 
bottle and distribution of the resulting heat by stirring 
should be about 3 sec. We decided, however, to 
approach the problem empirically by measuring the 
time lag between the start of mixing and the tempera
ture rise of the thermometer, which should be a good 
model for i0. Estimates obtained by this method 
decreased smoothly from 2.2 sec at 0° to 1.2 sec at 
55° for aqueous solutions, and from 3.9 sec at —95° 
to 2.4 sec at 35° for methanol solutions. An error 
of 1 sec in to would cause 0.04% error in A H .

In the measurement of the heat capacity, an electric 
heater operates with constant power output from 
ti to if. (See Figure 2.) However, the temperature 
of the solution lags behind that of the heater. In 
eq 4, the term h / C p now takes the form (9), where 
9h is the temperature of the heater, aH is the char-

A /C p  =  « h ( 9 h -  T )  +  C  (9 )

acteristic rate constant for heat exchange, and the 
constant term C  represents the effect of stirring. It

(19) Data from “Handbook of Chemistry and Physics,” Chemical 
Rubber Publishing Co., Cleveland, Ohio, and from D. F. Dever, A. 
Finch, and E. Grunwald, J .  P h y s .  C h e m ., 59, 668 (1955).
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can be shown that under these conditions, eq 8 must 
be solved at f0 = V2(h +  if) +  oh“1. Although 
the heater lag, oh- 1, cannot be measured by itself, 
the combined lag of heater and thermometer, « ir 1 +  
a-1, can be measured easily; it is equal to the length 
of the induction period that precedes the rise in 0 
after the heater is switched on. aH-1 +  a-1 was 
measured with best accuracy toward the end of the 
heating period, when 0H and 0 increase at the same 
rate. After subtracting a-1, we found that aH_I is 
nearly constant at 13 ±  1 sec in all experiments.

M a t e r i a l s . Distilled water was redistilled twice be
fore use. HCl-water solutions were prepared from 
constant-boiling HC1. NaOH solutions were prepared 
carbonate free from sodium metal and water. To 
avoid violent reaction, the sodium metal was contained 
in a small glass tubing and reaction took place only 
at the open ends. Acetic acid was purified by partial 
freezing in an ice bath. Benzoic acid primary standard 
was purchased from the National Bureau of Standards.

To test the calorimeter at low temperatures, heats 
of neutralization were measured in methanol solution. 
Purification of and preparation of solutions in methanol 
followed previous practice.* 20 Definitions: 1 cal = 
4.1840 J; 0° = 273.16°K.

Results
Averaged heats of neutralization are listed in Table 

II and are taken as the difference of heats of neutraliza
tion and control experiments, as shown for HC1 in 
(10a) and (10b). The net process is therefore the 
reaction of c a . 0.02 N  acid with 10% excess of c a .  

0.02 N  NaOH, e . g . , eq 10c. The reproducibility of

HC1-2775H20  +  1. lNa0H-275H20  — > (H20 +
NaCl +  0. INaOH) • 3050H20 (10a) 

2775H20 +  1.1 NaOH-275H20 — >
1. lNaOH-3050H2O (10b) 

HC1-2275H20  +  1.1 NaOH-3050H20 — ►
(H20 +  NaCl +  0.1 NaOH) • 3050H20 +

2775H20 (10c)

these results is ±0.1%. The accuracy, according to 
careful error analysis, should be better than 0.25%. 
The results were corrected to infinite dilution on the 
basis of the Debye- Huckel limiting law for apparent 
partial molal enthalpies.21 The corrections were less 
than 110 cal. Errors due to the use of the limiting 
law were well within the experimental error because 
the deviations from the limiting law tend to cancel.21 
In the case of acetic and benzoic acid, the data were 
corrected also for acid dissociation in the initial state. 
The heats of neutralization at infinite dilution were 
then used to calculate heats of acid dissociation. Re
sults are listed in Table III.

Table II: Enthalpy Change for the Reaction of 0.02 F  Acids 
with Excess 0.02 F  Sodium Hydroxide in Water“

AH,  k c a l / m o l ,  fo r-
Temp, °C HCl HAc HBz

0 —15.038 -14.217
5 -14.600 -13.918 -13.877

15 -13.922 -13.600 -13.432
25 -13.401s -13.467 -13.223
35 -13.008 -13.346 -13.184
45 -12.561 -13.119 -13.087
55 -12.059 -12.826 -12.922

“ See, for example, eq 10. 6 HCl at 25°: — 13.404 kcal/mol
at 0.01 F ;  —13.410 kcal/mo. at 0.04 F .

Table III : Enthalpy Change for Acid Dissociation in Water, 
at Infinite Dilution

A / / ° ,  k c a l / m o l ,  f o r  a c id  d i s s o c ia t io n  of-

p , °c HaO° HAcs HBzs

0 14.998 0.804
5 14.555 0.657 0.736

15 13.866 0.275 0.460
25 13.334' -0 .137 0.118
35 12.928 -0 .430 -0 .272
45 12.467 -0 .671 -0 .657
55 11.950 -0 .901 -1 .029

“ The data in Table II were corrected to infinite dilution on the 
basis of the Debye-Hiickel limiting law. The ionic strength was 
about 0.02 M .  6 For this charge type, correction to infinite dilu
tion is zero, according to the Debye-Hiickel limiting law. In cal
culating AH ° ,  a correction was made for the acid dissociation of 
the carboxylic acid in the initial 0.02 F  state. 'A t  25°, AH °  

=  13.354 kcal/mol from extrapolation of the data at 0.01 M  ionic 
strength, and AH° =  13.315 ccal/mol from extrapolation of those 
at 0.04 M  ionic strength.

ACP° for acid dissociation was calculated for each 
acid as the temperature derivative of A H 0 . Results 
are listed in Table IV. The accuracy of ACP° is 
better than ±4  cal/mol deg at 10-50° and better 
than ± 8  cal/mol deg at 2.5°. The maximum in 
AC p °  for the ionization of water is therefore highly 
significant. The minima for the carboxylic acids are 
less certain but are prcbably real also.

The agreement of our results with previous work 
is in most cases satisfactory. For the ionization of 
water at 25°, our value of 13.334 kcal for AH °  is in 
good agreement with recent calorimetric determinations 
of 13.335, 13.336, and 13.350 kcal.22 23“ 24 The dis-

(20) E. Grunwald, C. F. Jumper, and S. Meiboom, J. Amer. Chem. 
Soc., 84,4664 (1962).
(21) H. S. Harned and B. B. C'wen, “The Physical Chemistry of Elec
trolytic Solutions,” Reinhold Publishing Corp., New York, N. Y., 
1943.
(22) J. D. Hale, R. M. Izatt, and J. J. Christensen, J. Phys. Chem., 
67, 2605 (1963).
(23) C. E. Vanderzee and J. A. Swanson, ibid., 67, 2608 (1963).
(24) R. N. Goldberg and L. G. Hepler, ibid., 72, 4654 (1968).
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Table IV : ACP° for Acid Dissociation in Water 
at Infinite Dilution

.----A(7p°, cal/m(>1 deg, foi acid diesiociation of----»
Temp, °C H2O HAc HBz

2.5 — 8 8 .6 -2 9 .4
10 — 68.9 -3 8 .2 -2 7 .6
20 -5 3 .2 -4 1 .2 -3 4 .2
30 -4 0 .6 -2 9 .3 -3 9 .0
40 -4 6 .1 -2 4 .1 -3 8 .5
50 -5 1 .7 -2 3 .0 -3 7 .2

crepancy between values of AH °  by direct calorimetry 
and those derived from the temperature derivative 
of potentiometric values for iCw are thus confirmed.24 * * 
For acetic acid at 25°26-27 and for benzoic acid at 
several temperatures between 10 and 40°,28-30 our 
values are in very good agreement with all but two 
of the previously reported numbers and deviate seri
ously only in one case.27 Our values for ACP° for 
the ionization of water agree with values derived by 
Ackermann4 from specific heats of fairly concentrated 
aqueous solutions up to about 25° but begin to deviate 
at higher temperatures.

D i s c u s s i o n

Table Y lists values of Cp° for various formal species 
in water. The striking maximum for H30  + +  OH-  
seems to come from the hydroxide ion rather than the 
hydronium ion, because neither H30 + +  Ac- nor H30 + 
+  Bz-  behave at all similarly.

Table V : Cp° for Various Formal Species in Water

Temp,
“C H2O“ HAc1

H,0 + + 
on *

HsO+ + 
Ac- d

OH- -
Ac~

2.5 18.11 41 -5 2 .4 30 -8 2
10 18.04 42.5 -3 2 .8 22 -5 5
20 17.99 43.5 -1 7 .2 20 -3 7
30 17.98 44.5 -4 .6 33 -3 8
40 17.98 45.5 - 10 .1 38 -4 8
50 17.99 4 4 .5 -1 5 .7 40 -5 6

“ N. S. Osborne, H. F. Stimson, and D. C. Ginnings, J . Res. 
Nat. Bur. Stand., 23, 238 (1939). b Reference 5. ‘ ACP° +  
2CpOH20. d ACp° +  CP°H20 +  Cp°HAc-

It has been stated in the introductory section that a
maximum in the formal Cp° for a pair of thermally
stable free ions can be ascribed to an endothermic
change in the solvent shell around one of the ions. 
However, the physical description of that change can 
cover a wide range of phenomena. At one extreme, 
the change might be a genuine chemical reaction: for 
instance, an octahydrate becomes a hexahydrate. At 
the other extreme, it might be merely an artifact re
sulting from a peculiar energy level diagram for a single 
species.

a b

Figure 3. Alternate representation of a set of energy levels:
(a) two species; (b) single species with a marked increase in the 
density of energy levels above a critical energy.

In Figure 3, a set of energy levels is displayed in two 
ways: (a) as two subspecies and (b) as a single species.
Figure 3a is appropriate when the two subsets of levels 
are separated by a potential barrier and represents the 
case of a genuine chemical transformation. Figure 3b 
is appropriate in the absence of a potential barrier 
and represents a single chemical species for which the 
density of energy levels increases markedly above a 
certain critical value. Of course, the two descriptions 
lead to the same thermodynamic consequences. Thus 
the single species represented in Figure 3b is indistin- 
quishable, on the basis of thermodynamic data, from an 
equilibrium mixture of two subspecies.

The point is worth making, because energy-level 
diagrams of the sort of Figure 3b may not be so unusual 
for solvated species in the liquid phase. A marked 
increase in energy-level density might arise, for in
stance, when the energy becomes sufficient to permit 
rotation in place of libration.

Suppose, then, that the formal solute may be treated 
as an equilibrium mixture of the sort A r iB , Let x  

denote the fraction of solute molecules belonging to the 
species B, K  = [B]/[A], AH *  = H ° B -  H \  >  0, and 
AS* = S°B — S ° a - -H°formai for the formal solute, A +  
B, is then given by (11), and Cp° ,ormai by (12). To

5 °  formal = (1 -  x ) H °  A +  x S °  B (11)

dfT°formal/dT  = Cp° formal = (1 +  x ) C p °  A +
x C p ° B +  A H * ( d x / d T )  (12)

solve for d x / d T ,  we write (13) and make the usual 
assumption that over a limited temperature range, A H *  

and AS* are constant; that is AC p *  = 0. The result is

(25) H. S. Harned and R. W. Ehlers, J. Amer. Chem. Soc., 55, 652 
(1933).
(26) J. J. Christensen, R. M. Izatt, and L. D. Hansen, ibid., 89, 213 
(1967); J. J. Christensen, J. L. Oscarson, and R. M. Izatt, ibid., 90, 
5949 (1968).
(27) I. Wadso, Acta Chem. Scand., 16, 479 (1962).
(28) L. P. Fernandez and L. G. Hepler, J. Phys. Chem., 63, 110 
(1959).
(29) T. L. Cottrell, G. W. Drake, D. L. Levi, K. S. Tully, and J. A. 
Wolfenden, J. Chem. Soc., 1016 (1948).
(30) W. J. Canady, H. M, Pappee, and K, J. Laidler, Trans. Faraday 
Soc., 54,505 (1958).

The Journal of Physical Chemistry



695T e m p e r a t u r e  D e p e n d e n c e  o f  A Cp°

first (14a)), then (14b). In (14a), the sum of the first 

In K  = ln[x/(l — #)]

= (AS * / R )  -  (A H * / R T ); ACP* = 0

(13)
Cp° formal =  (1 — x ) C p°  a  4“ x C p° B  +

[ x ( l  -  x ) ( & H * ) 2/ R T 2 ] (14a) 

=  Cp°a +  [*(1 -  x ) ( A H * ) * / R T *

(if ACP* = 0) (14b)

two terms on the right will show the normal gentle in
crease of heat capacity with temperature. The last 
term, however, will go through a maximum at a tem
perature, Tmax, at which x  = ’/ ,  — ( R T m&J  A H * ) .  If, 
at that temperature, A H *  »  ATmax, x  will be approxi
mately y 2 and the “abnormal” last term will be ( A H *)2/  
4I?7,max2. Whether or not the “abnormal” term can be 
distinguished from experimental error will depend net 
only on its magnitude, which is proportional to ( A H * ) 2 

but also on its sharpness (or inverse half-width on the 
plot v s . T )  which, owing to (13), is also quite sensitive 
to A H * .  As a result, the detection of the term is ex
tremely sensitive to A H * .  Some sample calculations, 
based on (13) and (14b), are plotted in Figure 4.

Having a mechanism by which Cp°formai can go 
through a maximum, there are now several ways for 
obtaining a minimum. As T  increases above Tm„, the 
“abnormal” last term in (14) becomes progressively 
smaller while the two other terms together become lar
ger. If A H *  is large enough, a minimum will result. 
A probable example is C p°  for water, which goes through 
a minimum at about 35° (Table V). That interpreta
tion is probable because certain other properties of 
liquid water are also consistent with the A B model.31

If the solute undergoes consecutive or parallel (in 
case of a pair of ions) endothermic changes, it is possible 
for the corresponding contributions to the formal heat 
capacity to give well-resolved maxima on the plot v s . T .  

If the measurements happen to fall into the temperature 
range between two maxima, C p °  will appear to go 
through a minimum. Probable examples are furnished 
by C p ° for H30 + +  Ac-  (Table V) and by ACP° for the 
acid dissociation of acetic acid (Table IV), benzoic acid 
(Table IV), and diisopropylcyanoacetic acid.3

The maximum in Cp° for H30  ++ OH- ,which has been 
ascribed to the hydroxide ion, gives best fit to the A B 
model if A H *  is 8.8 kcal—see Figure 4. If that model 
can be accepted, then the relatively high value of A H *  

suggests that the real or seeming process associated with 
A H *  is a cooperative process affecting a number of 
molecules in the solvation shell. We favor that inter
pretation, but to gain a better perspective, we wish to 
consider one alternative model.

Suppose that the endothermic transformation of the 
solvation shell takes place in n  equal and independent 
steps, each with an enthalpy change of A H ' .  These

Figure 4. Sample calculations based on eq 11-14. The scale 
of the ordinate is chosen in each case so that the maximum 
falls in the experimental range. Circles indicate experimental 
values of Cp° formal for HsO+ +  OH- .

steps might be the successive “loosening” of n  indepen
dent and equivalent water molecules. Let x ' be the 
fractional completion of the process at the given tem
perature, and let K '  = x ' / (1 — x ' ) .  The enthalpy of 
the formal species is then given by (15), where H °  a  is 
the enthalpy of the original low-temperature form.

8 ° f o r m a l  = 8 °  A  +  U X ' A H ' (15)

Differentiation with respect to T  yields (16). On 
expressing x '  as a function of K '  and assuming constant 
A H '  ( A C P = 0), we obtain (17). Note that this model 
accommodates eq 14 as a special case with n  =  1.

C p ° f o r m a l  =  C p°  A  +  U x 'A C p '  +

[ n x ’ (  1 -  x ' ) ( A . H ’ Y / R T 2) (16) 

Lp° f o r m a i  = CP°A +  [ n K ’ (AH')2/ R T \ \  +  A ')2] (17a) 

In K '  =  ( L S ' / R )  -  (AH ' / R T )  (17b)

The fit of (17) was tested for n  =  1,3, and 4 and was 
equally satisfactory for each. “Best fit” was obtained 
with the following pare meters: n  = 1, A H '  = 8.8 kcal, 
A S '  = 28.1 gibbs, CP°A = —107 cal/deg; n  =  3, A H '  =
6.4 kcal, A S '  = 20.0 gibbs, C p°a = —_163 cal/deg; 
n  =  4, A H '  = 6.0 kcal, A S '  =  18.7 gibbs, CP°A = -191 
cal/deg. In each case, C p°a was assumed to be con
stant. By comparison, for pure liquid water the two- 
state model gives “best fit” if A H '  = 2.55 kcal and 
A S '  — 3.9 gibbs.31 For the freezing of water, A C p °  =  

— 9 cal/mol deg at 0°.
In our opinion, the only plausible set of parameters 

is that for n  =  1. In particular, C p ° a  strikes us as

(31) See, for example, G. E. Walrafen, J. Chem. Phys., 48, 244 
(1968).
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unreasonably negative when n  is assumed to be 3 or 4. 
If we assume a molar heat capacity of 18 cal/deg for 
H30+ +  OH-  (2 mol of frozen water) and an increment 
of —9 cal/deg for each mole of water that becomes frozen 
in solvation shells, then even the fairly modest —107 
cal/deg obtained for C p°a when n  =  1 already implies 
the freezing of 14 water molecules. The value of 8.8 
kcal obtained for AH '  when n  = 1 seems plausible if the 
process is a manifestation of the same hydrogen-bonding 
phenomenon that gives a AH '  of 2.5s kcal in pure water 
but requires the concerted action of three or four water

696

molecules that are hydrogen bonded to the hydroxide 
ion.

Values of AH °  and of ACP° for the analogous reactions 
of HC1 and benzoic acid with sodium methoxide in 
methanol are being reported in an accompanying pa
per.32 In methanol, the values of ACP° do not show 
any maxima or minima of the sort observed in water, 
even though the experimental temperature range, —95 
to +35°, is much wider.

(32) C. S. Leung and E. Grunwald, J. Phys. Chem., 74, 696 (1970).

C o n s t a n c e  S. L e u n g  a n d  E r n e s t  G r u n w a l d

Temperature Dependence of ACp° for the Self-Ionization of Methanol and 

for the Acid Dissociation of Benzoic Acid in Methanol1

b y  C o n s t a n c e  S. L e u n g  a n d  E r n e s t  G r u n w a l d

Chemistry Department, Brandéis University, Waltham, Massachusetts 02154 (Received June 26, 1969)

AH  was measured with an accuracy of 0.2% for the reaction of HC1 and of benzoic acid with sodium methoxide 
in methanol at 10° intervals from —95 to +35°. The ionic strength of the solutions was about 0.015 M .  The 
dielectric constant of methanol was measured between —95 and 25°, so that interionic effects could be corrected 
for. AH °  was calculated for the self-ionization of methanol and for the acid dissociation of benzoic acid. Using 
known pK °  values for these processes at 25°, AH °  was used to derive pK °  over the entire liquid range of meth
anol, such that the accuracy of pK °  was limited by that of pK °  at 25°. The resulting values can serve as a basis 
for pH and pOCH3 standards in methanol. AC p° was derived from AH °  and compared with Cp°(l) for liquid 
methanol. For both processes, AdCP°/dT' =  — k d C v ° ( \ ) / d T  in good approximation, where k  is about 15 for 
self-ionization of methanol and 16 for acid dissociation of benzoic acid. A theory is proposed in which k is 
simply related to the number of methanol molecules that become “frozen” in the solvation shells of the ionic 
products. There is no evidence for endothermic changes of these solvation shells over the entire temperature 
range.

It has been shown2-4 that ACP° for acid-base reac
tions in water can be a sensitive and complex function 
of the temperature, exhibiting maxima and minima 
that can be attributed to endothermic changes in the 
hydration shells surrounding molecules of the reactive 
species.4 Wishing to know whether this phenomenon 
is characteristic of hydroxylic solvents in general or of 
water in particular, we have measured AH °  and ACP° 
for some acid-base reactions in methanol. The results 
of that study are reported in this paper.

Methanol is a good solvent for our purpose. It has a 
wide liquid range, from —97.8 to 64.7°, and a fairly 
high dielectric constant.8’6 It is readily prepared 
anhydrous and in a high state of purity.

Our calorimetry covers the temperature range from 
— 95 to +35°. AH  was measured for the reaction of 
methyloxonium chloride (HC1 in methanol) with sodium 
methoxide and of benzoic acid with sodium methoxide, 
at ionic strengths on the order of 0.015 M .  The calorim

eter4 was set up in a temperature-controlled atmos
phere of dry nitrogen, from which moisture was ex
cluded. Results were reproducible to better than 0.2%  
in A77 and are believed to be similarly accurate. The

(1) We gratefully acknowledge support of this work in part by the 
National Science Foundation under Grant GP-7381X.
(2) F. S. Feates and D. J. G. Ives, J. Chem. Soc., 2798 (1956) ; D. J. G. 
Ives and P. D. Marsden, ibid., 649 (1965).
(3) T. Ackermann, Z. Elektrochem., 62, 411 (1958); T. Ackermann 
and F. Schreiner, ibid., 62, 1143 (1958).
(4) C. S. Leung and E. Grunwald, J. Phys. Chem., 74, 687 (1970).
(5) P. S. Albright and L. J. Gosting, J. Amer. Chem. Soc., 68, 1061 
(1946) ; E. C. Evers and C. A. Kraus, ibid., 70, 3049 (1948) ; T. T. 
Jones and R. M. Davies, Phil. Mag. (VII), 28, 307 (1939); N. Koi
zumi and T. Hanai, Bull. Inst. Chem. Res. Kyoto Univ., 33, 14 (1955). 
Values reported for e at 25° are 32.66, 32.6, 32.61, and 32.31, respec
tively; F. E. Critchfield, J. A. Gibson, and J. L. Hall, J. Amer. 
Chem. Soc., 75, 1991 (1953), have obtained a value within 0.1% of 
32.66.
(6) J. Juillard, Sc.D. Thesis, University de Clermont-Ferrand, Sept 
1968, pp 128, 197. Here 32.63 is listed for « of methanol at 25°. 
J. Juillard, Bull. Soc. Chim. Fr„ 1727 (1966).
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dielectric constant of methanol was redetermined in 
this temperature range to permit more accurate extra
polation of our results to infinite dilution.7

Values of A C p °  were calculated for (A) the self
ionization of methanol, (B) the acid dissociation of 
benzoic acid, and (C) the reaction of benzoic acid with 
sodium methoxide. All three are smooth functions of 
the temperature and can be scaled to be superimposable 
almost exactly on the heat capacity curve of pure 
liquid methanol.8'9 In reactions A and B, in which 
dissociated ions are produced, the temperature depen
dence of A C p °  is quite large. However, the tempera
ture dependence of Cp°(l) for pure methanol is rela
tively large also, and the data permit the interpretation 
that a number of methanol molecules become “frozen” 
in the solvent shells around the ions. The number of 
methanol molecules so “frozen” appears to be about 
the same as the number of water molecules immobilized 
around similar ions in their low-temperature form in 
aqueous solution.4

There is nothing in the data to indicate any endo
thermic changes in the solvation shells around the 
ions, of the sort inferred for aqueous solutions. We 
conclude, therefore, that the peculiar temperature 
dependence of A C p ° ,  which indicates that such changes 
take place in water,2-4 results from specific properties of 
the water molecules.

The new values of AH ° , in conjunction with equilib
rium constants for reactions A to C at 25°,1M°-13 
enable us to obtain accurate equilibrium constants for 
those reactions over the entire liquid range of methanol, 
thus filling a need for pH standards14 in methanol at 
temperatures other than room temperature.

E x p e r i m e n t a l  P a r t

M a t e r i a l s . Reagent grade methanol (spectral grade) 
was treated with magnesium and distilled twice, the 
second time with a trace of benzoic acid in the distilling 
flask.16 Methanol used in the dielectric constant mea
surements was redistilled five times, until the conduc
tivity was acceptably low.

Hydrogen chloride was prepared by addition of con
centrated sulfuric acid to sodium chloride. The HC1 
gas was allowed to bubble through concentrated sul
furic acid before being dissolved in methanol. A solu
tion of sodium methoxide in methanol was prepared by 
the reaction of clean sodium metal with the pure solvent.

Benzoic acid primary standard was purchased from 
the U. S. National Bureau of Standards.

All solutions were prepared and stored under an 
atmosphere of dry nitrogen. Acid-base titers were 
checked periodically and were known to 0.1%. As a 
final check, titers were proved with potassium acid 
phthalate primary standard from the U. S. National 
Bureau of Standards. Where appropriate, solute con
centrations were corrected for the change in density16 
with temperature.

T e m p e r a t u r e  D e p e n d e n c e  o f  a Cp°

C a l o r i m e t r y . The calorimeter and measuring pro
cedure were essentially those described in the preceding 
paper.4 For experiments at and below —55°, the 
polyethylene foam box around the top of the calorim
eter-dewar assembly was sealed and “leak-proofed” 
with masking tape around the edges, to assure that the 
nitrogen gas would emerge from the box through the 
opening for the stirrer shaft at the top, and a 2 in. taller 
dewar flask was used. Proper protection (in the form 
of a small paper cylinder) was made to prevent frost 
formation on the stirrer shaft.

In the experiments involving HC1 and NaOCH3,
50.00 ml (at 23°) of freshly prepared 0.015 N  acid was 
placed in the calorimeter, and 5.00 ml of 0.26 N  meth
oxide was placed in the liquor bottle. In the experi
ments involving benzoic acid and NaOCH3, a similar 
procedure, with methoxide in excess, was used at —15° 
and above. At lower temperatures there seemed to be 
a problem with some of the benzoic acid creeping up the 
glass walls of the calorimeter and then not reacting 
immediately when excess methoxide was added. The 
problem was overcome by making benzoic acid the 
reagent in excess. At —35 and —55°, 50.00 ml (at 
23°) of 0.02 N  methoxide was placed in the calorimeter 
and 5.00 ml of 0.26 N  benzoic acid was placed in the 
liquor bottle. At still lower temperatures these con
centrations were reduced somewhat because of solu
bility limitations for benzoic acid. It was found, in 
separate experiments at 25°, that AR  is independent of 
which reagent is in excess: with methoxide in excess, 
AH  — 5.930 ±  0.009 kcal; with benzoic acid in excess, 
A H  = 5.935 ±  0.010 kcal.

The reproducibility of A H  was generally 0.2% or 
better. The precision of the temperature measure
ments approached 0.0001°. The absolute accuracy of 
the temperature at which A H  is measured should be 
better than 0.10. The ohmic resistance of the standard 
heater was measured in each experiment and varied by 
about 1% between 35 and —95°. To detect errors 
that might vary systematically with time, the measure
ments were made in a jumbled sequence, especially with 
respect to temperature. The smooth variation of the

(7) Measurements of t for methanol below 0° have been reported by 
R. Abegg and W. Seitz, Z. Flys. Chem., 29, 242 (1899). Our new val
ues are substantially higher.
(8) K. K. Kelley, J. Amer. Chem, Soc., 51, 180 (1929).
(9) L. A. K. Staveley and A. K. Gupta, Trans. Faraday Soc., 45, 50 
(1949).
(10) A. L. Bacarella, E. Grunwald, and E. L. Purlee, J. Org. Chem., 
20, 747 (1955).
(11) M. Kilpatrick, J. Amer. Chem. Soc., 75, 584 (1953).
(12) I. D. Tabagua, Russ. J. Phys. Chem., 37, 828 (1963). This 
value was not included in the average.
(13) J. Koskikallio, Suomen KemistUehti, B, 30, 111 (1957).
(14) R. G. Bates, Anal. Chert., 4 0 ,  28A (1968).
(15) E. Grunwald, C. F. Jumper, and S. Meiboom, J. Amer. Chem. 
Soc., 8 4 ,  4664 (1962).
(16) “ International Critical Tables,” Vol. 3, E. W. Washburn, Ed., 
McGraw-Hill Book Co., Inc., New York, N. Y., 1926, p27.
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final results with temperature suggests that time-depen
dent errors were absent. Definitions: 1 cal = 4.1840 
J; 0° = 273.16°K.

The titer of the standard HC1 decreased by about 
0.6% during the period of the measurements, consis
tently with the known rate of the reaction of Cl“ +  
CH3OH2+ -*■ CH3C1 +  HOH at room temperature.17 
It was judged that the small quantity of water produced 
would not cause serious error.18 The titers of the 
standard benzoic acid and sodium methoxide remained 
constant.

D i e l e c t r i c  C o n s t a n t s . The three-terminal stainless 
steel dielectric cell was manufactured by Balsbaugh 
Laboratories, South Hingham, Mass. Before use it 
was dismantled and treated with boiling perchloroethy- 
lene, boiling water, and finally boiling methanol. It 
was then set up in the same thermostated dewar con
tainer that had been used for the calorimetry, filled with 
low-conductivity methanol, and brought to the desired 
temperature.

The capacitance and dissipation factor of the cell 
were measured at a frequency of 10 kHz with a General 
Radio Type 1615 A capacitance bridge. There was no 
difficulty in detecting the bridge balance to 0.1%. 
Dielectric constants, t , were calculated from the effec
tive parallel capacitance. The air capacitance of the 
cell was 58.27 pF at 25°, and the dielectric constant of 
air was taken to be 1.00054. A small correction was 
made for the contraction of the stainless steel concentric 
cylindrical measuring electrodes below 25°.

The temperature inside the cell was measured to 
better than 0.1° with a calibrated copper-constantan 
thermocouple, one glass-sheathed junction of which was 
immersed in ice, the other being immersed in methanol 
in the cell at a point guarded from the electrical mea
suring region. Results of the measurements are fisted 
in Table I.
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Table I : Dielectric Constant of Methanol

Temp, °C 
-95 .21 73.16

lOOOd In ( t T ) / d T

-8 5 .8 0 67.94 - 2 .3 7
-7 4 .1 9 62.11 -2 .5 6
-6 4 .9 4 58.07 -2 .3 7
-4 5 .7 6 50.88 -2 .3 0
-24 .81 44.32 -2 .4 0
-5 .8 2 39.30 -2 .4 4
14.03 34.86 - 2 .4 4
25.38 32.57 -2 .5 8

In the following, we shall need to know d In (e T ) / d T . 

Average values of that derivative are given for each 
temperature interval in Table I. Within their experi
mental error, these values could be constant. However, 
the slight indication of a shallow minimum near —50°

appears to be correct. If we assume a linear relation
ship between In (t T ) and T , we predict that e = 27.64 
at 55°, whereas a reliable experimental value is 27.21 at 
that temperature.5 However, if we fit a parabola ac
cording to eq 1, we predict that e = 27.33, in much 
better agreement. Integration of (1), change to de-

-1000dlnd(; r) = 2.37 +  4.26 X 10-4(T -  225.9)2

(1)

cadic logarithms, and evaluation of the constant of 
integration leads to (2), which fits our data well within 
0.1%. Equation 2 predicts a dielectric constant of

log ( t T )  = 4.2970 -  1.029 X 10“ 3T -
6.16 X 10-9(T -  225.9)3 (2)

32.62 for methanol at 25°, in almost perfect agreement 
with the mean of several recent measurements.6 6

Results
Average values of A H  are fisted in Table II. Each 

A H  is the difference between a heat of reaction and the 
corresponding heat of dilution (“the control,” as de
scribed in the preceding paper4), computed per mole of 
reaction. For the reaction of HC1 with excess Na- 
OCH3, the typical thermochemical process to which A H  

refers is shown in eq 3. For the reaction of benzoic

HC1 • 1640CH3OH +  1.7NaOCH3 • 1804CH3OH — >  

(NaCl +  CH3OH +
0.7NaOCH3) • 1804CH3OH +  1640CH3OH (3)

acid with excess NaOCH3, the typical process is shown 
in (4), and for the reaction of NaOCH3 with excess 
benzoic acid, it is shown in (5). In each of those proc-

HBz • I24OCH3OH +  1.3NaOCH3 • 1344CH3OH — >  
(NaBz +  CH3OH +

0 .3NaOCH3) • 1344CH3OH +  1240CH3OH (4) 

NaOCHj ■ 1400CH3OH +  1.3HBz-1540CH3OH— > 
(NaBz +  CH3OH +

0 .3HBz) • 1540CH3OH +  1400CH3OH (5)

esses, three of the entities involved are solutions, and 
the fourth is pure solvent.

To correct A H  to infinite dilution,19 let <p l  denote the 
relative apparent molal enthalpy of a solute and n  the 
number of formula weights. Let Srr^l.r and 2np<pL|P 
denote, respectively, the sum of such enthalpy terms for

(17) W. Voss and W. Wachs, Ann., 522, 253 (1936); C. N. Hinshel- 
wood, J. Chem. Soc., 600 (1935).
(18) For data concerning the basicity of water in methanol, see J. 
Koskikallio, Suomen Kemistilehti, B, 30,43 (1957); I. M. Kolthoff and
L. S. Guss, J. Amer. Chem. Soc., 62, 1494 (1940).
(19) See, for example, H. S. Harned and B. B. Owen, “ The Physical 
Chemistry of Electrolytic Solutions,” Reinhold Publishing Corp., 
New York, N. Y., 1943, sections 3(8), 5(2), and 8(2).
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Table II: , Enthalpy Changes (in kcal/mol) for Acid-Base Reactions in Methanol

H B z  +  C H a O H

T e m p ,“  “C <Sh  ( e q  8) — A H
-HC1 +  NaOCHs-----------------------

-  Aff°
------- . .— K B z  +  NaOCHs—.

- i f f ,  -  A  H °
B z -  +  CHsOH! 

A  H °

-9 5 0.551 14.463 14.369 8.061 6.3086
-8 5 0.630 14.234 14.127 7.846 6.281
-7 5 0.720 14.005 13.882 7.659 6.223
-6 5 0.818 13.761 13.626
-5 5 0.930 13.507 13.349 7.300 6.049
-4 5 1.052 13.231 13.059
-3 5 1.190 12.938 12.743 6.938 5.805
-2 5 1.346 12.612 12.394
-1 5 1.523 12.288 12.039 6.581 5.458
- 5 1.728 11.917 11.638 6.431 5.207

5 1.962 11.524 11.208 6.266 4.942
15 2.233 11.107 10.748 6.127 4.621
25 2.542 10.634 10.227 5.933 4.294
30 2.715 10.365 9.932 5.860 4.072
35 2.899 10.070 9.611 5.808 3.803

“ Temperature ±0.05°. 6 Column 5 minus column 4.

the two reactant solutions and the product solution. 
The enthalpy change at infinite dilution, AH ° ,  is then 
given by

A H °  = A H  —  SnpipL.p +  2nĤ >L,R (6)

To estimate ip l , we used the Debye-Huckel limiting 
law,19 expressed conventionally in the form of (7), 
where S n  is the limiting slope for relative partial molal 
enthalpy, z { the charge number of the tth ionic species, 
and ¡x the ionic strength. If <pL is expressed in kilo
calories per mole and m in moles per liter, (S'H is given by
(8), where p is the density

VL ,i = (2/3 W S u p . l/l (7)
12.53 X 103T2ri /d In p \ din (eT)1

(8)(el7)*A _3\ dr ) d T  J
Table III: pK °  and ACp° for Self-Ionization and 
Heat Capacity of Liquid Methanol

Temp, p X ° A  i 7 O c p°(l)
°c (m scale)0 Obsd6 Calcdc eq 10M

-9 0 22.61 - 2 4 .2 - 2 5 . 0 16.78
-8 0 21.74 - 2 4 .5 - 2 5 . 1 16.81
- 7 0 20.97 - 2 5 .6 - 2 5 . 7 16.87
-6 0 20.28 - 2 7 .7 -2 6 .8 16.97
- 5 0 19.67 -2 9 .0 - 2 8 .4 1 7 . 1 1
-4 0 19 .12 - 3 1 . 6 - 3 0 .5 17.28
- 3 0 18.63 -3 4 .9 - 3 3 . 1 17.48
- 2 0 18.19 - 3 5 . 5 - 3 6 .3 17.72
- 1 0 17.79 - 4 0 . 1 -4 0 .0 17.99

0 17.44 - 4 3 .0 - 4 4 . 1 18.30
10 17 .12 -4 6 .0 -4 8 .8 18.64
20 16.84 - 5 2 . 1 - 5 4 .0 19.01
25 (16.71)' - 5 6 .8 19.21
27.5 16.65 -5 9 .0 - 5 8 .3 19.32
32.5 16.53 -6 4 .2 - 6 1 . 3 19.53

a K °  =  (t»Ht )(mocH3-)7±2. 6 In cal/mol deg. 
10. d Based on ref 8 and 9. 6 Reference 13.

0 Equation

On applying these equations, d In ( e T ) / d T  was cal
culated from eq 1, d In p / d T  from data in ref 16, and 
<Pl  for a univalent electrolyte (= 4 ( 8 h m ' / ! / 3 ) .  There 
is considerable cancellation of <pl terms between reac
tant and product solutions. Thus in (3), AH °  =  

A H  +  <p l ,h c i ; while in (4) and (5), the difference be
tween A H 0 and A H  may be neglected in this approxi
mation. Results obtained for AH °  are included in 
Table II.

Table IV : Thermodynamic Data for Acid-Base Reactions 
of Benzoic Acid in Metha lol

-Acid dissociation----------------- s HBz -f
Temp,

°C
P * A °

(m scale)
-----------------ACP -

Obsd“ Calcd“ ’6
N aO CH s 

ACp° (obsd°)

-9 0 11.93 - 2 . 7 - 4 . 9 21 .5
-8 0 11 .54 - 5 . 8 - 5 . 3 18.7
- 6 5 11.04 - 8 . 7 - 6 . 8 18.0
- 4 5 10.48 - 1 2 . 2 - 1 0 . 8 18 .1
- 2 5 10.03 - 1 7 . 4 - 1 7 . 1 17.9
- 1 0 9.75 - 2 5 . 1 - 2 3 . 3 15.0

0 9.60 - 2 6 .5 - 2 8 . 1 16.5
10 9.46 - 3 2 . 1 - 3 3 . 5 13.9
20 9.34 - 3 2 . 7 - 3 9 .4 19.4
25 (9.28)'
27.5 9.25 -4 4 .2 -4 4 .3 14.6
32.5 9.21 - 5 3 .8 -4 7 .6 10.4

“ In cal/mol deg. b Equation 10. c Based on ref 6, 10, and 11.

Values of pK °  and ACp° derived from the AH °  data 
are listed in Tables III and IV. Regarding ACP°, we 
computed 5 A H ° / S T  for each temperature interval in 
Table II and report the result as AC p °  at the mean 
temperature of the interval. Standard errors of ACp° 
should be within 1 5 / e T  cal/mol deg; that is, the error 
in 8 A H °  is within 16 cal/mol and the error in 8 T  is 
relatively negligible. For most of the data, 8 T  is 10°.
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Of course, the errors for adjacent intervals are not 
independent.

Regarding pK ° , we selected a value of 16.71, based on 
the work of Koskikallio,13 for the self-ionization of 
methanol at 25°, and a value of 9.28, the mean of several 
quite concordant values,6,10,11 for the acid dissociation 
of benzoic acid at 25°. Values at other temperatures 
were then obtained by integration according to (9), 
using relevant data in Table II. All pK  values are on

pR°T = pA°298.i6 -  f  (T~2AHD dT)/2.303R (9)
J 298.16

the m  (molal concentration) scale.
According to eq 9, the error of pK°T is the sum of 

independent errors in pK0298.i6 and in the magnitude of 
the integral, which in turn depends on the error in 
AH ° .  The error in pA°298.i6 is probably no less than 
0.02 unit, judging by the reproducibility of the pub
lished data. Compared to that error, we now wish to 
show that the error in the magnitude of the integral is 
relatively small, even at the extreme of the temperature 
range. The maximum difference between pA°T and 
pA°298.i6 in Tables III and IV is 4.90 units. On esti
mating the error in A H  as 0.2% and neglecting the 
error of extrapolation to infinite dilution (a similar 
extrapolation, employing the Debye -Hiiekel theory, is 
used in obtaining pK °  from pK  at 298.16°, so at least 
there is no error owing to lack of consistency), we 
estimate an u p p e r  l i m i t  to the error in that difference 
of 0.2% of 4.90, or 0.01 pK  unit. This estimate is 
conservative if the individual errors in A H 0 are random, 
because then their effects will tend to cancel in the 
integration.

Because of current research interest in the physical 
organic chemistry of polar nonaqueous solvents in
cluding methanol,20 there is some need for reliable pH 
standards, especially at temperatures far removed from 
room temperature. On the basis of the preceding 
analysis and having demonstrated that accurate ther
mochemical measurements can be made over a wide 
temperature range, we believe that the best experi
mental approach may be to measure pK° directly only 
at one, preferably optimum, temperature and to derive 
Y > K ° at other temperatures from measurements of 
AH ° . The pK °  values in Tables III and IV will permit 
the preparation of solutions of known pH and pOCH3 
in methanol, especially if the ionic strength is 
kept near 0.015 M  and activity coefficients are esti
mated by the Debye-Hiickel theory.

Previous less accurate measurements of AH °  for the 
reaction of hydrogen ion with methoxide ion in meth
anol near room temperature21 are in substantial agree
ment with ours.

D i s c u s s i o n

The data in Tables II to IV permit the tabulation of 
AG ° ,  AH ° ,  A S 0 , and ACP° for the given reactions over a

700

wide temperature range. Such information should be 
useful for testing diverse theories of solvation effects in 
ionic reactions, and we hope to publish on that subject 
at a future date. The present discussion will be limited 
to the temperature dependence of ACP°. Is there 
evidence for any abnormal absorption of heat, of the 
sort that can be ascribed to endothermic processes 
involving the solvated ions?

In the preceding study of ACP° for acid-base reac
tions in water,4 the most revealing evidence was found 
in the self-ionization of water, where A C\, ° went through 
a maximum near 35°. That maximum was sufficiently 
sharp so that ACP° clearly became less than the maxi
mum within about 10°.

In the present study, if we discount random fluctua
tions, ACP° in Tables III and IV reaches a stationary 
value only at the lowest temperatures: for all three 
reactions, the change in ACP° becomes quite gradual 
below about —65°. A similar approach to a stationary 
value near —90° has been observed in the case of (^“(l) 
for liquid methanol, where precise and generally con
cordant data from two laboratories8,9 are available 
between —93 and 20° (Table III).

We find that the heat capacity data can be repre
sented in each case by a quadratic equation, which fits 
over the entire temperature range with apparently 
random deviations. Because of our interest in sta
tionary values, we shall write the quadratic equation in 
the form (10), where a , b , and 0 are adjustable para
meters and T  is the absolute temperature. Thus 0 is

ACP° (or Cp°(l)) = a  +  b ( T  -  0)2 (10)

the temperature at which ACP° or Cp0 (1) is stationary.
Least-squares values of the parameters are listed in 

Table V, where the parameters are given with at least 
one insignificant guard figure. The quality of the fit 
is illustrated in Tables III and IV. The reaction of 
HBz with NaOCH3 is not included in this treatment 
because the temperature dependence of ACP° is too 
slight to support the use of a three-parameter equation. 
However, AC v °  for that reaction must be the difference 
of ACP° for reactions B and A.

The 0 values in Table V are remarkably similar and 
fall just above the melting point of methanol, 175.3°K. 
To interpret the near coincidence, we recall that ionic 
charge is produced in reactions A and B, and we there
fore assume that a number of methanol molecules be
come immobilized. For example, self-ionization (reac
tion A) might be formulated as in

(» +  2)CH3OH CH3OH2+-mCH3OH +
CH30~-(w — to)CH3OH (11)

(20) See, for example, C. W. Clare, D. Cook, E. C. F. Ko, Y. C. Mae, 
and A. J. Parker, J. Amer. Chem. Soc., 88, 1911 (1966); C. D. Ritchie 
and R. E. Uschold, ibid., 90, 2821 (1968).
(21) J. H. Wolfenden, W. Jackson, and H. B. Hartley, J. Phys. 
Chem., 31, 850 (1927); J. Koskikallio Suomen Kemistilehti, B, 30, 
155 (1957).

C o n s t a n c e  S. L u e n g  a n d  E r n e s t  G r u n w a l d
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Table V Fit of Cp°(l) and of ACP° for Reactions in 
Methanol to Eq 10

---------------------Variable-------------------------
a 10*b 0, ° K

Cp°(l) for MeOH 16.773 
ACP° for A -2 5 .0
ACP° for B —4.9

1.716 178.87 
-2 5 .7  186.78 
-2 8 .0  182.24

“ MeOH is liquid methanol; data of ref 8 and 9. A is the self
ionization of methanol; data in Table III. B is the acid disso
ciation of HBz; data in Table IV.

On that basis, AC p °  = Cp°(solv ions) — ( n  +  2)C'P°(1).
We shall further assume that in the absence of endo

thermic processes in the solvation shells, Cp°(solv ions) 
will increase with temperature only gently. (The heat 
capacity of solid methanol, which perhaps is a model for 
the heat capacity of methanol “frozen” in a solvation 
shell around an ion, has a Debye temperature of 138°K.) 
However, if dCp°(solv ions)/dT = 0, then dACp°/d7T «
— ( n  +  2)dC'p0(l)/dT,; that is, the plots of ACp° vs . 

T  and of Cp°(l) v s . T  differ only by a scaling factor of
— ( n  +  2), and the near equality of 9 is accounted for. 

To make the analysis more quantitative, we assume
that the heat capacity of the solvated ions can be 
represented by a quadratic equation and write

£p°(solv ions) = a  +  0 T  +  y T 2 =

ACP° +  ( n  +  2 ) C p ° ( l )  (12)

On substituting numerical values from Table V for the 
quantities on the right in (12) and the solving for a ,  0 ,  

and 7 , we obtain eq 13 for the self-ionization (reac
tion A). If 0  and y  are indeed small, as assumed, then

a = -114.6 +  22.263 (» +  2) (13a)

0  =  ( 9 5 .7  -  6.14( n  +  2)) X 1n“ 2 (13b)

7 = (-25.7 -  1.716(n +  2 (13c)

n  +  2 «  95.7/6.14 = 15.6 from (13b). , 1.716 =
15.0 from (13c). Although exact equahry is not to be 
expected, the discrepancy is small enough to support 
the assumption. For acid dissociation of benzoic 
acid (reaction B), n  +  1 is found by the same method to 
be 16.7 by setting 0  = 0 and 16.4 by setting 7 = 0.

As with most estimates of solvation numbers, the 
present values can be relied upon only as to order of 
magnitude. However, this method represents an 
improvement over some earlier methods because we 
show (within the framework of our assumptions) that 
the number of solvent molecules that becomes frozen 
does not change with the temperature. In water, 
where the solvated ions are found, by the same ap
proach, to undergo endothermic processes, the estima
tion of solvation numbers from thermodynamic data is 
far more difficult. As reported in the preceding paper,4 
our best estimate of a hydration number for the low- 
temperature form of H30 + +  OH -  is 14, in close agree
ment with the preceding estimates of solvation num
bers for similar ions in methanol.
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Dissociation Constant of Protonated

2 ,2-Bis (hydroxymethyl) -2 ,2 ,2 ' '-nitrilotriethanol (Bis-tris) 

and Related Thermodynamic Functions from 0 to 50°

b y  M a y a  P a a b o  a n d  R o g e r  G .  B a t e s

National Bureau of Standards, Washington, D. C. 80284 (Received August 11, 1969)

The acidic dissociation constant of protonated 2,2-bis(hydroxymethyl)-2,2',2''-nitrilotriethanol (bis-tris) 
has been determined at 11 temperatures from 0 to 50° by emf measurements of hydrogen-silver chloride cells 
without liquid junction. At 25°, piG is 6.483, and consequently buffer solutions of the base and its hydro
chloride are useful for pH control in the region pH 5.5 to 7.5. The values of pAa over the temperature range 
studied are given as a function of the thermodynamic temperature ( T )  by the equation pAa = 1287.855/77 +  
2.7905 — 0.00210396T. Standard thermodynamic functions for the acidic dissociation process have been 
derived. At 25°, AH °  = 28,238 J mol“ 1 (6749 cal mol-1), AS °  = -29.4 J  K-1 mol-1 (-7.0 cal deg“ 1 mol“1), 
and ACP° = 24 J K_1 mol-1 (5.7 cal deg-1 mol-1)- Conventional paH values for five equimolal buffer solutions 
composed of bis-tris and its hydrochloride have been calculated.

I n t r o d u c t i o n

The control of pH in the physiologically important 
range of acidities is rendered difficult by the scarcity of 
weak acid-base systems with pK  between 6 and 8. 
Tris (hydroxymethyl) aminomethane, known variously 
as “THAM” or “tris,” has been shown to be a useful 
biochemical buffer in the range pH 7 to 9,1-4 and the pK  

of the protonated base has been carefully measured 
over the range 0 to 50°.6,6 Attention has recently 
been focused on the N,N-bis(2-hydroxyethvl) deriva
tive of tris, termed “bis-tris,” which, with a pAa of 
6.46, promises to make possible the control of pH be
tween 5.5 and 7.5 at 25°.;7 The free base is named
2,2-bis (hydroxymethyl)-2,2',2 ' '-nitrilotriethanol and
has the formula

HOCH2 C2H4OH
\  /

HOCH2—C—N
/  \

h o c h 2 c2h 4oh

It is not difficult to prepare7 and is now available com
mercially.

In an extension of our studies of the thermodynamics 
of the dissociation of protonated weak bases,8 we have 
now determined the p K a of bis-tris at 11 temperatures 
from 0 to 50°. From the data, the standard en
thalpy, entropy, and heat capacity changes for the dis
sociation process have been evaluated. In addition, 
conventional paH values for equimolal buffer solutions 
composed of bis-tris and its hydrc chloride have been 
calculated.

M e t h o d

The emf method used is essentially that of Harned 
and Ehlers,9 and the procedures were the same in 
nearly all respects as in the study of other bases.6'8'10 
The cell, which had no liquid junction, can be repre
sented by

Pt;H2(g, 1 atm), bis-tris-HCl(m), bis-tris( m ) ,

AgCljAg

The molalities (m) of bis-tris and its hydrochloride were 
equal in all of the buffer solutions.

The solubility of silver chloride in a 0.1 M  solution 
of bis-tris was found to be about 0.0003 mol l._1. 
Since this value is so low, a correction to the molality 
of chloride ion in the solution is unnecessary.10 Fur
thermore, the pH of all of the cell solutions was so close 
to neutrality that the buffer ratio remained at unity, no 
corrections for hydrolysis being needed.

(1) G. Gomori, Proc. Soc. Exptl. Biol. Med., 62, 33 (1946).
(2) H. Stormorken and T. F. Newcomb, Scand. J. Clin. Lab. 
Invest., 8, 237 (1956).
(3) G. G. Nahas and H. Rosen, Fed. Proc., 18, 111 (1959).
(4) R. G. Bates and V. E. Bower, Anal. Chem., 28, 1322 (1956).
(5) R. G. Bates and H. B. Hetzer, J. Phys. Chem., 65, 667 (1961).
(6) S. P. Datta, A. K. Grzybowski, and B. A. Weston, J. Chem. 
Soc., 792 (1963).
(7) J. C. Lewis, Anal. Biochem., 14, 495 (1966).
(8) See H. B. Hetzer, R. A. Robinson, and R. G. Bates, J. Phys. 
Chem., 12, 2081 (1968), and citations to earlier work given there.
(9) H. S. Harned and R. W. Ehlers, J. Amer. Chem. Soc., 54, 1350 
(1932).
(10) R. G. Bates and G. D. Pinching, J. Res. Nat. Bur. Stand., 42, 
419 (1949).
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Table I: Electromotive Force of the Cell Pt;H2(g, 1 atm), Bis-tris-HCl(m), Bis-tris ( m ) ,  AgCl;Ag from 0 to 50° (in V)

m 0° 5° 10° 15° 2C° 25° 30° 35J 40° 45° 50°

0.009032 0.72776 0.72899 0.73005 0.73091 0.73159 0.73210 0.73244 0.73255 0.73270 0.73259 0.73235
0.01328 0.71964 0.72070 0.72160 0.72231 0.72283 0.72320 0.72338 0.72345 0.72335 0.72309 0.72270
0.01884 0.71240 0.71334 0.71411 0.71468 0.71507 0.71530 0.71536 0.71528 0.71505 0.71467 0.71416
0.02707 0.70506 0.70585 0.70648 0.70691 0.70716 0.70725 0.70719 0.73698 0.70660 0.70609 0.70547
0.02868 0.70394 0.70471 0.70530 0.70571 0.70592 0.70599 0.70591 0.73556 0.70527 0.70473 0.70406
0.03851 0.69814 0.69879 0.69927 0.69956 0.69968 0.69964 0.69943 0.69910 0.69859 0.69795 0.69717
0.04634 0.69451 0.69508 0.69550 0.69572 0.69577 0.69566 0.69538 0.69494 0.69436 0.69366 0.69284
0.04776 0.69394 0.69451 0.69490 0.69511 0.69514 0.69502 0.69474 0.69432 0.69374 0.69302 0.69216
0.05298 0.69198 0.69250 0.69284 0.69300 0.69299 0.69280 0.69251 0.69204 0.69142 0.69067 0.68978
0.05698 0.69062 0.69110 0.69144 0.69156 0.69151 0.69132 0.69100 0.69051 0.68987 0.68909 0.68818
0.06490 0.68816 0.68858 0.68886 0.68895 0.68886 0.68863 0.68822 0.68758 0.68699 0.68617 0.68521
0.06634 0.68775 0.68819 0.68844 0.68852 0.68843 0.68818 0.68775 0.68720 0.68649 0.68565 0.68468
0.07323 0.68595 0.68633 0.68654 0.68656 0.68642 0.68614 0.68570 0.68511 0.68437 0.68350 0.68250
0.07936 0.68453 0.68479 0.68498 0.68499 0.68482 0.68450 0.68402 0.68340 0.68264 0.68173 0.68071
0.08593 0.68301 0.68333 0.68348 0.68345 0.68325 0.68289 0.68239 0.68174 0.68094 0.68001 0.67895
0.08738 0.68273 0.68303 0.68317 0.68313 0.68291 0.68255 0.68205 0.68140 0.68060 0.67966 0.67860
0.09843 0.68055 0.68080 0.68090 0.68081 0.68056 0.68016 0.67961 0.67889 0.67805 0.67708 0.67625

The data for the emf (E ) were used to derive acidity 
functions p (u h 7 c i) for each of the cell solutions at all 
11 temperatures by the equation

p OhTci) =  -log (?Rh +7h+7ci-) =

by gravimetric determination of chloride (weighed as 
silver chloride).

The preparation of cell solutions and electrodes 
followed the usual procedures of this laboratory. 
Seventeen different buffer concentrations were studied

E  -  E °  

CRT In 10) J F
+  log m (1)

where E °  is the standard emf of the cell.11 With the 
use of the mass law and the Debye-Hiickel equation, 
the “approximate” dissociation constant K J  was de
rived from the activity function

p R a -  /3m =  p (aH7ci)
2Arn 2̂ 

1 +  B â m h

=  P K J  (2)
where A  and B  are constants of the Debye-Hiickel 
theory and & and /3 are empirical parameters, the former 
being the ion-size parameter and the latter the slope 
parameter. The intercept of pK J  at m  =  0 is pR'a. 
Values of pRa, /3, and a  for the 11 temperatures were 
found by the method of nonlinear least squares using 
the relation set forth in eq 2.

in three different series o7 measurements. The molality 
m was varied between 0.009 and 0.1. The emf read
ings were made between 0 and 50° over a 3-day 
period. Initial and final measurements were made at 
25°. The cells showed excellent stability, the initial 
and final emf readings agreeing well within 0.05 mV.

R e s u l t s

The emf data, corrected to a hydrogen partial 
pressure of 1 atm, are summarized in Table I. The 
values of pRa and & derived from the experimental data 
are listed in Table II. The estimated uncertainties in 
pK & are given in the third column. They are approxi
mately two standard deviation limits. These standard 
deviations were estimated from the last iteration of a 
nonlinear fitting procedure based on a Taylor series 
expansion about the estimated values.

Table II : pXa of Protonatad Bis-tris from 0 to 50°
E x p e r i m e n t a l  S e c t i o n

A commercial sample of bis-tris was purified by re
peated recrystallization from absolute ethanol. The 
product had a melting point of 104.0-104.5°; it 
assayed 99.98% (std dev = 0.01) when titrated with a 
standard solution of hydrochloric acid under carbon 
dioxide-free conditions to a calculated end point of pH 
equal to 3.74 (0.1 M  solution).

Attempts to prepare bis-tris hydrochloride by passing 
dry hydrogen chloride gas into a solution of bis-tris in 
methanol yielded a product which assayed only 99.8% 
by determination of its chloride content. For this 
reason, the solutions used for the emf measurements 
were made by dissolving the crystalline base in a stan
dard solution of hydrochloric acid prepared from twice- 
distilled 6 M  acid. The acid solution was standardized

Estimated
t , "C P A.“ uncertainty piüTai caled& & , Â

0 6.9314 0.0010 6.9306 1.9
5 6.8344 0.0007 6.8353 2.0

10 6.7429 0.0006 6.7431 2.2
15 6.6536 0.0005 6.6536 2.5
20 6.5665 0.0005 6.5669 2.6
25 6.4835 0.0006 6.4827 2.8
30 6.4013 0.0006 6.4009 2.8
35 6.3212 0.0008 6.3215 2.9
40 6.2441 0.0008 6.2442 3.2
45 6.1690 0.0008 6.1691 3.2
50 6.0959 0.0022 6.0959 3.4

“ Derived from the expermental data by eq 2. b p ffa 
: 1287.855/T +  2.7905 -  D.0021039677.

(calcd)

(11) R. G. Bates and V. E. B}wer, J. Res. Nat. Bur. Stand., 53, 283 
(1954).
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Table III: Thermodynamic Functions for the Acidic Dissociation of Bis-tris-H+ at 15, 25, and 35°

15°

& H ° , J m o l-1 
AS°, J K ^ m o l - 1 
a Cp°, J K -1 m o l-1

28,001 (6692)“ 
-3 0 .2  ( - 9 .5 )  
23(5.5)

° Values in parentheses are in calories (1 cal = 4.184 J).

25°

28,238 (6749) 
— 29.4 ( —7.0) 
24 (5.7)

35°

28,482(6807) 
-2 8 .6  ( - 6 .8 )  
25 (6.0)

The calculated values of pKa given in the fourth 
column were computed from the equation

pK % =  1287.855/T +  2.7905 -  0.00210396T (3)

where T  is the thermodynamic temperature in Kelvins. 
The constants in eq 3 were estimated by the method of 
least squares from the pK a values in second column 
using the o m n i t a b  computer program. The residual 
standard deviation of the fit was 0.0007. The pKa 
value reported in Table II (6.483) at 25° is slightly 
higher than that quoted by Lewis7 (6.46).

T h e r m o d y n a m i c  F u n c t i o n s

The standard thermodynamic functions characteriz
ing the dissociation of protonated bis-tris were calcu
lated by the usual thermodynamic formulas from the 
constants of eq 3. The values for 15, 25, and 35° are 
listed in Table III. The estimated uncertainties in 
these values at 25° are AH ° ,  37 J mol-1 (8.8 cal 
mol“1); AS ° ,  0.1 J K -1 mol-1 (0.1 cal deg-1 mol-1); 
A C P° ,  5 J K -1 mol-1 (1.2 cal deg-1 mol-1). These 
uncertainties represent approximately two standard 
deviation limits obtained using the method of prop
agation of error.

p a H V a l u e s

Conventional paH values for equimolal buffer solu
tions composed of bis-tris and its hydrochloride were 
calculated from the acidity functions p(aHTci). The 
convention used for the evaluation of the activity co
efficient of chloride ion was the same one on which the 
NBS standard pH scale is based12

p a „ = p ( a » r c , ) - 1H) " ' m v. (4)

The values of the Debye-Hiickel constant A  at the 11 
temperatures are listed elsewhere.13

Bis-tris buffers should prove useful in controlling pH 
near the neutral point for equilibrium and kinetic 
studies. The values given in Table IV show that the 
dilution or concentration effect on paH is small but that 
dpaH/df amounts to about 0.016 pH K -1 near room 
temperature.

Inasmuch as the convention on which these paH 
values are based is presumed to be exact by definition, 
the uncertainty in paH arises solely from uncertainties 
in E ,  E ° , and the natural constants on which the acidity 
function p(aHYci) is based. The total error in the paH

Table IV: Conventional pcm Values for Equimolal Bis-tris 
Buffer Solutions: Bis-tris-HCl (m), Bis-tris (w) 
from 0 to 50°

-Molality (m)
f, °C 0.02 0.04 0.06 0.08 0.1

0 7.000 7.029 7.050 7.067 7.082
5 6.905 6.932 6.953 6.969 6.983

10 6.812 6.839 6.859 6.876 6.889
15 6.722 6.748 6.767 6.783 6.796
20 6.635 6.662 6.681 6.696 6.710
25 6.551 6.577 6.595 6.610 6.623
30 6.469 6.495 6.513 6.528 6.540
35 6.390 6.415 6.434 6.448 6.460
40 6.312 6.336 6.353 6.367 6.378
45 6.237 6.262 6.280 6.294 6.306
50 6.165 6.190 6.208 6.222 6.235

values is therefore about 0.002 to 0.004 unit, the highest 
uncertainties being at the extreme temperatures of 0 
and 50°. It must be cautioned, however, that residual 
liquid-junction potentials may lead to discrepancies 
greater than 0.01 unit when bis-tris buffer solutions are 
compared with the primary pH standard solutions in a 
pH assembly with liquid junction. Similar (but 
smaller) differences have been observed with tris buffers 
and other buffer mixtures of the charge type R-NH3+, 
RNH2. The departures are in the same direction as 
are found for solutions with pH in excess of 11.14 This 
similarity suggests that the mobility of the anion 
(chloride) is markedly greater than that of the cation 
(protonated bis-tris). The lowered mobility is con
sistent with the highly hydrophilic character imparted 
to the ion by the five terminal OH groups.

D i s c u s s i o n

The piTa and thermodynamic functions for the dis
sociation of protonated bis-tris are compared in Table V 
with the corresponding values for other compourds 
(R-NH3+) structurally related to bis-tris-H+. As 
Timimi and Everett16 have pointed out, hydroxymethyl 
or hydroxyethyl substitution uniformly results in a 
lowering of pKa, AG ° ,  and AH ° . It seems likely that

(12) R. G. Bates and E. A. Guggenheim, Pure Appl. Chern., 1, 163
(1960).
(13) R. G. Bates, “ Determination of pH,” John Wiley & Sons, Inc., 
New York, N. Y., 1964, p 406.
(14) Reference 13, Chapter 3.
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Table V : Thermodynamic Functions at 25° for the Dissociation of Protonated Bases Structurally Related to Bis-tris-H+

Acid pXa A H °  J mol-1 A S 0 J K~* mol-1 A C p °  J K-> mol-1 Ref.

(CH3)3C-NH3 + 10.685 60,070(14,508)“ — 3.1 ( — 0.7) 15(3.6) 15
(CH3)2(CH2OH)C-NH3 + 9.694 53,948(12,894) — 4.6 ( - 1 .1 ) — 19 ( —4.5) 16
CH3(CH2OH)2C-NH3 + 8.797 49,794 (11,901) - 1 .3  ( - 0 .3 ) -4 5  (-1 0 .7 ) 16, 17
(CH2OH)3C-NH3+ 8.072 47,488(11,350) 4.8(1.2) -7 8  (-1 8 .6 ) 5, 6
(CH2OH )„C • NH ( CÆ OH )2+ 6.483 28,238 (6749) -2 9 .4  ( - 7 .0 ) 24(5.7) This work

° Values in parentheses are in calories (1 cal = 4.184 J).

these relatively bulky hydrophilic substituent groups 
partially shield the basic nitrogen and make the inter
action with hydrogen ions more difficult. This is 
especially true of N substitution. The effect on AS °  

of the first hydroxyl substitution in the radical R is 
small, but N substitution of either alkyl groups16 or 
hydroxyethyl groups (Table V) results in rather appre
ciable negative entropy effects. Increased ordering is 
implied, and it may indicate a stabilization of the sol
vent structure in the vicinity of the molecules of un
charged base.

The contrary variation of AS °  and ACP°, apparent in 
Table V, has long been diffiult to explain. Electro
static interactions with charged species lead to an 
orientation of polar solvent molecules in the vicinity of 
the ions and presumably lower both the entropy and

heat capacity of the system. However, the current 
view is that other “hydrophobic interactions” between 
uncharged molecules and the water structure may lead 
to both a d e c r e a s e  in enr,ropy and an i n c r e a s e  in heat 
capacity.18 The nature of these interactions is not yet 
fully understood.

A c k n o w l e d g m e n t . The authors are indebted to Brian
L. Joiner for assistance in the statistical analysis of the 
data.

(15) H. B. Hetzer, R. A. Robinson, and R. G. Bates, J. Phys. Chem., 
66, 2696 (1962).
(16) B. A. Timimi and D. H. E/erett, J. Chem. Soc., B, 1380 (1968).
(17) H. B. Hetzer and R. G. Bates, J. Phys. Chem., 66, 308 (1962).
(18) M. C. Cox, D. H. Everet., D. A. Landsman, and R. J. Munn, 
J. Chem. Soc., B, 1373 (1968).
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Deuterium Isotope Effects and the Dissociation of 

Deuteriophosphoric Acid from 5 to 50°

b y  M a y a  P a a b o  a n d  R o g e r  G .  B a t e s

National Bureau of Standards, Washington D. C. 20234- (Received August 11, 1969)

The first dissociation constant of deuteriophosphoric acid in deuterium oxide has been determined over the tem
perature range 5 to 50° from emf measurements of cells using deuterium gas electrodes and silver-silver chloride 
electrodes, with the following results: pAi = 843.979/21 — 4.5714 +  0.0139555F, where T  is the thermody
namic temperature. The changes of enthalpy, entropy, and heat capacity characterizing the dissociation 
process have been derived from pAi and its temperature coefficient. By comparison of the results with similar 
data for protiophosphoric acid in water, the deuterium isotope effects on pK ,  and the thermodynamic functions 
have been evaluated. The isotope effect pAffin D20) — piG(in H20) is 0.272 unit and almost unchanged over 
the temperature range studied. This value confirms a linear relationship between the isotope effect for inorganic 
acids and pK  (in H20).

I n t r o d u c t i o n

A recent paper1 has focused attention once again on 
the relationship between acidic strength and the deu
terium isotope effect on the dissociation as measured by 
pA(in D20) — pA(in H20). It was shown that this 
difference, or ApA, is not uniformly a linear function of 
p A (in H20) in spite of earlier evidence supporting a 
linear variation.2-6 As a group, inorganic acids fell 
close to a single straight line, especially those with pA 
greater than 7. However, a critical examination of the 
data for a considerable number of organic acids, both 
carboxylic acids and substituted ammonium ions, led to 
ApA in the vicinity of 0.5 to 0.6, even though the cor
responding pA values in water ranged from 0 to 6.

To make the situation still more complex, the points 
for the two strongest inorganic acids that have been 
studied (bisulfate ion and phosphoric acid) fell near, 
but not exactly on, the straight line fixed by the data for 
the inorganic acids of pA greater than 7. Because of 
the high degree of dissociation of these acids, accurate 
pA values are difficult to obtain. Nevertheless, it has 
been shown that reliable values for the first dissociation 
constant of phosphoric acid can be determined by con
fining the measurements to buffer mixtures in which the 
concentration of dihydrogen phosphate ion considerably 
exceeds that of the phosphoric acid.6 A similar pro
cedure has now been applied to a determination of the 
pA of deuteriophosphoric acid in deuterium oxide. 
From the results and those for the pA in water, a new 
value of ApA which lies almost exactly on the straight 
line passing through the ApA values for other inorganic 
acids of higher pA has been obtained.

The pAj for deuteriophosphoric acid in deuterium 
oxide was determined at ten temperatures from 5 to 50° 
by the analysis of emf data for cells without liquid junc
tion containing deuterium gas electrodes and silver- 
silver chloride electrodes. The thermodynamic func

tions—enthalpy, entropy, and heat capacity—character
izing the dissociation of deuteriophosphoric acid in 
D20  have been derived from pAi and its temperature 
coefficient. The deuterium isotope effect, namely 
pAj(in D20) — pAi(in H20), was found to be 0.272 
unit and to remain almost unchanged between 5 and 
50°.
M e t h o d

The cell can be represented

Pt;D2(g, 1 atm), DCl(m), KD2P04(4m), AgCljAg 
(in D20)

where m  is the molality in mol kg-1. The standard emf 
(.A° ) of this cell being known,7 the pAi for deuteriophos
phoric acid in D20 can be related to the emf (A) by

p A j =
(A -  A°)A 
{ R T  In 10)

+  log m +

, W -D jP O , ,  T D j P O . T C l -  , , ,log------------b log --------------  (1)
RIvh po(- 7 d 2p o , -

The last term of eq 1 is expected to be small in very 
dilute solutions and to vary linearly with ionic strength
(7) at higher concentrations. Hence

p A /  =  p A i  -  ß l  =
(A — A°)A m  ■ rrepapp, 
{ R T  In 10) rtt-Djpo,- (2)

(1) R. A. Robinson, M. Paabo, and R. G. Bâtes, J. Res. Nat. Bur. 
Stand., 73A.299 (1969).
(2) R. P. Bell, "The Proton in Chemistry,” Cornell University Press, 
Ithaca, N. Y., 1959, Chapter 11.
(3) P. Ballinger and F. A. Long, J. Amer. Chem. Soc., 82, 795 (1960).
(4) N. C. Li, P. Tang, and R. Mathur, J. Phys. Chem., 65, 1074
(1961).
(5) See also E. Hôgfeldt and J. Bigeleisen, J. Amer. Chem. Soc., 82, 
15 (1960).
(6) R. G. Bâtes, J. Res. Nat. Bur. Stand., 47, 127 (1951).
(7) R. Gary, R. G. Bâtes, and R. A. Robinson, J. Phys. Chem., 68, 
1186 (1964).
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where pA/, the approximate value of pAi at finite I ,  

becomes equal to pAi on linear extrapolation to I  = 0.
The deuteriophosphoric acid is rather extensively 

ionized, even though the stoichiometric ratio of D2PO4-  
to D3PO4 was kept at a high value (3) to repress ion
ization. Consequently, estimation of mD * was neces
sary in order to calculate the second term on the right 
of eq 2 with the required accuracy

m - m - D ,Po, _  m ( m  — mD+)
WdjPOi-  3wz -)- m o +

It was evaluated from the acidity function p (udYci), 
together with values of the mean activity coefficient of 
deuterium chloride calculated by a Debye-Hiickel 
formula

-  log mD+ = p(udYci) +  2 log y ± (DC1)

( E  -  E ° ) F  , 2A ( I d 0) ' /2

~  R T  In 10 +  °gm “  1 +  B d ( I d 0) 1/1
(4)

In eq 4, A  and B  are the Debye-Hiickel constants for 
the appropriate temperature and solvent dielectric 
constant,7 & is the ion-size parameter, and d 0 is the 
density of the solvent.8 The ionic strength is given by

I  =  4m +  (5)

It was shown earlier6 that the estimation of mo* (or 
mH+) introduces the major uncertainty into the 
determination of pA values for moderately strong acids 
by the emf method. In the present work, a computer 
program combining eq 2, 3, 4, and 5 was written. 
Values of the ion-size parameter & were selected, and 
corresponding values of pA’i ’ were computed. The inter
cept pAj was obtained by the method of least squares, 
and the standard deviation of the intercept was de
rived. The value of the ion-size parameter which 
yielded the smallest standard deviation for pAi was 
judged to be the best choice. The & values all fell in 
the range 4.5 to 5.5 A, showing no dependence on 
temperature. It is noteworthy that this is of the same 
order (4.3 to 5.0 A) found for HC1 in water9 and for DC1 
in deuterium oxide7 over this temperature range. How
ever, in the present procedure, & enters only indirectly 
in a correction term (eq 4).

E x p e r i m e n t a l  S e c t i o n

M a t e r i a l s .  Potassium dihydrogen phosphate, NBS 
Standard Reference Material 21S6I, was used. It was 
heated at 120° for 2 hr. The salt was converted into 
KD2PO4 upon solution in deuterium oxide; the result
ing contamination of the solvent (0.4 atom % hydrogen 
in the most concentrated of the cell solutions) was too 
slight to be of concern.

The deuterium oxide used had an isotopic purity of 
99.8% and a conductivity of 9 X 10~7 il-1 cm-1 at

25°. Deuterium gas, obtained commercially, was 
analyzed by mass spectrometry at intervals during the 
course of the work. The results uniformly indicated a 
hydrogen content less tian 0.5 atom %. The stock 
solution of deuterium chloride was prepared by diluting 
a commercial sample of the acid (20% DC1 in D20) 
with deuterium oxide. 1 ts molality was determined by 
coulometric analysis.

C e l l s  a n d  P r o c e d u r e s . The cells were of all-glass 
construction except for the Teflon stopcock plugs. 
These cells have been described in ref 7. The pro
cedures differed slightly from those followed earlier, in 
that the vacuum treatment of the electrodes was 
omitted. Instead, the solutions were saturated with 
deuterium gas, and the cell vessels were flushed with 
deuterium before the solutions were admitted. The 
measurements at the ten temperatures extended over a 
period of 3 days. A comparison of the initial and 
final emf at 25° indicated excellent stability during this 
period, the average change for all cells during the course 
of the run being only 0.05 mV. To conserve deuterium 
gas, the flow was interrupted during the night when 
measurements were not being made.

R e s u l t s

The observed emf values recorded at a total pressure 
(deuterium gas plus solvent vapor) equal to the 
atmospheric pressure were corrected in the usual way to 
a deuterium partial pressure of 1 atm. The corrected 
values are summarized in Table I. In the analysis of 
the data, a range of values of the ion-size parameter a  

was chosen, and the corresponding intercepts (pAi) 
were obtained in the manner already described, to
gether with the standard deviations of the inter
cepts. The best estimates of & and pA) were assumed 
to be those for which the standard deviation was at a 
minimum. This criterion, adopted in the analysis of 
the data for the standard emf of the hydrogen-silver 
chloride cell in ordinary water,9 has proved useful in 
many other similar studies in this laboratory.

The values of p K i  and the corresponding standard 
deviations of the intercepts are listed in Table II. 
The dissociation constants are based on the molal 
scale. The experimental values of pAi can be ex
pressed by the equation

pAT = 843.979/T -  4.5714 +  0.0139555T (6)

where T  is the thermodynamic temperature, f(°C) +
273.15. The standard deviation of the ten pA! values 
from those calculated bj this equation is 0.0003. The 
constants of eq 6 were found by the method of least 
squares with the aid of the om nitab  program. The 
pAi in water is listed ir. the next to the last column and

(8) T. L. Chang and L. H. Tung, Chinese J. Phys., 7, 230 (1949).
(9) R. G. Bates and V. E. Bower, J. Res. Nat. Bur. Stand., 53, 283 
(1954).
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Table I: Electromotive Force of the Cell Pt;D2(g, 1 atm), DCI(to), KD2PO,i(4m), AgCljAg from 5 to 50° (in V)

m 5° 10° 15° 20° 25° 30° 35° 40° 45° 50°

0.003416 0.52942 0.53258 0.53564 0.53865 0.54161 0.54444 0.54725 0.54997 0.55269 0.55537
0.004754 0.51898 0.52200 0.52495 0.52785 0.53069 0.53347 0.53616 0.53887 0.54149 0.54408
0.008000 0.50347 0.50629 0.50904 0.51164 0.51431 0.51700 0.51957 0.52207 0.52454 0.52697
0.01044 0.49570 0.49841 0.50106 0.50362 0.50621 0.50880 0.51125 0.51372 0.51611 0.51844
0.01448 0.48642 0.48901 0.49153 0.49399 0.49646 0.49888 0.50125 0.50355 0.50585 0.50811
0.01976 0.47793 0.48039 0.48280 0.48520 0.48755 0.48987 0.49211 0.49437 0.49655 0.49863
0.02496 0.47164 0.47402 0.47633 0.47861 0.48090 0.48312 0.48533 0.48745 0.48956 0.49163
0.02946 0.46716 0.46946 0.47172 0.47395 0.47615 0.47835 0.48046 0.48258 0.48462 0.48662
0.03467 0.46279 0.46506 0.46724 0.46940 0.47155 0.47365 0.47574 0.47774 0.47975 0.48166
0.03936 0.45951 0.46171 0.46386 0.46588 0.46796 0.47022 0.47222 0.47425 0.47618 0.47808
0.04487 0.45597 0.45813 0.46021 0.46227 0.46431 0.46636 0.46835 0.47026 0.47216 0.47403
0.04876 0.45368 0.45580 0.45787 0.45990 0.46191 0.46395 0.46587 0.46781 0.46966 0.47149

Table II : Dissociation Constant of Deuteriophosphoric Acid Table III : Thermodynamic Functions for the Dissociation
in Deuterium Oxide from 5 to 50° and Related Isotope Effect of Phosphoric Acid in Deuterium Oxide and Water at 25°

t, °c
pXi,

DaO, exptl Std dev“
pXi

(H îO)6 Ap K

5 2.3445 0.0007 2.071 0.273
10 2.3610 0.0007 2.088 0.273
15 2.3788 0.0007 2.106 0.273
20 2.3981 0.0005 2.127 0.271
25 2.4202 0.0005 2.148 0.272
30 2.4437 0.0007 2.171 0.273
35 2.4677 0.0007 2.196 0.272
40 2.4939 0.0008 2.222 0.272
45 2.5211 0.0007 2.249 0.272
50 2.5501 0.0008 2.278 0.272

“ At each temperature, n  =  12. b Reference 6.

the isotope effect, ApA = pA, 'in D20) — pAj(in 
H20 ), in the last column.

To provide a further confirmation of the magnitude 
of the isotope effect, a series of measurements of pAi in 
ordinary water was also made, following exactly the 
same procedure as for the measurements in deuterium 
oxide. The values of pAi(in H20) so obtained agreed 
very well with those found earlier by Bates,6 the average 
difference at the ten temperatures being only 0.0019 
unit.

The value of pAi at 25° given in Table II (2.420 on 
the molal scale) can be compared with 2.362 (molar 
scale) obtained from conductance measurements by 
McDougall and Long.10 Inasmuch as the scalar 
difference is log d 0 (0.043 at 25°), the latter value be
comes 2.405 on the molal scale. The agreement is 
therefore seen to be quite satisfactory, particularly so 
in view of the difficulties encountered in measuring the 
pA of an acid as strong as phosphoric.

The thermodynamic functions enthalpy, entropy, and 
heat capacity for the dissociation cf deuteriophosphoric 
acid in heavy water at 25° have been calculated in the 
usual way from the temperature coefficient of pA, using 
the constants of eq 6. They are given in Table III

A H ° ,  J mol-1 
AiS°, J K _1 mol-1 
ACp0, J K -1 mol-1

In DiO

-7593 (-1815)* 
—71.8 (—17.2) 
-159 ( -3 8 )

In H îO6

— 7650 ( —1828)
— 66.8 ( —16.0) 
-154  ( -3 7 )

6Ref-a  Values in parentheses are in calories (1 cal = 4.184 J). 
erenee 6.

and compared with the corresponding quantities for the 
dissociation of phosphoric acid in ordinary water.6 
The uncertainties in the thermodynamic functions 
estimated from the variances of the least-squares con
stants of eq 6 are as follows: AH ° ,  12 J mol-1 (3 cal 
mol-1); A S 0 , 0.1 J K -1 mol-1 (0.1 cal deg-1 mol-1); 
ACP°, 2 J K -1 mol-1 (0.5 cal deg-1 mol-1).

D i s c u s s i o n

Six weak acids have now been studied in both water 
and deuterium oxide by thermodynamically rigorous 
methods utilizing cells without liquid junction. The 
pA values for these acids in the two solvents are com
pared in Table IV. The isotope effect ApA, that is, 
pA(in D20) — pA(in H20), is given in the last column. 
The acids are arranged in order of decreasing strength 
in water. It can be seen in Figure 1, where ApA is 
plotted as a function of pA(in H20), that ApA for 
phosphoric acid now lies on the straight line fixed by 
the isotope effects for the three inorganic acids with pA 
greater than 7. The point marked “AcOD” represents 
the ApA value for both acetic acid and acetic acid-(A 
Its departure from the line is too large to be attributed 
to experimental error. Taken with other data sum
marized elsewhere,1 it supports the conclusion that the 
isotope effect is different for organic and inorganic 
(mineral) acids below pA =  7. It cannot be said, 
however, that a clear difference between carboxylic 
acids, phenols, and anilinium acids exists.1 The charge 
(10) A. O. McDougall and F. A. Long, J .  P h y s .  C h e m . ,  66, 429 (1962).
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Table IV : Deuterium Isotope Effects on pA at 25°

Acid
P K

(in DiO)

Phosphoric 2.420
Acetic 5.312
Acetic-da 5.326
Primary phosphate ion 7.780
Bicarbonate ion 11.077
Solvent 14.955

P K
(in HsO) A pA ReP

2.148 0.272 This work, 6
4.756 0.556 11,12
4.771 0.553 13,14
7.200 0.580 15,16

10.329 0.748 17, 18
13.997 0.958 19, 20

° The first reference is to the pA (in D20), the second to the pA (in H20).

Table V : Deuterium Isotope Effect on the Thermodynamic Functions for the Dissociation of Weak Acids at 25°'*

AH°(d)  -A J P (h ) , AS°(d) -  A S °(h ’ ,a ACp°(d) -  ACp°
Acid J m ol-1 J K-> m ol ' 1 J K - 'm o l - 1

Phosphoric 57 (13)* —5.0 ( —1.2) - 4 ( - l )
Acetic 1561(373) — 5.4 ( — 1.3) - 8  ( - 2 )
Acetic-da 1456 (348) —5.4 ( — 1.3) -1 7  ( - 4 )
Primary phosphate ion 1628 (389) - 5 .9  ( - 1 .4 ) -1 8  ( - 4 )
Bicarbonate ion 2564 (613 ; - 5 .9  ( - 1 .4 ) +  15 (+ 4 )
Solvent 3284 (785] —7.3 ( —1.7) 1 OA T 00

“ d = in DaO; h = H20. b Values in parentheses are in calories (1 cal = 4.184 J).

Figure 1. Deuterium isotope effects (ApA) for some weak 
acids plotted as a function of p K  (in H20 ) at 25°.

type thus appears to be of secondary importance, ir_ 
agreement with the conclusion of Martin.21

The pK  values of a sufficient number of weak acids 
have now been determined over a range of temperatures

in both water and deuterium oxide to make worthwhile 
a comparison of the enthalpy, entropy, and heat 
capacity effects of changing solvent. Such a compari
son is made in Table V ; the acids are again arranged in 
order of increasing pK  (decreasing strength).

The figures given in each column represent the excess 
of the indicated thermodynamic function (AH ° ,  

A S ° ,  or ACp°) in deuterium oxide over the value in water. 
The differences in enthalpy and heat capacity are seen 
to increase as the acid becomes weaker, but the isotope 
effect on the entropy change appears to be nearly in
dependent of the acidic strength.

The very slight decrease in ApA from 5 to 50° ap
parent in Table II is consistent with the small positive

(11) R. Gary, R. G. Bates, and R. A. Robinson, J. Phys. Chem. 
69, 2750 (1965).
(12) H. S. Harned and R. V7. Ehlers, ./. Amer. Chem. Soc., 55, 652 
(1933).
(13) M. Paabo, R. G. Bates and R. A. Robinson, J. Phys. Chem., 
70,2073 (1966).
(14) M. Paabo, R. G. Bates, and R. A. Robinson, ibid,., 70, 540 
(1966).
(15) R. Gary, R. G. Bates, aLd R. A. Robinson, ibid., 68, 3806 (1964).
(16) R. G. Bates and S. F. Acree, J. Res. Nat. Bur. Stand., 34, 373 
(1945); F. Ender, W. Teltsclik, and K. Schafer, Z. Elektrochem., 61, 
775 (1957); A. K. Grzybows-d, J. Phys. Chem., 62, 555 (1958).
(17) M. Paabo and R. G. Bates, ibid., 73, 3014 (1969).
(18) H. S. Harned and S. R. Scholes, Jr., J. Amer. Chem. Soc., 63, 
1706 (1941).
(19) A. K. Covington, R. A. Robinson, and R. G. Bates, J. Phys. 
Chem., 70, 3820 (1966).
(20) H. S. Harned and R. A. Robinson, Trans. Faraday Soc., 36, 
973 (1940).
(21) R. B. Martin, Science, 139, 1198 (1963).
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values of A H ° ( d )  — A H ° ( h )  given in Table V. The 
two quantities are related by

_ d(ApK )  = A H °  (d) -  A H ° ( h )

dT  R T 2 In 10 1 ‘

The enthalpy differences listed in the second column of 
Table V show that the isotope effect on pK  decreases

uniformly with increasing temperature and that the 
decrease is greater the weaker the acid.

A c k n o w l e d g m e n t . The authors are indebted to C. E. 
Champion and W. D. Dorko of the Analytical Chem
istry Division for the coulometric analyses of the DC1 
solution and the mass spectrometric examination of the 
deuterium gas.

The Intrinsic Viscosity of Poly electrolytes
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The intrinsic viscosity of sodium poly (acrylate) was determined in sodium bromide solutions of various concen- 
trations C B as a function of molecular weight M  and degree of ionization i . It was found experimentally that the 
electrostatic part of the expansion factor, which is defined as the ratio of the intrinsic viscosity to its value at 
infinite ionic strength, can be expressed in terms of a reduced parameter (M / C ,)*/* at all degrees of neutraliza
tion if the molecular weight is lower than 106. On the other hand, in almost all theories so far published, the 
electrostatic part of the expansion factor is given as a function of M 'A / C S if the charge density of the polyion is 
low enough.

I n t r o d u c t i o n

Among various characteristic properties of linear 
polyelectrolyte solutions, the intrinsic viscosity may be 
one of the most important problems remaining unsolved. 
In spite of a vast number of publications on this prob
lem, the following features of the intrinsic viscosity of 
linear polyelectrolytes have not yet been explained.

( 1 )  M o l e c u l a r  W e i g h t  D e p e n d e n c e  o f  I n t r i n s i c  V i s c o s 

i t y .  The theories on the expansion factor of n o n i o n i c  

polymers can be, roughly speaking, divided into two 
types. The representative of the first type is the well 
known theory of Flory1 which gives

a6 -  a3 = 2.60j (1)

where a2 represents the ratio of the mean-square end- 
to-end distance of polymer perturbed by the excluded 
volume effect to that of the unperturbed polymer and 
z  is proportional to the square root of molecular weight 
such as

= (3/2tt )' h B A ~ * M ' h (2a)

A 2 = ( h 02) / M (2b)
B  =  S/nis2

/* œ
=  (4w/ m s 2)  I {l — exp[—u ( r ) / k T ]  } r 2d r  (2c) 

Jo

Here, ( h 02) is the mean end-to-end distance of unper
turbed polymer, M  and m s are the molecular weights of 
the polymer and a segment, ¿3 is the excluded volume 
characterizing the interaction between a pair of seg
ments, and u ( r )  is the potential of average force between 
two segments at distance r  apart. The other represen
tative is the theory of Stockmayer and Fixman2 which 
gives

a3 — 1 = 2 z  (3)

The recent experimental results of light scattering 
from n o n i o n i c  polymer solutions appear to show that 
eq 1 agrees with experimental results better than eq 3.M 
However, the conclusion cannot always be valid if we 
compare the theories with experimental data of in
trinsic viscosity by assuming the Flory-Fox relation
ship1 that

M / M e  =  <  (4)
a, 3 = a3 (5)

(1) P. J. Flory, “ Principles of Polymer Chemistry,” Cornell Univer
sity Press, Ithaca, N. Y., 1953, Chapter XIV.
(2) W. H. Stockmayer and M. Fixman, J. Polym. Sci. Part C, 1, 
137 (1963).
(3) G. C. Berry, J. Chem. Phys., 44, 4550 (1966); 46, 1338 (1967).
(4) T. Norisuye, K. Kawahara, A. Teramoto, and H. Fujita, ibid., 
49, 4330 (1968); K. Kawahara, T. Norisuye, and H. Fujita, ibid., 49, 
4339 (1968).
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where [rj] and [17 ]e are the intrinsic viscosities in 
non-0 and 9 solvents, respectively. If the molec
ular weights are low or if the expansion factor a 2 is not 
high, eq 3 appears to be in better agreement with experi
mental data of intrinsic viscosity cf b o th  n o n i o n i c  a n d  

i o n i c  polymers than eq l.B The reason for the discrep
ancy between the experimental results on viscosity and 
expansion factor at low molecular weights is not fully 
clear, though there are some speculations.3'4

Concerning the molecular weight dependence of the 
intrinsic viscosity of p o l y  e l e c t r o l y t e s , moreover, there 
are more ambiguous points. It has not yet been con
firmed that the experimental expansion factor of poly
ion a, 3 can be explained by eq 1 when the molecular 
weights are high. The relationship of eq 5 should also 
be examined more carefully for polyions than for non
ionic polymers since the effect of drainage on intrinsic 
viscosity may not be neglected because of their high 
expansion.6 In any case, the molecular weight depen
dence of the expansion factor of the polyion is not 
necessarily expressed by the same equation as used for 
nonionic polymers since the distribution function of 
segments inside a polyion coil may be different from 
that inside a nonionic polymer coil.

( 2 )  I o n i c  S t r e n g t h  D e p e n d e n c e  o f  I n t r i n s i c  V i s c o s i t y .  

If the molecular weight is kept constant, the intrinsic 
viscosity of a polyion is experimentally found, with no 
exception, to be linear with respect to the reciprocal 
square root of ionic strength ( 1 \ / C s ) . 7 ’8 The linearity 
was first found and explained by Pals and Hermans.7 
The theory of Flory9 also gives the linear relationship 
if the molecular weight is kept constant. As shown 
later, however, neither theory can explain the molecular 
weight dependence of intrinsic viscosity of low molec
ular weight samples, for which, too, the linearity of 
[17] against 1 /s / C , holds well.10,11 Therefore, the agree
ment between the theories and experimental results 
may be fortuitous. Beside these two theories, several 
theories (Fixman,12 Kurata,13 Alexandrowicz14) were 
published to explain both the molecular weight and 
ionic strength dependences consistently. It is one of 
our purposes to examine these theories using the experi
mental data covering wider conditions than before.

(5) T h e  E f f e c t i v e  C h a r g e  D e n s i t y  ( I o n - B i n d i n g ) .  In 
all theories so far published, it is assumed that the 
effective charge density of the polyion is lower than the 
analytical charge density due to binding of counterions 
on the macro-ion. The origin of this ion binding is be
lieved to be that the counterions are attracted closely 
to the polymer skeleton by the high charge density of 
the polyion so that the ionic atmosphere around the 
fixed charges may be quite different from that of the 
Debye-Hiickel type. One of the most important 
assumptions concerning ion binding is that the degree of 
ion binding is assumed to be independent of both added- 
salt and polymer concentrations. This assumption 
appears to be permissible for studies on the thermody

namic properties of poly electrolyte solutions such as the 
osmotic pressure coefficient and ionic activity coeffi
cient.16-18 To discuss the expansion of the polyion, 
however, the assumption cannot be accepted without re
examination since only a sLght change in the degree of 
ion binding causes a great change in the expansion fac
tor calculated. Before we can understand the ion
binding phenomenon precisely, it may be desirable to 
avoid the use of the assumption of ion binding by com
paring the theories with experimental data at the limit 
of negligible charge density where no ion bonding can be 
assumed.

In the present work, the intrinsic viscosities of poly- 
(acrylic acid) (PAA) with various degrees of ionization 
are determined in the solutions of various ionic 
strengths. Then, the dependence of the intrinsic 
viscosity on molecular weight, ionic strength, and 
charge density are experimentally established. The 
data, particularly the data at low charge density, are 
compared with the theories so far published. From 
the comparison, it will be pointed out that all theories so 
far published are not satisfactory.

E x p e r i m e n t a l  S e c t i o n

S a m p l e s . The high molecular weight samples of 
poly (sodium acrylate) (NaPA) were obtained from the 
samples supplied from To 1 Gosei Co., Ltd. by frac
tionation, while the samples of low molecular weights 
were separated from the samples which were prepared 
by polymerization with (NH4)2S208 as a catalyst in 
NaOH aqueous solution under nitrogen gas atmosphere 
at 55°. The samples of poly(methacrylic acid) 
(PMAA) were also prepared by polymerization with 
H20 2 in aqueous solutions. The unfractionated sam
ples were purified three timis by precipitation and then 
fractionated in methanol-water mixtures in the pres
ence of NaOH for NaPA or in hexane-isopropyl 
alcohol mixtures for PMAa . The fractions were first 
freeze-dried and then completely dried under vacuum 
at 65°.

(5) M. Kurata and W. H. Stockmayer, Fortschr. Hochpolym. Forsch., 
3, 196 (1963).
(6) M. Nagasawa and Y. Eguchi, J. Phys. Chem., 71, 880 (1967).
(7) D. T. F. Pals and J. J. Hermans, Rec. Trav. Chim., 71, 433 (1952).
(8) R. A. Cox, J. Polym. Sci., 47, 441 (1960).
(9) P. J. Flory, J. Chem. Phys., 21, 162 (1953).
(10) A. Takahashi and M. Nagasawa, J. Amer. Chem. Soc., 86, 543 
(1964).
(11) S. Lapanje and S. Kovac, J. Macromol. Sci. {Chem.), A l(4) 
707 (1967).
(12) M. Fixman, J. Chem. Phys., 41,3772 (1964).
(13) M. Kurata, J. Polym. Sci. Pa-t C, 15, 347 (1966).
(14) Z. Alexandrowicz, J. Chem. Phys., 46, 3789, 3800 (1967); 47, 
4377 (1967).
(15) R. Mock and C. A. Marshal, J. Polym. Sci., 13, 263 (1954).
(16) M. Nagasawa, M. Izumi, and I. Kagawa, ibid,., 37, 375 (1959).
(17) M. Nagasawa, A. Takahashi, M. Izumi, and I. Kagawa, ibid., 
38, 213 (1959).
(18) Z. Alexandrowicz, ibid., 43, 337 (1960).
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Molecular weights of NaPA and PMAA were de
termined from their intrinsic viscosities using for NaPA

[v ] = 12.4 X 10- W V*A in 1.5 N  NaBr at 15°10 

and for PMAA

b] = 6.6 X 10~4Mw1/! in 0.002 N  HC1 at 30°19

The molecular weights of the fractionated samples thus 
determined are shown in acid forms in Table I. Since, 
in the present work, attention is focused on the com
parison between the intrinsic viscosities of the samples 
having different molecular weights, we prefer the viscos
ity method rather than the light-scattering method to 
determine the molecular weights of the samples. The 
viscosity equation for NaPA was previously determined 
by a light-scattering method using the same series of 
NaPA.10

Table I

Poly(acrylic acid)

„  „  P A A l PAA2 PAA3 PAA4 PAA5 PAA6 PAA7 PAA8
M v X

10-4 80.4 53.2 22.4 12.3 3.53 3.77 1.91 0.962

Poly(methacrylic acid)
„  „  PM AA1 PM AA2 PM AA3 PM AA4
M v X

10-4 65.5 32.3 24.1 10.6

These fractions of NaPA were converted into acid 
forms by passing through a mixed bed ion-exchange 
resin column (Amberlite IR-120 and IR-400). The 
partially neutralized samples were prepared by adding 
calculated amounts of NaOH in the presence of added 
salt of various concentrations. The added salts were 
sodium bromide and sodium chloride of a special grade 
of Katayama Chemical Co. The salt concentrations 
used were 0.5, 0.1, 0.025, and 0.01 mol/1. of NaBr for 
PAA and 0.1 mol/1. of NaCl for PMAA. Other 
concentrations were also used to determine the un
perturbed dimension of PAA at each charge density.

I n t r i n s i c  V i s c o s i t y  M e a s u r e m e n t s . Intrinsic viscosities 
of partially neutralized samples were determined at 
25 ±  0.01° in an atmosphere of nitrogen gas with 
capillary viscometers of the modified Ubelohde type, 
which have three or four bulbs to give the rate of shear 
corrections. The kinetic energy correction factors of 
the three viscometers were not more than 0.8%. The 
constants K  in the equation for the average rate of 
shear (j  = K / v Tei) were between 99 and 557 sec-1. 
The rate of shear dependence of viscosity was observed 
for the samples having high molecular weights but was 
found to be negligible at salt concentrations higher 
than 0.025 N .  Typical examples of polymer concentra
tion dependence of viscosity at various charge densities 
are shown in Figure 1. The reduced viscosity was

C, g/dl.
Figure 1. Selected viscosity vs. concentration plots for sample 
PAA2 with various degrees of ionization; concn of NaBr, 0.025 
N ;  degrees of ionization, 0.103,0.200, 0.600, and 1.0 from 
bottom to top.

found to increase with decreasing polymer concentra
tion if the degree of neutralization i  is 0.1 and the 
polymer concentration is lower than 0.1 g/dl. Since 
this is caused by dissociation of unneutralized carboxyl 
groups, the intrinsic viscosity was obtained by ex
trapolating the viscosity data at concentrations higher 
than about 0.1 g/dl to zero polymer concentration. 
The actual degree of dissociation at i  =  0.1 is 0.103 if a 
correction for the hydrogen ion concentration in the 
solutions is calculated from the pH.20 At a degree of 
neutralization higher than 0.2, the correction is negligi
ble and the degree of dissociation is equal to the degree 
of neutralization.

R e s u l t s

Examples of the variation of intrinsic viscosity with 
charge density are given in Figure 2. A remarkable 
difference between the behaviors of PAA and PMAA is 
observed in the region of low charge density. The 
intrinsic viscosity of PAA increases with increasing 
charge density smoothly, whereas that of PMAA is 
constant at low charge density but begins to increase 
when the charge density reaches a certain value. That 
is, the radius of gyration of PMAA coil does not in-

(19) A. Katchalsky and H. Eisenberg, J . Polym. S ci, 145 (1950).
(20) M. Nagasawa and I. Noda, J. Amer. Chem. Soc., 90, 7200 
(1965).
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Figure 2. Typical examples of the relationship between 
intrinsic viscosity and degree of ionization; conen of NaBr, 0.1 
N ;  solid lines denote the data of PAA4 and PAA2 and broken 
lines denote the data of PMAA4 and PMAA1 from 
bottom to top.

crease with increasing electrostatic repulsive force until 
the repulsive force reaches a certain value. This 
unusual behavior is believed to be due to the hydro- 
phobic interaction of methyl group of PMAA which 
keeps the compact structure o: PMAA coil. Similar 
behavior of PMAA is also observed in the potentio- 
metric titration data.* 21'22 Therefore, most of the 
present experiments were carried out by using PAA 
which does not show such unusual behavior. Except at 
low charge density, however, there is no qualitative 
difference between the behavior of both polyacids.

Examples of the relationship between fo] and the 
molecular weight of PAA are shown in a logarithmic 
scale in Figure 3. The values of K  and v in the Mark- 
Howink-Sakurada equation, [?/] = K M ", are given in 
Table II as a function of both added salt concentration 
and charge density. The coefficient v  increases more 
rapidly at low charge density than at high charge 
density.

If we assume that a polymer coil is nondraining for 
solvent flow, we have the following type of equation for 
intrinsic viscosity in the framework of two-parameter 
theory23

a,3 = 1 +  a z  +  (higher terms of z )  (6)

M , .

Figure 3. Viscosity equations of poly(acrylic acid) with 
various degrees of ionization; concn of NaBr, 0.1 N ;  degree of 
ionization, 0.005, 0.1, 0.2, 0.3, 0.4, 0.6, and 1.0 from 
bottom to top.

Table I I : Dependence of X  and v  in Viscosity Equation 
on Ionic Strength and Charge Density at 25°

-------------------------- C,------------ -------
i 0.5 0.1 0.025 0.01

0.103 23.7 2.07 1.04 0.356
0.200 9 28 1.61 0.942 0.515
0.400 3 69 1.93 1.085 1.00
0.600 3 74 2.35 1.38 1.34
1.0 5 06 3.12 1.76 1.32
0.103 0 384 0.679 0.785 0.909
0.200 0 521 0.743 0.838 0.926
0.400 0.655 0.743 0.867
0.600 0 675 0.768 0.860 0.898
1.0 0 656 0.755 0.850 0.910

though no definite conclusion has yet been obtained 
on the validity of a power series expansion of a,8 in 
terms of z . The value of a  is a numerical constant 
depending on the theory adopted. If we neglect the 
higher terms of z , eq 6 reduces to the well known theory

(21) J. G. Leyte and M. Mandel, J. Polymer Sci., Part A, 2, 1879 
(1964).
(22) M. Nagasawa, T. Muraae, and K, Kondo, J. Phys. Chem„ 69, 
4005 (1965).
(23) M, Kurata and H, Yamakawa, J. Chem. Phys., 16, 565 (1948).
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of Stockmayer and Fixman, 2 eq 3, which can be trans
formed into

[V]/M1/2 =  K0 +  0.51$oJ5MVi (7)

Here, 4>0 is the well known Flory constant1 at the 6 

temperature (2.87 X 1021) and K0 is also a constant 
related to the unperturbed dimension of the polymer by

K o
4>0(feo2)Vi

M
(8)

Equation 7 was found to agree with the experimental 
data of polyelectrolytes very well if "he expansion is not 
very high. Therefore, our first trial is to examine the 
linearity of [?j with respect to All data
obtained in this work clearly show that a good linear 
relationship holds between [17 ]/ihf1/2 vs. M'/2 if the 
molecular weights are not too high and the concentra
tion of added salt is not too low. Some examples at a 
low degree of dissociation are shown in Figure 4, while 
examples at the full neutralization were shown pre
viously.10 However, if the expansion factor of polyion 
coil is very high because of high charge density or low 
ionic strength, a deviation from the linear relationship is 
observed. A similar deviation from the linearity was 
often reported for nonionic polymers. 24 Thus, it may 
be concluded that the “ apparent”  long-range interaction 
parameter B may be estimated from the slope in the 
[■t)]/M'h vs. Ml/t plot.

The values of B thus determined are plotted against 
the inverse square root of added salt concentration in 
Figure 5. It is clear that the linear relationship 
between B and 1/C SI/2 holds not cnly at high charge 
density but also at low charge density. It is also 
observed that B increases with increasing charge 
density as shown in Figure 6 . These results imply that 
B may be expressed as

B =  Bo +  Be

= Bo +  B ' i { i ) l / c : h  (9)

where B0 and Be are the terms due to the nonelectro- 
static and electrostatic interactions, respectively, B' is a 
numerical constant, and f(t) is an increasing function of 
charge density i. The value of B0 seems independent 
of the charge density as shown in Figure 5. The 
linear relationship between B and l/C s'/! corresponds to 
the fact that [77] is in linear relationship with l/C s'/! for 
the present samples, too.

As is clear from eq 7, the values of K 0, i . e . ,  the un
perturbed dimension of the polyion, (V ) '/2, can be 
obtained from the intercept of [7?]/Af1/! vs. M '/2 plot at 

— 0 . Although there have been many discus
sions34  concerning the validity of the theory of Stock
mayer and Fixman, it was confirmed experimentally6 
that the values of K 0 thus determined agree with 
the values determined in 6 solvents. Moreover, there 
is no appreciable difference between the values of K 0

Figure 4. E xam ples o f [ri]/y/M vs. \/M  p lo t o f P A A ; degree 
o f  ion ization  i, 0.103; oonen. 0.01 (O ), 0.025 (A ), 0.1 ( + ) ,  0.5 (C>).

F igure 5. Ion ic  strength d ep end ence o f the “ apparent”  
long-range in teraction  param eter B. D egree  o f ion ization , 
0.103, 0.200, 0.400, 0.600, and 1.0 from  b o tto m  to  top .

determined from Stockmayer and Fixman’s theory and 
those from the following Berry’s equation3 if the 
expansion is not high.

* *  +  0 . 0 3 5 ^ ^  
$ 0  h ]

(10)

The average values of K o  determined in solutions of 
various ionic strengths using these equations are given

(24) I. Noda, S. Saito, T. Fujimoto, and M. Nagasawa, J. Phys. 
Chem., 71,4048 (1967).
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Figure 6. V ariation  o f  the “ app arent”  long-range 
interaction  param eter B w ith  degree o f  ion ization . Solid 
lines, sodium  p oly acry la te ; con cn  o f N aB r, 0.5, 0 .1, 0.25, and 
0.01 N  from  b o ttom  to  top . B rok en  line, sodium  
poly m eth acry late ; con cn  o f  N a C l 0.1.

Figure 8. P lo t o f  the e lectrostatic expansion  factor  vs. 
(M/Cs)1/2; i  =  0.600. C o n c i  o f  N a B r the sam e as in  F igure 7. 
Solid line 3 den otes the ca lcu lated values o f  e q  31.

Table III

- P A A ------------------. ,--------------- P M A A -
i K  X  10 = <T K  X  10 = <r

0 .1 0 3 1 .0 2 1 .9 5
0 .2 0 0 1 .2 0 2 .0 6 0 .7 1 .9
0 .3 0 0 0 .9 2 .1
0 .4 0 0 1 .4 0 2 .1 7 1 .2 2 .2
0 .5 0 0 2 2 .7
0 .6 0 0 1.60 2 .2 7 2 2 .7
1 .0 0 1 .8 5 2 .3 8 2 2 .7

tions is e m p ir ic a l ly  expressed by the following equation 
if the molecular weight is not very high.

M  =  M s  +  [B 0 +  B ' i ( i ) \ / C : h ] M  +  ■ • • (11)  

where

M e  =  K 0( i ) M 1/‘

If we define the electrostatic part of the expansion 
factor a ,e3 by

Figure 7. P lo t o f the e lectrosta tic expansion  factor  vs. 
(M /C ,)1' 2; i  =  0.103. C on cn  o f N aB r, ( 6 )  0 .5 ; ( o )  0 .1 ; ( 9 )  
0 .025; (-o) 0.01 N. Solid line 3 den otes the calculated 
values o f  e q  31.

<V8 =  «,* “  (lim a,3 -  1]
Cs—>oo

eq 1 1  becomes

a 3ije
B ’ f ( i )  /  M \ l/2

K o ( i )  \ C j  +
(12)

as a function of charge density in Table I I I  and the so- 
called ct value which is defined as the ratio of (Ao2)1/! to 
that of the ideal chain with free rotation about each 
carbon-carbon bond are also given in Table III . The 
values of <r for PAA at all charge densities are in the 
intermediate between that of the fully charged PAA at 
15 ° (2.38)10 and that of the acid form in dioxane at 30° 
(1.85).25 For PM AA, both K -, and B  are almost 
constant at low charge density and begin to increase 
steeply at a charge density as shown in Figure 6 and in

The nonelectrostatic part of expansion factor (lim a ,3
Ca—* 00

— 1) can be estimated by extrapolating { M / M e  — 1) 
to 1  /C $^  =  0. Typical examples of a ,e8 v s . (M /C a)1/s 
plots are shown in Figures 7 and 8. A  good linear 
relationship is observed between a ,, 3 and (.M / C e) ' h  but 
a slight deviation from the linearity appears at high 
values of {M /C a)l/\ The data at all other degrees of 
neutralization are similar to those in Figures 7 and 8.

Table III.
Thus, the intrinsic viscosity cf PAA in NaBr solu- (25) P. J. Flory and J. E. Osterheld, ■/. Phys. Chew... 58, 653 (1954).
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Discussion
The mean square end-to-end distance of the polyion 

coil (h 2)  may be given by eq 13 if the excluded volume 
effect exists.

<**> =

A4 exp(—3 h 2/ 2 (h 02)  — F t,/ k T  — F e\ / k T )d h  

h 2 exp(—3 h 2/ 2(h o2)  — F 0/ k T  — F ei/ k T )d h

(13)

where F 0 and F ei represent the nonelectrostatic and 
electrostatic parts of free energy due to the long-range 
interaction between segments when the end-to-end 
distance is kept at h. It was pointed out that the 
additivity of the entropy term — 3 h 2/ 2 (h 02)  and 
nonelectrostatic free energy F 0 may be assumed for 
nonionic polymers, but the additivity cannot be as
sumed for ionic polymers since it is inconceivable that 
all conformations of a polyion with a fixed end-to-end 
distance have the same electrostatic free energy.26 
The assumption that all conformations of polyion with 
the same radius of gyration have the same electrostatic 
free energy may be more reasonable, since the electro
static free energy of a polyion depends on its radius of 
gyration. The conformational entropy of a polymer 
coil as a function of radius of gyration was calculated by 
Fixman.27 Using the approximation of Flory and 
Fisk,28 we have the following equation instead of eq 13

<s2) =

/» CO
I s8 exp(—7s/22(so2) 

Jo  * 14

J  s6 exp(—7s2/2(s02)

-  F o / k T  -  F J k T ) d s

-  F o / k T  -  F el/ k T )d s

(14)

If the familiar Hermans and Overbeek method29 is 
applied to eq 13  and 14, we have

or

a 2 — 1 =

a 2 — 1 =

W d F o  d F el\  

3 k T \ d h  +  d h  )

s  /dF0 dFel\
7k T \ d s  +  d s  J

(15)

(16)

Thus, there is no appreciable difference between the 
functional forms of two equations though the numerical 
values are different. For the later discussion, therefore, 
we use eq 15  for the convenience of calculation. As is 
clear from eq 15, the type of equation applicable to the 
expansion of polyion coil is determined by the relation
ship between F ei and molecular parameters such as 
molecular weight and charge density, since the change 
in F 0 is almost negligible compared with that in F ei.

Two different molecular models are in common use 
for calculating the electrostatic free energy F ei; the 
smeared charge model in which all fixed charges are

assumed to be distributed uniformly inside a sphere or 
an ellipsoid and the chain model in which all fixed 
charges are arranged on a flexible chain. On the latter 
model which is no doubt more realistic than the former, 
the free energy of a polyion coil may be given by the 
following equation30 if the potential is pairwise additive.

F ei =  f  ¿  f  f i / ( r ,\ ) W ( r ,  |i -  j\ , \ ,h )d r e d \
tJO i =1 j ± i 0

(17)

where v is the number of fixed charges on the polyion, 
i . e . ,  v =  n i ,  xp/ is the electrostatic potential at the zth 
segment owing to the charge at the jth  segment and W  
is the probability of finding a distance r  between two 
charged segments i  and j  in the polyion of root-mean- 
square end-to-end distance (<h2)1/2 when the charging 
parameter is X. B y  substituting x  =  \i — j\ / v  into eq 
17  and also by assuming that all charged segments are 
equivalent, eq 17  may be recast into

J »1 /»I /»co _
I (1 — x )  I xp} l ( r ,\ ) W ( r ,x ,\ ,h ) d r d x t d \  

o Jo  Jo

(18)

If the charge density is low enough, the electrostatic 
potential of the Dobye-Huckel type may be safely 
assumed for xp/, that is

h \ r , \ )  =  (19)

and
2 =  8ire2NACs 

K D k T  X 10 3

where k is the Debye-Hiickel reciprocal length of ionic 
atmosphere in a uni-univalent electrolyte solution of 
concentration C s. W  was calculated by Kuhn, Kunzle, 
and Katchalsky31 and others assuming that it is equal 
to the probability of finding a distance between two 
charged segments i  and j  in the conformation of end-to- 
end distance h  when their mean-square end-to-end 
distance (h 2) is equal to the unperturbed dimension 
(ho2) .

W ( r ,x ,\ ,h )  =  T (h 02) x (  1 — z ) J X

r  I” / 3 (r — x h )2 \  /  3(r +  x h )2 \ ”
Aic|_exP \ 2 (ho2) x ( l  — x ) J  6 \ 2 (ho2) x ( l  —  x ) ) _

(20)

(26) S. Lifaon, J. Polymer Sä., 23, 431 (1957).
(27) M. Fixman, J. Chem. Phys., 36, 306 (1962).
(28) P. J. Flory and S. Fisk, ibid., 44, 2243 (1966).
(29) J. J. Hermans and J. T. G. Overbeek, Rec. Trav. Chim., 67, 761 
(1948).
(30) T. L. Hill, “ Introduction to Statistical Thermodynamics,”  
Addison-Wesley Publishing Co., Inc., Reading, Mass., 1960.
(31) W. Kuhn, O. Kunzle, and A. Katchalsky, Helv. Chim. Acta, 31, 
1994 (1948).
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The insertion of eq 19 and 20 into eq 18 gives If 6/m(/i02)1/! «  1, it follows that

(21)
6 r V

D k T Q i ^ V

which is the equation of Katchalsky and Lifson32 for 
the electrostatic free energy of polyion. Neglecting 
the F 0 term compared with the F ei term, the insertion of 
eq 19 into eq 15  gives32

1 =
3 D k T (h 02>i " ( 1 +

6 a

k(W )2\‘A

6a/«(fep2)*  ̂ ~j

1 +  6 aA (V > ‘/!J
(22)

If 6a//c(A02)'/i is smaller than unity, that is, if the 
molecular weight and/or the ionic strength are high, it 
follows that

1 6 r 2e2

a “  D k T ( h J ) '/l*  

=  1 . 4 5  2e l

(23)

where 2ei is defined by

el \ 2 t /  m A ( h o 2) )  2 N a C b
(24)

for uni-univalent salts. The zei is the excluded volume 
parameter due to electrostatic interaction.

However, since the mean-square end-to-end distance 
of a polyion perturbed by electrostatic interaction is not 
given by (h02) as assumed in eq 20 but should be given 
by (h 2)  — a 2(ho2)  if we may assume the uniform expan
sion during the charging-up process,33 W  may be better 
expressed by

W ( r ,x ,\ ,h )  =  ^  7r(/i02)a2a:(l -  æ )J ~  X

f e x p i — 3-  A r W  \
L P\ 2 ( h o W x ( l - x ) J

exp
/3 (r +  x h ) 2 \ 1
\2  (/lo2)a 2̂ (l - x ) ) \  K }

B y using this distribution function for IP and eq 19 for 
tyi1 in eq 17, we have

F  el =
D h ln ( :  +  a 2(V )«)

(26)

The insertion of eq 26 into eq 15  gives

1 =
3 D k T (h 02>2),/5a [ ln i 1 +  Ka(/i„2),/!)K a(ho2)

6/<ca(/i02)l/l
1 +  6/Ka(ho2) v»] (27)

=  1.45zei (28)

This is identical with the equation of Flory9 except for 
the numerical factor. Thus, we can have either an equa
tion of the a type or of the a6 type for the expansion 
factor of a polyion depending on the approximations 
used for distribution of segments.

Concerning the molecular weight dependence of the 
expansion factor of a polyion, an equation of the a type 
was presented by Katchalsky and Lifson,32 equations of 
the a 8 type were presented by Ptitsyn,34 Fixman,12 and 
Kurata,13 an equation cf the a 4 type was presented by 
Alexandrowicz14 and equations of the a6 type were 
presented by Hermans and Overbeek,29 Flory,9 and 
others. Although all those theories are expressed in 
their own ways, here it is important to point out that 
all those theoretical equations, except for the equation 
of Fixman,12 can be expressed by using the same 
parameter zei if the mo ecular weight and/or the ionic 
strength are high and also if the interaction energy 
between two charged sites u ( r )  is given by the theory of 
Debye and Hiickel. The theory of Debye and Hiickel

u ( r )  =  ^  (29)

must be applicable at the limit of low charge density. 
In the theory of Alexandrowicz, the meaning of the 
excluded volume function is entirely different from 
that in most theories, but we assume that eq 29 or eq 24 
may be used in his theory at the limit of low charge 
density. (The equations are given for a uni-univalent 
salt such as NaBr.)
A. Katchalsky and Lifson32

a — L/a = 1.45zei (30)
B. Fixman12

1 /  M  \ l/! i

■ ' - ' ■ “ x i ' N I h )  c ? - m  (31)
C. Kurata13

a 3 -  1 =  2zelr(f) (32)

r(/) =  2/ - 2[(i +  / 2) -  l]

1 (  M  V /! i  / 1 \ v
/  =  3 . 3 8 X 1 0 - - ( ~ )  « - ( l  +  3T !)

D. Ptitsyn83

4.68
[3.38 +  (1 -)- 9.68zei)*/si (33)

(32) A. Katchalsky and S. Lifson, J. Polymer Sci., 11, 409 (1953).
(33) H. Fujita, K. Okita, anc T. Norisuye, J. Chem. Phys., 47, 2723 
(1967).
(34) O. B. Ptitsyn, Vysokomol. Soedin., 3, 1084, 1251 (1961).
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E. Alexandra wicz14

a 2 =  1.7zeiVl +  0.35 (a2 2) (34)

F. Flory9

a6 — a 3 =  2.60ze; (35)

G. Hermans and Overbeek29

a6 — a 3 :=  7 .0 Z e l (35)

Here, it is to be noted that in the above theories the 
nonelectrostatic part of free energy F 0 is assumed to be 
negligible compared with the electrostatic part F el, and 
hence, a 3 calculated corresponds to a,,*.

Except for the equation of Fixman (31), all equations 
are expressed in terms of the reduced parameter zei. 
That is, it is expected from their theories that the 
intrinsic viscosity is a function of M '^ / G e. Experi
mentally, however, the present data show that the 
intrinsic viscosity is a function of (M / C a)'/!. Thus, we 
may conclude that all the theories do not agree with the 
experimental results even qualitatively. Examples of 
the a ,e3 vs. M lf'/ C s plot are shown in Figures 9 and 10. 
It is clear that a,«.3 cannot be expressed by a unique 
function of M '^ / C s . The calculated values of eq 23 
and 28 are shown in those figures for comparison.

Only eq 3 1 of Fixman predicts the linear relationship 
between a 3 and ( M / C j ^  in accord with the experi
mental results. His conclusion stems from the assump
tion that inside a polyion coil the concentration of 
counter ions dissociated from the polyelectrolyte p0 is 
much higher than that of added salt C s (see eq 26 of ref 
12) and, hence, the ionic strength inside the polyion 
domain is determined only by p0. This assumption, 
however, is not valid at low charge density even when 
C s is as low as 0.01 mol/1. For example, po/2Cs =
2.3 X 10 -1 for PAA5 and 3.4 X 10 -2 for PA A 1 when i  
— 0.103 and C s =  0.01. If the ionic strength inside 
the polyion coil is not determined by p0 but by C s, the 
equation of Fixman becomes an equation of the a6-type 
similar to eq 35. Thus, we may conclude that to date 
there has been no theory which agrees with experi
mental results.

The calculated values of eq 3 1 are shown in Figure 7 
for comparison with experimental data. In the original 
paper of Fixman, it is suggested that the dielectric 
constant inside the polymer domain D o  may be ad
justed to fit the calculated values to the experimental 
data in order to take into account the extra interaction 
between counterions and the segment cloud x e. That 
is, D 0 X  D .  The use of effective dielectric constant in 
his theory is equivalent to the use of the effective charge 
density, that is, to the assumption of ion binding in 
other theories. Because of the reason discussed above, 
therefore, we may assume D 0 =  D  in eq 3 1 and for the 
experimental data at i  — 0.103 in Figure 7. In Figure 
8, too, we show the line calculated on the same assump
tion for comparison with the experimental data at i  =

F i g u r e  9 .  P l o t  o f  t h e  e l e c t r o s t a t i c  e x p a n s i o n  f a c t o r  vs. M ‘ A /  
C s ;  i =  0 . 1 0 3 .  C o n c n .  o f  N a B r  t h e  s a m e  a s  i n  F i g u r e  7 .  
S o l i d  l i n e s  1  a n d  2  d e n o t e  t h e  c a l c u l a t e d  v a l u e s  o f  e q  1 0  a n d  
3 5 ,  r e s p e c t i v e l y .

F i g u r e  1 0 .  P l o t  o f  t h e  e l e c t r o s t a t i c  e x p a n s i o n  f a c t o r  vs. 
M ' /2/C s ;  i  =  0 . 6 0 0 ;  c o n c n  o f  N a B r ,  t h e  s a m e  a s  i n  F i g u r e  7 .  
S o l i d  l i n e  2  d e n o t e s  t h e  c a l c u l a t e d  v a l u e s  o f  e q  3 5 .

0.6, but in this case it may be justified to assume D 0/ D  
=  0.22 to give good agreement between the calculated 
values and the experimental ones. In the theory of 
Fixman, moreover, the hydrodynamic radius of polyion 
coil R 0, i . e . ,  bQ defined by R 0 =  n‘/! b0, is treated as a 
parameter, n being the number of segments in a mole
cule. In Figures 7 and 8, we assumed

( M / m .) b  o2 =  (h 02)

where (h02) can be determined experimentally. Be
cause of these assumptions, too strict quantitative 
comparison between the theory of Fixman and experi
mental results is not meaningful.

In the use of the Debye-Huckel potential, it is 
assumed that the charge density of the polyion is so low 
that the ionic atmosphere around neighboring fixed 
charges do not extensively overlap each other. The 
Debye-Huckel radii of ionic atmosphere 1/ k are about 
4, 10, 20, and 30 A in 0.5, 0.1, 0.025, and 0.01 mol/1. of 
NaBr at 25°, respectively, while the average distances 
between neighboring fixed charges are about 18 A at 
i  =  0.103 and about 8 A at i  =  0.6, if we estimate them
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from the characteristic ratio of PAA, (ho2) / M .  There
fore, a part of the disagreement between the theoretical 
equations and experiments at high charge densities is 
undoubtedly caused by the failure of the assumption of 
pairwise addition of the Debye-Hiickel potential and 
may be so even at a low charge density i  =  0.1 if the 
ionic strength is as low as 0.01. Moreover, the dis
agreement cannot be explained by the assumption of 
ion binding if the degree of ion binding is assumed to be 
independent of ionic strength.

Beside the use of the Debye-Hiickel potential, 
therefore, some other reasons must be responsible for 
the disagreement, considering the disagreement between 
the theories and the experiments at i  — 0.103. One 
may be the assumption of eq 5 or the effect of partial 
drainage through polymer coils as was discussed in the 
introduction, and the other may be the assumption 
concerning the probability W  of finding a distance r  
between two charged segments. Since the distribution 
of segments is affected by the electrostatic interaction in

Thermochemistry of Simple Alkylsilanes

polyion, the assumption of the uniform expansion 
would certainly have to be reexamined. The third 
reason may be in the assumption that the thickness of 
ionic atmosphere around a fixed charge is much smaller 
than the radius of gyration, i . e . ,  G/icaQio2} 1̂  «  1. 
Under the present experimental conditions, however, 
the values of 6//ca(/io2,I/2 are not smaller than unity, 
e .g . , 0.29 for PAA1 and 2.6 for PAA8 in 0.01 N  solution. 
If eq 27 is used for comparison with experimental data, 
a 3 calculated for the same value of M 1/2/ C s differs with 
concentration of added salt and molecular weight. 
The ionic strength and molecular weight dependences 
show almost similar behavior to the experimental 
results. Moreover, if we plot the calculated values of 
a 3 against ( M /C s) 1/2, the plot is close to the calculated 
values of Fixman, eq 31.

A c k n o w le d g m e n t . We wish to thank Mr. S. Narita 
and Mr. K . Furuta for their assistance in measuring 
viscosities.
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T h e r m o c h e m i s t r y  o f  S i m p l e  A l k y l s i l a n e s 1 a

by P. Potzinger and F. W . Lampe

Whitmore Laboratory, The Pennsylvania State University, University Park, Pennsylvania 16802 
{Received August 11, 1969)

The results of previous thermochemical studies of alkylsilanes are reviewed critically and shown to be internally 
inconsistent with what is expected on the basis of reliable data for analogous carbon and tin compounds. It 
is further shown that the constancy of A-fff°(SiH2+), as derived from electron impact studies of SiH4, Si2H6, 
and CH3SiH3, and of the standard heats of formation of the major organosilicon ions from (CH3)2SiH2, (CH3)3- 
SiH, and (CH3)4Si permit the determination of the standard heats of formation of the methylsilanes and of the 
parameters necessary to apply the bond interaction scheme developed by Allen. Formulas are given which 
can be used to calculate standard heats of formation of alkylsilanes which are believed accurate to ±5  kcal/ 
mol.

Principally because of the difficulties encountered in 
the application of conventional calorimetric techniques 
to organometallic compounds in general,lb very little 
reliable thermochemical information is available for 
simple alkylsilane molecules. In this paper we review 
critically prior work on alkylsilane thermochemistry, 
present and compare the results of our electron impact 
studies on silane, disilane, and all the methylsilanes 
with this prior thermochemica. work, and show that 
from this comparison bond-energy parameters may be 
derived which permit calculation of internally consis
tent heats of formation of alkylsilanes.

Experimental Section

All electron impact studies were carried out in a 
Nuclide Associates I2-90G mass spectrometer using a 
modulated retarding-potential-difference technique, 
that has been described previously, to obtain ionization 
from electrons effectively monoenergetic to ± 0 .1 eV.2

The preparation and purification of silane, disilane,

(1) (a) Atomic Energy Commission Document No. NYO-3570-14. 
(b) H. A. Skinner, Advan. Organometal. C h em 2 , 49 (1964).
(2) P. Potzinger and F. W. Lampe, J. Phys. Chem., 73, 3912 (1969).
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Table I

Com pound Ion This w ork R e f 12 R e f 20 R e f 9 R e f 19 , 26

SiH4 SiH2 11.90 ±  0.02“ 11.91
CHaSiHa SiH2 11.50 ±  0.05 11.62
CHaSiHa CHaSi 14.05 ± 0 .0 5

CHaSiH 11.45 ± 0 .0 5
CHaSiHa 11.80 ± 0 .0 5

(CHahSiHa CHaSi 14.00 ± 0 .1 5
CHaSiH 13.85 ± 0 .0 5
CHaSiHï 11.51 ± 0 .0 5
(CHahSi 13.71 ±  0.05
(CHa)aSiH 11.12 ±  0.05

(CHa)aSiH CHaSi 13.40 ±  0.10 12.4 ±  0.3
(CHahSi 13.50 ±  0.05 10.3 ±  0.2
(CHahSiH 13.91 ±  0.05 11.2 ±  0.1 11.70 ± 0 .0 6 11.9 ±  0.3
(CHa)Si 10.52 ± 0 .0 5 10.6 ± 0 .1 10.78 ± 0 .0 7 10.9 ±  0.2

(CHafiSi (CHa)aSi 10.25 ±  0.05 10.4 ±  0.1 10.63 ± 0 .1 3 11.3 ±  0.15
(CHafiSi 9.74 ±  0.05 9.9 ±  0.1 9.90 ± 0 .0 3 9.8 ±  0.3

Ref 21

10.7 ± 0 . 1  
10.5 ± 0 . 1

° Reference 2.

and methylsilane have been described previously.2’3 
Dimethylsilane was obtained from Peninsular Chemical 
Research, Inc., and was purified by successive frac
tionation on a high-vacuum line immediately before use 
until satisfactory purity by mass spectrometric stand
ards was obtained. Trimethylsilane was prepared by 
the reduction of trimethylchlorosilane (Peninsular 
Chemical Research Inc.) with lithium aluminum hy
dride; it was purified before use by vacuum-line dis
tillation. Tetramethylsilane was obtained from Stauf
fer Chemical Company in 99.9% purity and was used 
after vacuum-line degassing.

Results and Discussion

The results of our electron impact measurements are 
shown in Table I where they are compared with other 
appearance potentials that have appeared in the liter
ature. Some disagreement exists for fragment ions 
from (CH3)4Si and (CH3)3SiH, but we consider the 
agreement of our values for the pertinent ions (which 
are the lowest measured) with those shown in the 4th 
and 8th columns of Table I  to be satisfactory, and on this 
basis we take our values to be correct.

Early measurements of the heat of formation of SiH4 
gave values ranging from —8.7 kcal/mol4 to —14.87 
kcal/mol5, which were simply not consistent with other 
observed properties of SiH4.6 More recently, Brimm 
and Humphreys7 determined A H {°  (SiH4) by decom
posing SiH4 at 680° in a calorimeter to Sisoiid and 2H2 
and found the value 7.8 ±  3.5 kcal/mol. This value 
was later confirmed by Gunn and Green,8 who mea
sured the heat of explosive decomposition of SiII4 in a 
mixture with SbH3 and reported a value for A//f°(SiH4) 
of 7.3 ±  0.3 kcal/mol. The same experimental tech
nique was applied by them to disilane and resulted in 
the value A H f°  (Si2H6) =  17 .1 ±  0.3 kcal/mol.8 We 
have found,2 in agreement with Steele, Nichols, and

Stone,9 that values of A//f0(SiH2+) calculated from the 
appearance potentials of SiH2+ from SiH4 and Si2H6, 
assuming processes (1) and (2), agree within experi
mental error. This agreement attests to the internal 
consistency of the results of Gunn and Green8 and, as a 
postulate, in all our further considerations we take their 
values for AHf(SiH4) and A//f(Si2Hf)) as correct.

SiH4 +  e - "I- H2 2e (i)

Si2H6 +  e SiH2+ +  SiH4 +  2e (2)

The only thermochemical data for alkylsilanes are due 
to Tannenbaum, e t  a l . , 10 who reported the heats of 
formation of the methylsilanes (with the exception of 
methylsilane itself), all four ethylsilanes, and four other 
alkylsilanes, as obtained by combustion calorimetry. 
The difficulties encountered in these experiments10’11 can 
be appreciated by the error reported for their results, 
namely up to ±30  kcal/mol. Tannenbaum’s AH (° 
values decrease with increasing methyl substitution in 
the methylsilanes as one would expect. However, 
Band, e t  a l . , 12 have pointed out that there is a lack of 
internal consistency in the results of Tannenbaum,

(3) P. Potzinger and F. W. Lampe, J. Phys. Chem., 74, 587 (1970).
(4) H. von Wartenberg, Z. Anorg. AUg. Chem., 79, 71 (1913).
(5) “ Selected Values of Chemical Thermodynamic Properties,” 
National Bureau of Standards Circular 500, U. S. Government Prints 
ing Office, Washington, D. C., 1950.
(6) T. R. Hogness, T. L. Wilson, and W. C. Johnson, J. Amer. Chem. 
Soc., 5 8 ,  108 (1936).
(7) E. O. Brimm and H. M. Humphreys, J. Phys. Chem., 61, 829 
(1957).
(8) S. R. Gunn and L. G. Green, ibid., 65, 779 (1961).
(9) W. C. Steele, L. D. Nichols, and F. G. A. Stone, J. Amer. Chem. 
Soc., 8 4 ,  4441 (1962).
(10) S. Tannenbaum, S. Kaye, and G. F. Lewenz, ibid., 75, 3753 
(1953).
(11) S. Tannenbaum, ibid., 76, 1027 (1954).
(12) S. J. Band, I. M. T. Davidson, and C. A. Lambert, J. Chem. 
Soc., A 2068 (1968).
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et a l., which is more pronounced in the ethylsilane 
series where the heats of formation go through a mini
mum with increasing ethyl content. It is further 
difficult to rationalize the result that A H t°  [(C2H5)B 
SiH4_„] <  A H t °  [(CH3)BSiH4_»]. One must conclude 
that the results reported by Tannenbaum, e t  a l .  
simply do not permit a rationalization by any of the 
usual bond-energy term schemes.13 Although one 
might at first consider this to result from some peculiar 
properties of organometallic compounds this possi
bility is at once ruled out by the observation of Davies, 
Pope, and Skinner14 and Coleman and Skinner16 that 
the bond interaction scheme of Allen16 can be applied 
with considerable success to alkylstannanes. Hence, 
there seems no doubt that the values of Tannenbaum, 
e t  a l . , 10-11 are quite unreliable.

In a very important paper, Steele, Nichols, and Stone9 
reported the first use of electron impact data to obtain 
thermochemical information on silane compounds. 
They measured the appearance potentials of selected 
ions from a number of alkylsilanes, as well as from 
silane, disilane,17 and some chlorosilanes in a conven
tional mass spectrometer, evaluating their data from 
semilog plots of their ionization-efficiency curves using a 
vanishing current method.18 From their data they 
were able to derive the heats of formation of CH3SiH3, 
C2H6SiH3, f-C3H7SiH3, and ¿-C4H 9SiH3. One should 
add that the heats of formation are derived from the 
respective appearance potentials by assuming a specific 
fragmentation; thus their A/i'f0(CH3SiHs) =  —4
kcal/mol value was derived from A P(SiH 2+) while with 
AP(SiH 3+) one calculates a value of —20 kcal/mol from 
their data. Similarly, for AHf°(C2H6SiH3) one gets 
— 15  kcal/mol from A P(SiH 2+), —25 kcal/mol from 
AP(SiH3+) and —21.4 kcal/mol from A P (C 2H 5+), if 
the value A//f0(C2H3+) =  219 kcal/mol is chosen. 
The evaluations of A/p° (i-C3H7SiH3) and A H f ° ( t -  

C4H9SiH3) are even more ambiguous because the struc
tures of the ions in the chosen cases (C3H7+, C4H9+) are 
not known. The discrepancies in the heats of forma
tion from different fragment ions may be due to the 
chosen experimental method or may be inherent in the 
parent substances (different kind of excess energies), 
but, regardless of the reason (s), they do not inspire con
fidence.

Our value for A P(SiH 2+) from CH3SiH3 is in ex
cellent agreement with that determined by Steele, 
Nichols, and Stone.9 Since this is the lowest appear
ance potential of any fragment ion formed, the corre
sponding neutral fragment must be molecular and 
hence the process must be (3), v iz .

CH3SiH3 +  e — ►  SiH2+ +  CH4 +  2e (3)

Since AHf0(SiH2+) and A / / f ° (C H 4j are known, we use 
our value A P(SiH 2+) to calculate A//4 ° (CH3SiH3) = 
0 ±  2 kcal/mol.

Utilizing our data in Table I it is possible to apply 
the bond interaction scheme of Allen16 to calculate 
standard heats of formation of alkylsilane compounds. 
In our first attempt ¿ve used our derived value of 
A//f°(CH3SiH3) to calculate the thermochemical Si-C 
bond energy to be: P(Si-C) =  61.3 kcal/mol; the 
C -Si-C  bond interaction energy, a(CSiC), must also 
be obtained and in principle this should be possible from 
the appearance potentials (and heats of formation) of 
any of the ions m / e  43 44, and 45 from CH3SiH3 and 
(CH3)2SiH2. However, these different fragment ions 
yield different values cf a(CSiC) and there is no un
ambiguous way to decide which is correct. We de
cided, therefore, to derive a “ best”  value of a(CSiC) 
from a least-squares treatment of all our appearance 
potential data for alkylsilanes (with the exception of 
m/e 43, which involves considerable fragmentation) 
in Table I. Such a treatment yields a value a(CSiC) 
=  2.0 kcal/mol and the following heats of formation for 
the methylsilanes

AHf°(CH3SiH3) =  0.0 kcal/mol 

AHf°[(CH3)2SiH2] =  - 9 .3  kcal/mol 

AH,°[(CH3)3SiH] =  -2 0 .6  kcal/mol 

Aff,° [(CH3)4S ]  =  -3 3 .9  kcal/mol

Table Ha gives the heats of formation of the fragment 
ions from the methylsil ines derived from these values. 
As indicated by inspection and by the standard devi
ation of 3.3 kcal/mol, the agreement is rather good. 
If now we also allow A Ff°(CH 3SiH3) to vary, then the 
amount of decrease in the standard deviation should 
give us a measure of how good our assumption was 
that AHi°(SiH2+) frorr SiH4 and Si2H6 equals AH ° -  
(Si2H +) from CH3SiH3.

A minimum standard deviation of ± 3  kcal/mol in 
the A H  °  value of the fragment ions from the methyl
silanes is obtained, with A H °  (CH3SiH3) =  1 ±  3 
kcal/mol, a(CSiC) =  2.5 kcal/mol, and B (Si-C) =
60.3 ±  3.2 kcal/mol. The very small decrease in the 
standard deviation (see Table lib ) and the small in
crease in AHf°(CHaSiH3) (which is within our error 
limits) necessary to obtain the minimum standard 
deviation, indicate strongly that AP(SiH 2+) from SiH4 
and CH3SiH3 contain very little excess energy and that 
the bond interaction scheme of Allen16 can be applied 
to alkyl- or at least to methylsilanes. As a result of the

(13) H. A. Skinner and G. Pilcher, Quart. Rev., 17, 264 (1963).
(14) J. V. Davies, A. E. Pope, and H. A. Skinner, Trans. Faraday 
Soc., 59, 2233 (1963).
(15) D. J. Coleman and H. A Skinner, ibid., 62, 1721 (1966).
(16) T. L. Allen, J. Chem. Phjs., 31, 1039 (1959).
(17) W. C. Steele and F. G. A. Stone, J. Amer. Chem. Soc., 84, 3599
(1962).
(18) F. H. Field and J. L. Franklin, “ Electron Impact Phenomena,” 
Academic Press, New York, > . Y., 1957, pp 28-30.
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T a b le  I I :  A . H eat o f F orm ation  o f F ragm ent Ion s  from  Silane and M ethylsilanes A fff° (C H 3SiH 3) =  0 k ca l/m ol, 
a  =  2 .0 k ca l/m o l, B (S i -C )  =  61.3 k ca l/m o l

Ion SiH . CHaSiHa (CHaRSiHa (CHa)aSiH (CHa)aSi

SiH 2+ 283 283
C H 3SiH  + 264 2 5 7 .5
C H 3SiH 2+ 2 2 0 2 2 1 .8

(C H 3)2S i+ 2 3 6 .7 2 3 8 .6
(C H 3)2SiH  + 1 9 3 .8 195 .9
(C H 3)3Si 168 .7 1 6 9 .6

B . H eat o f F orm ation  of F ragm ent Ion s from  Silane and M ethylsilane Aflrt°(C H 3SiH 3) = 1.0 k ca l/m ol,
a =  2 .5 k ca l/m o l, B (S i-C ) =  60.3 k ca l/m o l

Io n SiH i CHaSiHa (CHa)aSiHa (CH .)aSiH (CHa)aSi

SiH s+ 283 284
C H 3SiH + 265 259
C H 3SiH 2+ 2 2 1 2 2 3 .3
(C H 3)2S i+ 2 3 8 .8 2 4 0 .8
(C H 3)2SiH  + 196 198 .2
(C H 3)3Si 170 .8 171 .3

modification given by the data in Table lib , the heats 
of formation derived for the methylsilanes are

A ff,°(CH £iH i) =  1.0 kcal/mol

A H t °  [(CH3)2SiH2] =  -7 .8  kcal/mol

A H i °  [(CH3)3SiH] =  - 18 .0  kcal/mol

A H t °  [(CH3)4Si] =  - 3 3 .0  kcal/mol

The A P ( m / e  43) values from CH3SiH3, (CH3)2SiH2, 
and (CH3)3SiH, which were not used in our least- 
squares treatment, should provide a further test for the 
internal consistency of our data. Thus, from the ap
pearance potentials of m / e  43 in Table I one finds the 
following

CH3SiH3 — > Atff°(CH3Si+) =  273 kcal/mol

(CH3)2SiH2 — > A # E°(CH3Si+) =  281 kcal/mol

(CH3)3SiH — >  A//f°(CH3Si+) =  275 kcal/mol

The agreement can be considered good if one takes into 
account the higher error limits of these data; also the 
A//f°(CH3Si+) value from (CH3)4Si obtained by 
Hobrock and Kiser19 agrees within the combined limits 
of our errors, when their value is recalculated with our 
new A H °  [(CH3)4Si] value. Very good also is the 
agreement with our values for A//{°(CH3SiH+) from 
(CH3)3SiH. The agreement of Ai7f°(CH3Si+) ob
tained from A P(CH 3Si+) from (CH3)3SiH and A H S° -  
[(CH3)2Si+] obtained from TP[(CH 3)2S i+] from (CH3)4- 
Si is poor and may be due to excess energy in the forma
tion of these ions.

It  is easy to derive the following equations from 
Allen’s scheme16 and all calculated values in Table I I I

T a b le  III : S tandard H eats o f F orm ation  o f A lkylsilanes

AHi°, AHf°, A ff f°  (calcd)
C om pou n d ref 11 ref 9 this w ork

CHaSiHs - 4 1 .0
(C H 3)2SiH 2 - 4 2 - 7 . 8
(C H 3)3SiH - 6 0 - 1 8 . 1
(C H shSi - 6 9 - 3 3 . 0
C 2H 5SiH 3 - 2 1 - 1 5 - 4 . 0
(C 2H 5)2SiH 2 - 3 6 - 1 7 . 7
(C 2H 6)3SiH - 3 9 - 3 3 . 0
(C 2H 6)4Si - 3 7 - 5 2 . 8
i-CsHrSiHa - 1 4 - 1 1 . 5
n -C 4H 9SiH 3 - 1 4 - 1 3 . 9
i-C 4H ,S iH 3 - 2 4 - 1 6 . 5
<-C<H#SiH3 - 1 1 - 2 1 . 7
(C H 3)2S i(C H 2C H 2C H 3)2 - 4 1 - 5 2 . 8

have been obtained with these formulas 

A H t °  [CH3(CH2)MSiH3] =  A ffE°(CH3SiH3) -

2.36n -  Cia(CCSi) -  C2a(CCC) (4) 

Afff°[CH 3(CH2)BSiH2(CH2)mCH3] =

A H { °  [(CH3)2SiH2] -  (» +  m)2.36 -

Cia (CCSi) -  C2a(CCC) (5) 

A H { °  [CH3(CH2)BSiH(CH2)mCH3] =
I

(CH2)p

c h 3

Atff°[(CH3)3SiH] -  (» +  m  +  p)2.36 -

Cia(CCSi) -  C2a(CCC) (6)

(19) B. G. Hobrock and R. W. K i s e r , Phys. Chem., 6S, 2186 (1961).
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CH3

(CH2)?

Afff°[C H 3(CH2)BS i - (C H 2)mCH3) =

(CH2)p

c h 3

AHf°[(CH3)4Si] — (n  +  to +  V  +  q ) 2.36 —

CW CCSi) -  C2a(CCC) (7)

where C i  and C i  are the number of C -C -Si interactions 
and C -C -C  interactions, respectively.16 The value 
a(CCSi) is not known but as a first approximation we 
take the same value as for a(CCC). The error limits 
involved are certainly not higher than those we would 
obtain if we derive a(CCSi) from the reported AH { °  for 
(C2H5)SiH3, f-C3H7SiH3, and f-C4H9SiH3; in this case 
the a(CCSi) values vary from + 13 .6  kcal to —1 kcal 
which attests to the inconsistency of these measured 
heats of formation.

The agreement between calculated and measured 
heats of formation in Table I I I  is so poor that it does 
not deserve further consideration but, as pointed out 
earlier in this paper and by others,12 the measured 
values are quite unreliable. The parameters derived 
for the bond energy scheme are certainly reasonable 
when one compares them with other similar param
eters.13 For example, our optimum B  (Si-C) value is 
slightly less than the arithmetic mean of B  (Si-Si) and 
B(C-C) and this is also true for the B ( Sn-C) case.14 
Indeed, in view of the consistency of measured A//¡c 
values for SiH4 and Si2H6,7-8 the consistency of A P -  
(SiH2+) from SiH4,2-9 Si2H6,2-17 and CH3SiH3,2'9 and the 
observation of Skinner, et a l . , 13~ u  that the bond inter
action scheme of Allen16 can be applied with success to 
alkylstannanes, we are convinced that the calculated 
values are more reliable. We believe the calculated 
values to be precise to within 2 kcal/mol and accurate 
to within 5 kcal/mol.

There is one further example to test the correctness 
of our parameters. Hess, e t  a l . ,20 have reported the 
A P [(CH3)3Si+] from hexamethyldisilane to be 10.69 
eV. With the measured AP[(CH 3)3Si+] from tri- and 
tetramethylsilane, Tannenbaum’s AH °  values for 
these compounds,11 and an estimated AH f °  value for 
(CH3)6Si2, they calculated the dissociation energy of the 
Si-Si bond in (CH3)6Si2 to be D  (Si-Si) =  86 kcal/mol 
This value was criticized by Connor, e t  a l . , 21 since they 
had derived a value of 49-58 kcal/mol for the bond dis
sociation energy from studies of the thermal decomposi
tion of hexamethyldisilane. The value of 49-58 
kcal/mol, in turn, has been criticized by Davidson and 
Stephenson,22 who derive a value of 67 kcal/mol from 
their kinetic measurements. Both groups2122 have

repeated the measurement of A P  [(CH3)8Si+] from hexa
methyldisilane and tri- and tetramethylsilane.21-22 
The values found for A P[(C H 3)3Si+] from tri- and 
tetramethylsilane21-22 are in very good agreement with 
our values (see Table F  so that we may with confidence 
adopt their AP[(CH 3)3Si+] =  10.0 eV from hexamethyl
disilane. From A P[(C H 8)3S i+] =  10.021-22 and Z)(Si- 
Si) =  67 kcal/mol,22 we can at once derive the heat of 
formation of (CH3)6Si2, since

A F f°[(CH3)6Si2] +  A P  =

A P+[(C H 3)3Si+] +  A//f°[(CH3)3Si]

and

AHf°[(C II3)6Si2] +  D (Si-Si) =  2A Pf° [(CH3)3Si]

With A P  =  230 kcal/mol,21-22 D (Si-Si) =  67 kcal/ 
mol,22 and A F f° [(CE3)3S i+] =  17 1  kcal/mol (see 
Table lib ) , we find

A H f °  [(CH3)sSi2] =  - 5 0  kcal/mol

From our bond energy term values we derive

A Pf°[(CH3)6Si2] =  - 3 5  kcal -  6a(CSiSi)

which leads to the very reasonable value of a(CSiSi) =
2.5 kcal/mol.26- 29

The value obtained for A H t °  [(CH3)6Si2] may be com
bined with D  [(CH3)3S:-Si(CH 3)3 ]22 to yield the standard 
heat of formation of the trimethylsilyl radical as 
A H { °  [(CH3)3Si] =  9 kcal/mol, and this in turn may be 
combined with A F f° [(CH3)3S i+] to give for the ioniza
tion potential of the radical the value, 7z[(CH3)3Si] =
7.0 eV. Comparison of this radical ionization potential 
with those reported for (CH3)3C 23-24 and (CH3)3Sn 
radicals24-26 attest to our 7z[(CH3)3Si] being of the ex
pected magnitude.26-29

If our value of A7ff° [(CH3)3Si] =  9 kcal/mol is 
combined with A H t°  (Cl) =  28.9 kcal/mol30 and 
A H t°  [(CH3)3SiCl] =  —84.7 kcal/mol,31 one obtains

(20) G. G. Hess, F. W. Lampe, and L. H. Sommer, J. Amer. Chem. 
Soc., 85 , 5327 (1965).
(21) J. A. Connor, G. Finne,-, G. J. Leigh, R. N. Haszeldine, P. J. 
Robinson, R. D. Sedgwick, and R. F. Simmons, Chem. Commun., 
178 (1966).
(22) I. M. T. Davidson and I. L. Stephenson, J. Chem. Soc., A, 282 
(1968).
(23) F. P. Lossing and J. P. deSousa, J. Amer. Chem. Soc., 81, 281 
(1959).
(24) F. W. Lampe and A. N.ehaus, J. Chem. Phys., 49, 2949 (1968).
(25) A. L. Yergey and F. W Lampe, J. Organometal. Chem., 15, 339 
(1968).
(26) B. G. Hobrock and R. V . Kiser, J. Phys. Chem., 66, 155 (1962).
(27) “ JANAF Interim Thernochemical Tables,”  The Dow Chemical 
Company, Midland, Mich., 1960.
(28) National Bureau of Star-dards Technical Note 270-3, U. S. Gov
ernment Printing Office, Washington, D. C., 1968.
(29) D. M. Golden, R. Wa.sh, and S. W. Benson, J. Amer. Chem. 
Soc., 87,4053 (1965).
(30) C. T. Mortimer, “ Reaction Heats and Bond Strengths,” Per- 
gamon Press, New York, N. Y., 1962 p 130.
(31) A. E. Beezer and C. T. Mortimer, J. Chem. Soc. A, 514 (1966).
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the dissociation energy, D[(CH3)3:Si — Cl] =  123 
kcal/mol. This is in serious disagreement with the 
value of 88 kcal/mol deduced by Band, Davidson, 
Lambert, and Stephenson12 for this dissociation energy 
from their measured appearance potential of (CH3)3S i+ 
from (CH3)3SiCl. Band, e t  al,,12 obtained a value of
10.9 eV, for the appearance potential of (CH3)3S i+ from 
(CH3)3SiCl. Comparing this value with 11 .5  eV21 
and 12.40 eV,20 that had been reported earlier, these 
authors12 have assumed their value of 10.9 eV to be 
more nearly correct because it is the lowest reported. 
While it is often true that for the m in im u m  e n e r g y  
p r o c e s s  the lowest appearance potential is most likely 
to be correct, this “ rule”  is particularly difficult to 
apply in the case of halogen-containing compounds. 
For example, it is well known that the ionization- 
efficiency curves of alkyl ions from alkyl chlorides32-84 
exhibit a low-intensity step function at low energies 
due to the ion-pair process

R C 1 +  e — >  R +  +  C l-  +  e (8)

and that this low-intensity step function is later joined 
by the normal high-intensity direct ionization process, 
v iz .

RC1 +  e — >  R +  +  Cl +  2e (9)

Furthermore, the ion-pair process itself (8) exhibits 
structure, as a result of different degrees of excitation in 
the R + ion, and the lowest-energy ion-pair process is not 
necessarily the most intense.33 The pertinent conclu
sion of these considerations is that the use of a high- 
sensitivity electron-impact method, such as using the 
full energy spread of a normal electron beam,12'21 can 
lead one to extrapolate the low-intensity tail of the 
ionization efficiency curve of R + to values below the 
onset of (9) but above the onset of (8). On the other 
hand, the low-sensitivity RPD  method employed by 
Hess, Lampe, and Sommer20 would not detect the low- 
intensity ion-pair process and so would be expected to 
yield reliably the onset energy of (9). This expecta
tion furthermore is consistent with all the alkylsilane 
thermochemical data reported in this paper. Thus if 
we take the value of 12.40 eV20 to be the onset energy of
(9), for R  =  (CH3)3Si, and combine it with AH/0 (Cl) 
and AHf° [(CH3)3SiCl], we obtain AHf° ](CH3)3Si+] =
172.2 kcal/mol, which is in excellent agreement with the

values for this ion in Table II, and substantiates our 
value of 9 kcal/mol for AHf° [(CH3)3Si]. It is thus 
also indicated that the Si-Cl bond in trimethylchloro- 
silane has indeed a strength of 123 kcal/mol.

A c k n o w le d g m e n t . This research was supported by 
the United States Atomic Energy Commission under 
Contract No. At(30-1) — 3570. We also wish to thank 
the National Science Foundation for providing funds to 
assist in the original purchase of the mass spectrometer.

Appendix
The thermochemical values used in the calculations 

are tabulated below.

Afff°(SiH4) =  7.3 ±  0.3 kcal/mol8

AHf°(Si2H6) =  17 .1 ±  0.3 kcal/mol8

AHf°(Sig) =  106.0 ±  4.0 kcal/mol27

AHf°(Cg) =  170.89 ±  0.45 kcal/mol27

Aff,°(H) =  52.102 ±  0.06 kcal/mol27

AHf°(CH4) =  - 17 .8 8  kcal/mol28

AHf°(C2H6) =  -20 .24  kcal/mol28

AHf°(CH3) =  34 kcal/mol29

B(Si-C) =  60.3 ±  3.3 kcal/mol35

B(Si-H) =  76.77 kcal/mol35

B(C-C) =  78.85 kcal/mol16

B(C-H) =  99.29 kcal/mol16

B (Si-Si) =  46.16 kcal/mol35

a(CCC) =  2.6 kcal/mol13

a(CSiC) =  2.5 kcal/mol36

a(CCSi) =  2.6 kcal/mol36

a(CSiSi) =  2.7 kcal/mol35

(32) V. H. Dibeler and R. M. Reese, •/. Res. Nat. Bur. Stand., 54, 
127 (1955).
(33) S. Tsuda, C. E. Melton, and W. H. Hamill, ./. Chem. Phys., 41, 
689 (1964).
(34) V. H. Dibeler and J. A. Walker, ibid., 43,1842 (1965).
(35) Values estimated from data in this paper.
(36) Values assumed.
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T h e r m a l  C o n d u c t i v i t y  o f  B i n a r y  M i x t u r e s  o f  A l k a l i  N i t r a t e s

by John McDonald and H . Ted Davis1

Department of Chemical Engineering, University of Minnesota, Minneapolis, Minnesota (Received June 19, 1969)

Experimental data are reported for the thermal conductivity of binary mixtures of alkali nitrates in the molten 
state. The excess thermal conductivities are negative and increase as the square of the difference between cat
ion radii. A simple solution model shows that the behavior of the excess viscosity and thermal conductivity 
can also be attributed to differences between ionic masses.

I. Introduction

The purpose of this paper is to report measurements 
of the thermal conductivities cf several binary alkali 
nitrate mixtures as a function of composition and tem
perature. The excess thermal conductivities are nega
tive for all systems studied. Murgulescu and Zuca2 
observed the same behavior for the excess viscosities of 
several binary alkali nitrate mixtures. Also reported 
in this paper are viscosities of potassium and sodium 
nitrate solutions.

The excess thermal conductivities are plotted vs. the 
difference between the radii of the cations in the mix
tures. It is found that the excess thermal conductivi
ties increase as the square of the difference between 
cation radii.

On the basis of a simple solution model it is shown 
that the behavior of the excess viscosity and thermal 
conductivity can be attributed to differences between 
the masses instead of to differences between radii of the 
cations composing the mixture. Whether either the 
mass effect or size effect dominate cannot be determined 
in this work since the cation mass differences vary very 
similarly to the cation radius differences for the alkali 
nitrate systems. Systems in which the mass difference 
is important and the size difference is not, such as silver 
nitrate-alkali nitrate mixtures, thallium nitrate-alkali 
nitrate mixtures, etc., must be studied to sort out the 
effects. Such studies are underway now.

II. Experimental Technique and Results

Several methods are available for the measurement 
of the thermal conductivity of alkali nitrates. Bloom, 
e t ah,3s made use of a concentric cylinder apparatus as 
did White and Davis3b recently. Turnbull4 used a hot 
wire method, but White6 has claimed that this method 
gives erroneous results due to the electrical conductivity 
of the salt. This method does work successfully for 
electrically nonconducting fluids. A list of experiments 
performed using this method is given by Turnbull. 
Gustafsson, Hailing, and Kjellander6 have used an 
optical method for the pure alkali nitrates.

In our experiments, we have made use of a concentric 
cylinder apparatus sketched in Figure 1. The inner

cylinder was made of silver and the outer cylinder of 
type 446 stainless steel. The gap holding the molten 
salt between the cylinders was 0.1 in. and the length of 
the inner cylinder 7 in. White6 has shown that convec
tive and radiative heat flows in such a cell are small. 
The total thermal end losses were kept below 5%  by 
making use of a Mycalex cap at the base of the cell and a 
thin-walled stainless steel tube supporting the inner 
cylinder and housing the heater leads at the top. Two 
tubes from the cylinder gap, one from the base and the 
other from the top, enabled the cell to be filled and 
emptied, using a remote reservoir of molten salt and a 
simple vacuum-argon pressure arrangement. This 
arrangement enabled the cell to be left undisturbed 
throughout the total period of experimentation—a 
useful attribute in high-temperature work where corro
sion of electrical leads and other delicate parts is occur
ring.

Since the end losses were small, a first-order estima
tion of these losses was considered sufficiently accurate. 
Thus we can write

<3 =  Qi +  &  =  (C +  D x ) A T  (1)

where Q  is the total heat flow from the inner to the outer 
cylinder, Q i is the heat flow through the solid end 
connections, and Q 2 is the heat flow through the salt.

x  is the thermal conductivity of the molten salt and 
A T  the temperature difference between the two cylin
ders. The constants C  and D  were found by standard
izing the cell with ethylene glycol and Dowtherm A. 
The temperature difference across the gap was found by 
means of chromel-alunel thermocouples linked to a 
Leeds and Northrup microvolt amplifier. Care was 
taken to shield the preamplification parts of the circuit 
electrically and thermal y where necessary. The power

(1) Alfred P. Sloan Fellow.
(2) I. G. Murgulescu and S. Zuca, Electrochim. Acta, 1383 (1966).
(3) (a) H. Bloom, A. Doroszkowski, and S. B. Tricklebank, Aust.
J. Chem., 18,1171(1965); (b) L. R. White and H. T. Davis, J. Chem.
Phys., 47, 5433 (1967).
(4) A. G. Turnbull, Aust. J. A ppl. Sci., 12, 30, 324 (1961).
(5) L. R. White, Doctoral Dissertation, Univ. of Minn., 1967.
(6) S. E. Gustafsson, N. 0. Hailing, and R. A. E. Kjellander, Z. 
Naturforsch., 23A, 44, 682 (1968).
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Figure 1. C on centric cylinder apparatus.

to the nichrome heater was calculated by measuring the 
voltage drop across the heater and a precision 1-ohm 
resistor in series with the heater. The cell was housed 
inside a furnace constructed from a design by Klep- 
pa.7 The simple calculation of the thermal conductiv
ities was made possible largely by the low thermal end 
losses which made an exact knowledge of the cell geom
etry in these regions unnecessary and made a standardi
zation procedure quite sufficient.

We have obtained the thermal conductivity of binary 
mixtures of alkali nitrates for the cation pairs N a-K , 
Na-Cs, Li-Cs, K -R b, and Rb-Cs. The experimental 
data have been fitted to a linear dependence of thermal 
conductivity on temperature by means of a least-mean- 
squares calculation. A small nonlinear dependence if 
present cannot be distinguished due to the inevitable 
small deviations of data from the best fitting line, caused 
by consistent and random experimental errors. The 
thermal conductivities of the pure and binary systems 
are given in Table I. We have approximated the data 
of Bloom8“ and of Gustafsson, e t  a t . ,6 by a linear curve 
fitting. Their data and the corresponding linear fits 
together with those of White and Davis8b and of this 
paper are given in Figure 2 for pure K N 0 3. The equa
tions for the linear fits are given in Table II  along with 
the standard deviations a  of the least-mean-squares 
fits. As can be seen from Figure 2 and Table II, our 
data are intermediate between those of the other authors 
and the standard deviation of our results is small.

The thermal conductivities for the Li-Cs system at 
450° are shown in Figure 3. For our purposes, the 
excess thermal conductivity of mixing (or deviation 
from “ ideality” ) is defined by the equation

A x  — ^mix X\X\ X2X2 (2 )

T a b le  I :  T h erm al C on du ctiv ities o f Pure and 
B in ary  A lkali N itra te  System s“

Salt % Salt % X

L i 100 1 3 .30  +  0 .0 0 5 0 T
N a 100 1 1 .3 6  +  0 .0 0 6 4 7
K 100 8 .0 4  +  0 .0 0 8 7 T
R b 100 6 .2 8  +  0 .0 0 6 7 7
Cs 100 6 .5 7  +  0 .0 0 1 9 7
Li 25 Cs 75 4 .0 7  +  0 .0 0 8 1 7
Li 50 Cs 50 6 .7 7  +  0 .0 0 4 1 7
Li 75 Cs 25 9 .1 7  +  0 .0 0 4 1 7
N a 25 K 75 9 .0 1  +  0 .0 0 7 5 7
N a 50 K 50 1 0 .50  +  0 .0 0 4 8 7
N a 75 K 25 11 .61  +  0 .0 0 3 4 7
N a 25 Cs 75 4 .8 3  +  0 .0 0 6 8 7
N a 50 Cs 50 6 .4 6  +  0 .0 0 6 4 7
N a 75 Cs 25 8 .3 2  +  0 .0 0 5 5 7
K 25 R b 75 7 .7 1  +  0 .0 0 4 5 7
K 50 R b 50 8 .1 6  +  0 .0 0 4 2 7
K 75 R b 25 7 .7 3  +  0 .0 0 7 2 7
R b 50 Cs 50 6 .2 0  +  0 .0 0 4 5 7

“ C om positions are in  m olar percentages. C on d u ctiv ity  units 
are 10~4 ca l/c m  sec deg, and tem perature 7 ,  degrees. 7  <  460°.

T a b le  II  : Least-M ean-Squares F it  o f T herm al 
C on d u ctiv ity  fo r  K N 0 3

Source x(10~4 cal/cm sec deg) a”

T h is  w ork 8 .0 4  +  0 .0 0 8 7 7 “ 0 . 1 4

G ustafsson, et al. 1 0 . 7 6  +  0 .0 0 2 2 7 0 .2 5

B loom , et al. 5 . 1 4  +  0 . 0 1 9 4 7 0 .2 8

W hite 7 .4 6  +  0 .0 0 8 8 7 0 .2 3

0 7 ,  °C . 6 Standard deviation .

where xmix is the thermal conductivity of the mixture 
and Xi is the mole fraction of the fth salt. As can be 
seen from Figure 3, which is typical for the systems 
studied, the values of A x  are negative. Palyvos, e t  a l .,8 
have predicted a negative value of A x  for binary mix
tures of argon, methane, krypton, and xenon in the liquid 
state. Experimental results for the thermal conductiv
ity of liquid mixtures (usually organic) have been ob
tained by Filippov and Novoselova.9 The excess ther
mal conductivities that they report are also negative.

In Figure 4, the values of the excess thermal conduc
tivities of mixing are plotted vs. the mole fraction of the 
salt having the heavier cation. Smooth curves have 
been drawn through the experimental points by sight 
with the tacit assumption that the points lie on almost 
parabolic curves. All of the curves in Figure 4 are 
skewed toward the lighter cation-rich portion of the

(7) O. J. Kleppa, J. Phys. Ghent., 59, 175 (1955).
(8) J. Palyvos, K. D. Luks, I. L. McLaughlin, and H. T. Davis, 
J. Chem. Phys., 47, 2082 (1967).
(9) L. P. Filippov and N. C. Novoselova, Vestn. Mosk. Univ. No. 3, 
37 (1955).
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TEMPERATURE °C
Figure 2. C om parison  o f  therm al con d u ctiv ity  data  o f  K N 0 3 
w ith  earlier w ork.

% Cs
Figure 3. T h erm al con d u ctiv ity  o f the (L i-C s )  N 0 3 
system  at 450°.

graph. The corresponding curves plotted by Murgule- 
scu and Zuca2 for excess viscosities are less skewed. It 
should be noted, however, that the curve for which the 
experimental error is least important due to relatively 
large A x , namely the Li-Cs curve, is fairly symmetric. 
Thus, if the excess thermal conductivities could be 
measured as accurately as the excess viscosities, the 
qualitative differences between the two quantities as a 
function of composition might be reduced.

III. Correlations of Excess Thermal Conductivities 
and Viscosities with Molecular Parameters

Kleppa and Hersch10 have found experimentally that 
the enthalpies of mixing of binary alkali nitrates obey 
the formula

„  / x 2 -  x A 2
A H m =  ViXi fi ( ———  ) (3)

where Xi is the mole fraction of the fth component of the 
mixture, i2 is a quantity (perhaps temperature depen
dent) having the same value for all the mixtures studied, 
and X4 is the sum of the cation and anion radii of the 
fth component of the mixture. A correlation similar to 
eq 3 was also observed by Powers, Katz, and Kleppa11 
for the volumes of mixing of the alkali nitrates. The 
form of eq 3 has been predicted by Reiss, Katz, and 
Kleppa12 by developing a conformal solution theory 
based on a simple potential model in which the short- 
range repulsive interactions between like ions are 
ignored and the potential energy is assumed to be pair
wise additive with the pair potentials of the form

where the form of f ofi d .spends only on whether afi is a 
like ion pair or an unlike ion pair. An example of the 
model defined by eq 3 is the Coulomb potential between 
like ions and the Coubmb potential plus a hard core 
cutoff at distance X for unlike ions. The R K K  theory 
has been shown13 to predict that all the excess thermo
dynamic quantities of mixing are of the form illustrated 
by eq 3.

Due to the fact that transport properties depend on 
the masses of the ions as well as the potential energy of 
interaction between the ions, there is no reason to expect 
that the excess transport properties can be correlated in

Figure 4. Excess therm al con d u ctiv ity  o f b in ary  m ixtures 
o f alkali nitrates at various com positions. T  =  450°.

(10) O. J. Kleppa and L. S. Hersh, J. Chem. Phys., 34, 351 (1961).
(11) B. F. Powers, J. L. Katz, and O. J. Kleppa, J. Phys. Chem., 66, 
103 (1962).
(12) H. Reiss, J. Katz, and O. J. Kleppa, J. Chem. Phys., 36, 144 
(1962).
(13) H. T. Davis and J. McDonald, ibid., 48,1644 (1968).
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0 1  2 3 4 5 6 7 8 9  1 0

Figure 5 . E xcess v iscos ity  vs. AX and / ,  fo r  equim olar m ixtures 
at 4 2 5 ° .  U nits o f Aij are centipoises.

- I k
0  . 0 2 6  . 0 5 2  . 0 7 8  . 1 0 4  . 1 3 0

Figure 6 . E xcess therm al con du ctiv ities vs. AX, (A X )2, and 
/ ,  for equim olar m ixtures at 450°. U nits o f Aq are 1 0 -4 
c a l/c m  sec deg.

terms of the length parameters alone. Nevertheless, 
Murgulescu and Zuca2 have found that the excess 
viscosities of mixing of several binary mixtures of alkali 
nitrates obey the formula

A rj =  — riX2a(X2 — X{) (5)

where a is a (temperature dependent) parameter having 
the same value for all the mixtures studied. Equation 
5 is illustrated in Figure 5 in which we have plotted the 
excess viscosities of several equimolar binary alkali 
nitrate mixtures vs. the difference of the radii of the ca
tion components of the mixtures. Except for the point 
for the NaNCh-KNOs mixture the data plotted in 
Figure 5 are taken from Murgulescu and Zuca’s work. 
The viscosity of the NaNO:j-KNO:j mixture was studied 
in this laboratory and is presented in Table III . Our 
data compare favorably with that given by Janz.14

Table HI: V iscosity  o f (N a -K )N O ä  M ixtures at T =  425°

%  N a %K Vi °P n (ref 14)

100 0 1 .715 1 .7 2
75 25 1.660
50 50 1.641
25 75 1 .7 40

0 100 1 .876 1 .8 7

In Figure 6, the excess thermal conductivities of the 
mixtures (at equimolar composition) studied in this 
work are plotted vs. the parameter X2 — Xj. The correla
tion is not as good as that for viscosity. A plot of Ax

vs. (X2 — Xi)2, also given in Figure 6, yields a better corre
lation, indicating that Ax  is proportional to the square 
of X2 — Xi in contrast to A-q which is linear in X2 — Xi. This 
difference in behavior of A-q and Ak  is surprising in view 
of the strong similarities in the dependence of the vis
cosity and thermal conductivity on the potential energy. 
This similarity is most clearly evident in the autocorrela
tion function formulas15 for the transport coefficients.

In view of the fact that A x  and A q  correlate differently 
with respect to the parameter X2 — Xi and an intuitive 
feeling that a mass effect should be observed in trans
port phenomena, we introduce here an alternative 
correlation scheme for the excess transport quantities. 
If the kinetic contribution to transport is ignored (an 
excellent approximation for the coefficients of viscosity 
and thermal conductivity of liquids as dense as the 
molten salts) the coefficient of thermal conductivity 
(and of viscosity) of the pure ¿th salt can be written 
in the form

=  * A A W +  * A C (<> +  * C C (i) ( 6 )

where xaa<4) represents the contribution to x  from anion- 
anion interactions, xcc(i) that from cation-cation inter
actions. A contribution xa/3(i), if it is assumed that 
energy is transported v ia  a pairwise additive potential 
of interaction, will depend explicitly on the product 
NJN^ (N„ and being the number of molecules of 
types a  and ¡3, respectively) and will depend implicitly

(14) G. J. Janz, A. T. Ward, and R. D. Reeves, “ Molten Salt 
Data,” Rensselaer Polytechnic Institute, Troy, N. Y., 1964.
(15) R. Zwanzig, Ann. Rev. Phys. Chem., 1 6 ,  67 (1965).
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on composition through the effect of composition on the 
structure of fluid around the interacting pair a/3. Next 
consider a mixture of charge symmetric salts 1 and 2 
having a common anion A. The thermal conductivity 
of the mixture may be conveniently written in the form

X ( 1 ' 2) =  x a a (1,2 ) +  x 1 x a c ( 1 ,2 )  +  X 2X A C '( 1 ’ 2) +

Zi2*cc(1-2) +  z22*c'C'(ll2) +  2 x 1x 2x c c a -2) (7)

where x-, denotes the mole fraction of the zth salt and 
C and C ' denote the cations of salts 1 and 2 , respectively. 
In writing the mole fractions in eq 7, we have again 
noted the explicit dependence of a term x af} on the 
product N„N^. In a pure charge symmetric salt of N  
molecules, there are N  anions and N  cations. In a 
binary mixture having a total of N  molecules of charge 
symmetric salts having a common anion, there are N  
anions, x x N  cations of type C, and x 2N  cations of type 
C '.

Equations 6  and 7 are general at this point. Indeed, 
they represent definitions of the quantities xaj3. We 
shall now introduce our model solution assumptions.

(I) xa/3(1'2) =  x apU) =  x apm  for all pairs a/3 (S)

/tt\ (  m cm c- Y A *
(II) x c c  =  I ;------- :-------- r; ) x * c  (9)

\ (n ic  +  m e ) 3/

1
X c c  =

x c c  —

(2 3m c)

___ 1_

( 2 3m e )  ‘

Vs * * c (10)

(ID

where me and m e  denote the masses of cations C and 
C ', respectively, and x * c  is a reduced quantity common 
to all pure and mixed alkali nitrates. I  is an “ ideal 
solution”  assumption implying that the environment 
around an interacting pair a/3 is not very different from 
the corresponding environment in the pure salt. Since 
we are considering a common anion mixture, assump
tion I is probably not bad as a first approximation. 
Assumption II, however, is more serious. It implies 
for one thing that the cations differ only in their masses, 
that is, that the differences in their cationic radii and 
dispersion interactions can be ignored. Moreover, we 
have assumed in I I  that the mass dependence of x c e ,  
x c c ,  and x e e  is the same as that predicted by the kinetic 
theory of collisional transport in fluids of molecules 
interacting v ia  simple model potentials, such as the hard 
core or square-well model potentials. 16’ 17

On the basis of assumptions I  and II, the excess 
thermal conductivity becomes

where

A x  =  x <1,2> — x j x (1> — z 2x (2) 

=  x lx 2x * c f x
(12)

/*  =  2
m em o 1

(m c +  m c ')3J (8m c ) /2 (8m e )
(13)

For viscosity, our model solution assumptions take 
the form

(I) =  v„ßw =  W 2) (14)

(II) V c c  =  1
f  m c m e  V a *

(15)
+  m e )  '' °

/me V a
rçcc = ( t )  * (16)

»?C'C' = ( ? r - (17)

Again the mass dependence of vee, etc., has been as-
sumed to be the same as that predicted by simple mo-
lecular models. 16’ 17 Equations 14 - 17  lead to the fol
lowing result for the excess viscosity

A )j =  í7( 1 ’ 2 ‘ — — £ 2t?(2)

=  XiX2V*cfr,
(18)

where

/ ,  =  2
/  m cm e  \ ‘A / m c \ 1A / m c >\1A 

\mc +  m e )  \ 2  / \ 2  )
(19)

The implications of our model are readily tested. First, 
since it can be readily sh iwn that

/* <  0  and /, <  0  (2 0 )

eq 1 2  and 18 predict, respectively

A* <  0 and A v <  0 (21)

This prediction is consistent with the excess thermal 
conductivities reported here and the excess viscosities 
reported by Murgulescu and Zuca. Secondly, at a 
fixed composition plots of A x  and A17 v s . f x and /„  
respectively, for the various mixtures studied should 
yield straight lines. Such plots are shown in Figures 
5 and 6 . It is evident, from these plots that the excess 
coefficients correlate about as well with respect to the 
mass parameters f K and as they do with respect to the 
length parameter X2 and Xx. Finally, our model implies 
that Av  and A x  should be directly proportional to the 
product X!X2. This behavior is observed for Atj for all 
the systems studied by Murgulescu and Zuca and for the 
potassium-sodium system reported here. However, 
the plots of A x  v s . composition shown in Figure 4 are 
skewed to the left of the predicted parabola, although 
for the system Li-Cs for which the experimental error is 
smallest compared to A x ,  the plot is almost of the form 
of the predicted parabola.

All in all, the agreement between the predictions of 
our model and experiment and the fact that A x  and 
A v  cannot be correlated with the same power of X2 — Xi

(16) S. Chapman and T. G. fowling, The “ Mathematical Theory of 
Non-Uniform Gases,” Camb'idge, London, 1964.
(17) I. L. McLaughlin and H. T. Davis, J. Chem. P h y s 45, 2020 
(1966).
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suggests that the differences in cation masses is at 
least as important as, and maybe more important than, 
the differences in cation radii in determining the excess 
transport quantities.
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The specific conductances of molten PbCh +  KC1 mixtures have been measured as functions of temperature and 
composition, for the ranges ca. 500-800° and ca. 20-100 mol % PbCfi, respectively. In the experimental tem
perature range the specific conductances of all melts follow (a) quadratic temperature dependences and (b) modi
fied Arrhenius temperature dependences which can be expressed by equations due to Cohen and Turnbull and 
Adam and Gibbs. Bases for the interpretation of the composition dependence of conductance for these mixtures 
are examined, and the composition dependence is put on a rational basis in terms of the temperature T 0, a param
eter associated with the temperature of zero free volume, or zero configurational entropy.

Introduction
The composition and (to a lesser extent) temperature 

dependences of the transport properties of binary salt 
mixtures have been the subject of many papers in the 
molten salt field. Deviations from additivity rela
tionships of, in te r  a l ia , conductance isotherms have been 
used diagnostically to infer the constitutions of many 
mixtures. Such deviations have led, for example, to 
the hypothesis that complex anionic species exist in 
molten lead halide-alkali metal halide and cadmium 
halide-alkali metal halide mixtures.lb However, pub
lished interpretations of isotherms of conductance 
and other transport properties are open to doubt on 
several grounds. In particular, the absence of a suit
able reference temperature for comparison of conduc
tances makes deductions based on such comparison 
hazardous. It is not physically meaningful to ascribe 
differences in conductance of mixtures wholly to dif
ferences in the constitution of the mixtures, since the 
conductances may also differ because the comparison is 
made at nonequivalent temperatures.

It has been suggested that the freezing point be used 
as such a reference temperature,11"'2 and that conduc
tances be compared at temperatures 6{ given by

6 { =  a T , (1)

where T t  is the liquidus temperature of a given mixture 
and a is a constant assigned arbitrary values (e .g ., 1.1 ,

1 .2 , . . . )  However, the liquidus temperature of a given 
liquid mixture is determined at least as much by the 
structure of the solid phase formed on freezing as by the 
constitution to the liquid, so that T i  has no particular 
significance in respect to the transport properties of liquid 
mixtures. The critical temperatures would, perhaps, 
serve as reference temperatures, but again these are not 
governed wholly by the properties to the liquid phases 
and hence are still not entirely satisfactory.

The development of liquid free volume and other 
theories of transport processes in liquids now indirectly 
provides a sound basis for comparison of the transport 
properties of mixtures of different composition.3-10

(1) (a) Department of Chemistry, Purdue University, West Laf
ayette, Ind. 47907; (b) H. Bloom and E. Heymann, Proc. Roy. 
Soc., A188, 392 (1947).
(2) I. S. Yaffe and E. R. Van Artsdalen, J. Phys. Chem., 60, 1125 
(1956).
(3) C. A. Angell, ibid., 68, 218, 1917 (1964); 69, 2137 (1965); 70, 
2793 (1966).
(4) R. Araujo, J. Chem. Phys., 44,1299 (1966).
(5) M. H. Cohen and D. Turnbull, ibid., 31, 1164 (1959).
(6) M. H. Cohen and D. Turnbull, ibid,., 34, 120 (1961).
(7) G. Adam and J. H. Gibbs, ibid., 43, 139 (1965).
(8) H. Bloom and A. J. Easteal, Aust. J. Chem., 19, 1577, 1779 
(1966).
(9) M. F. Lantratov and O. F. Moiseeva, Russ. J. Phys. Chem., 34, 
367 (1960).
(10) C. T. Moynihan, J. Chem. Educ., 44, 531 (1967); J. Phys. Chem., 
70, 3399 (1966).
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Equation 2 has been found by Angell,3 Araujo,4 and 
other workers to describe well the temperature depen
dence of transport properties of several molten salts.

D ,  A T ,  4>T  =  A T ‘a exp[—fc/(T -  T„)] (2)

6 =  fluidity, D  =  diffusion coefficient, A =  equivalent 
conductance, A ,  k , T 0 are constants. This equation is 
important because (a) it has a theoretical basis in the 
free volume theory of Cohen and Turnbull5'6 and (b) the 
parameter T0 can be regarded as a “ built in”  reference 
temperature on which comparison of transport proper
ties of mixtures and pure salts can be rationally based.

In this study we have investigated in some detail 
(with respect to both temperature and composition) the 
electrical conductance of lead chloride +  potassium 
chloride mixtures. This system was chosen because 
the investigation forms part of a broader study of lead 
halide based binary systems, of which the results of 
some emf studies have been published,8 and because 
published data on the conductance of these mixtureslb’9 
have shown areas of marked disagreement and some 
curious features worthy of reinvestigation. Further
more, lead chloride +  potassium chloride mixtures have 
been studied by a variety of equilibrium and non
equilibrium techniques, so that many independent 
experimental data are available for use in testing models 
of these mixtures.

To determine the temperature dependence of con
ductance we have used a well established technique 
(see Experimental Section) to measure the specific 
conductances of the melts at small temperature inter
vals (c a . 5°).

The data can be fitted with high precision to four 
analytical functions, eq 2-5

k =  A ' T ~ h  exp [ - k ' / ( T  -  T 0')] (3)

k  =  A "  e x p [-fc "/T  In ( T / T 0" ) ]  (4)

k =  a  +  bt +  cf2 (5)

where

t — 0C; T  =  °K ; k =  specific conductance

Of these, eq 3 is a simplified form of eq 2, and eq 4 is 
similar to an equation derived by Adam and Gibbs;7 
the parameter T 0 is the reference temperature referred 
to above. Equation 5 is a concise form in which to 
present the data and has implications to be discussed 
later; eq 2 has been used by Angell3 and Moynihan10 
in analyses of the transport properties of other fused 
salts.

The composition dependence of specific conductance 
has been established from the measured conductances of 
pure PbCl2 and of mixtures in the composition range 
20-95 mol %  PbCk at intervals of ca . 5 mol %. This 
has been considered from both specific conductance 
isotherms and from graphs using 00 (eq 6) as a reference 
parameter

<»o =  P T o  (6)

Experimental Section

Lead chloride was prepared from M ay and Baker 
Ltd. AnalaR lead nitrate and hydrochloric acid and was 
purified by crystallization from very dilute aqueous 
hydrochloric acid followed by filtration in the molten 
state, under a nitrogen atmosphere, through a (nominal) 
porosity 2 silica frit. Potassium chloride was purified 
by precipitation from a cold saturated solution of the 
AnalaR salt with dried hydrogen chloride. Mixtures 
were prepared by fusion of the appropriate quantities of 
the two salts under a nitrogen atmosphere. Each 
experiment required approximately 12 g of mixture for 
conductance measurements and analysis. Each mix
ture was analyzed for lead before and after an experi
ment, by conversion of samples to the nitrates and 
titration with aqueous sodium molybdate using 0.2% 
aqueous Solochrome R,ed B as an adsorption indicator. 
The sodium molybdate solution was standardized 
against lead nitrate prepared from 99.999% zone refined 
lead metal.

Apparatus

A conventional vertical tube furnace was used, with 
19 swg Kanthal A1 resistance wire wound on a silica 
support tube. The heating element was differentially 
wound to give a uniform temperature zone at the center 
of the furnace. The silica support tube (3.8 cm inside 
diameter) was closed at the base. The furnace was 
supplied with power v ia  a, Variac auto transformer.

Temperatures were measured with a calibrated 
platinum vs. platinum +  13%  rhodium thermocouple 
and a Leeds and Northrup millivolt potentiometer 
(Model 8686). The thermocouple was guarded with a 
quartz tube attached to the conductance cell, and the 
hot junction of the thermocouple was approximately 
5 mm distant from the melt in the cell capillary.

Conductances were measured with a conventional 
ac Wheatstone bridge constructed in our laboratories. 
The bridge was fed by a 1000-Hz fixed-frequency os
cillator, with variable capacitors in parallel with a 
calibrated (accuracy ±  0.01%) Tinsley Type 2641 
H.F.I. noninductive resistance box. The bridge was 
also fitted with calibrated ratio arms, of Sullivan non- 
inductive resistors, to extend the resistance range by 
by factor of 10 for cell constant determinations.

The sensitivity of the bridge for conductance mea
surements was 0.05%; for cell constant determinations 
an extra high gain amplifier could be switched into the 
detection circuit resulting in a sensitivity of 0.05% for a
20,000-ohm resistance. All leads connecting the con
ductance cell, resistance box, and ratio arms to the 
bridge were coaxial. A Wagner earth was not used.

The conductance ceL, which was of all-quartz con
struction, was essential y a U-shaped capillary with an 
attached thermocouple sheath, similar to that described

Volume 74, Number 4 February 19, 1970



732 A. J. Easteal and I. M. H odge

by Yaffe and Van Artsdalen.* 11 This design had the 
advantages that only small quantities of salt were re
quired and that the cell constant was independent 
(within experimental precision) of the positions of the 
electrodes, provided they were completely immersed. 
The capillary was about 13 cm long with a bore of 0.7 
±  0.2 mm. Hollow cylindrical platinum electrodes 
were fabricated from 0.004-in. platinum sheet, and were 
welded to 26 swg platinum support wires. The 
electrodes were 2 cm long and 3 mm in diameter. To 
ensure a uniform temperature over the length of the 
capillary, the conductance cell was immersed in a bath 
of molten tin contained in a quartz tube which fitted 
closely into the furnace support tube. The surface of 
the tin was covered with charcoal to prevent excessive 
oxidation and subsequent attack (by oxides of tin) on 
the cell.

Experimental Procedure

Several cells were used in the course of the investiga
tion; their cell constants were of the order 2500 cm- 1 . 
The cell constant was determined with 1 demal solu
tions of potassium chloride in triple-distilled water at
25.00 ±  0.01°, using the value of specific conductance 
0 .11134  ohm cm-1 established by Jones and Bradshaw.12 
For each cell constant determination (made before and 
after each experiment) the electrodes were platinized 
according to the recommendations of Jones and Bol
linger,13 and before each measurement of melt resistance 
the electrodes were washed and heated to red heat until 
no flame coloration was observed.

Melt resistances were measured at temperature in
tervals of 3-4° while the melt cooled from approxi
mately 760-800°, in most cases, to a lower limit deter
mined by the liquidus temperatures of the mixtures (in 
the range 420-620°). In a typical experiment about 
70 resistance measurements were made in the experi
mental temperature range. It was established that 
provided the cooling rate was not greater than about 
3 deg min- 1 , resistances determined during continuous 
cooling were within ± 0 .1%  of the resistances measured 
at constant temperatures. After each experiment the 
cell and electrodes were cleaned with hot, concentrated 
aqueous solutions of ammonium acetate, washed with 
hot, distilled water, and soaked overnight in conductivity 
water. The cell was purged with nitrogen before each 
experiment.

Experimental Errors

A straightforward calculation shows that the cell 
constant at 1000° of a quartz cell of the type used in 
the present investigation is approximately 0.04% smal
ler than the value at 25°, and this temperature variation 
was neglected. The dimensional change in the plati
num electrodes due to thermal expansion was also 
neglected, since the equivalent effect on cell resistance of 
variation in the position of the electrodes relative to the

capillary was shown experimentally to be negligible 
(less than 0.03%). The accuracy of the cell constant 
determinations was ± 0 .1% , and on the average the 
cell constant changed by not more than 0.2% in the 
course of an experiment. The overall accuracy in 
specific conductances is considered to be within ±0.4% .

The compositions of the mixtures were determined 
to ±0 .2  mol %  PbCl2. The average change in com
position in the course of an experiment was 0.5 mol %  
PbCl2, and the compositions quoted are considered to be 
accurate to ±0.4%  PbCl2.

Results
In addition to pure PbCl2, mixtures of the following 

compositions were investigated (mol %  PbCl2) : 93.6,
90.7, 83.7, 82.1, 79.6, 74.9, 70.3, 64.8, 59.3, 55.1, 49.0,
45.1, 41.4, 36.1,29.8, 25.2, and 20.1.

The measured specific conductances of pure PbCl2 
obtained in this investigation are compared with pub
lished data in Table I. The close agreement indicates 
that the technique used for measuring conductance 
introduced negligible error into the data obtained.

T ab le  I : Specific C on du ctan ce of PbCU

1 ✓----------- S p e c i f ic  c o n d u c t a n c e —

o Q

P r e s e n t

w o r k ®

B lo o m  a n d  

H e y m a n n 1*3
L a n t r a t o v  a n d  

M o i s e e v a 9

500 1.450» 1 .461
525 1 .579» 1 .5 70
550 1.701 1 .6 9 6
560 1 .750 1 .7 5
575 1 .8 20 1 .8 19
600 1 .932 1 .9 2 1.931
625 2 .0 3 8 2 .0 4 0
650 2 .1 3 9 2 .1 3 2 .1 3
700 2 .3 2 3 2 .3 4
720 2 .3 8 9 2 .3 9

“ F requ en cy  =  1000 H z. b E xtrapolated  values from  the 
analytical fu n ction  for P b C h  (T a b le  I I ) .

The data for each mixture were fitted to a quadratic 
function of temperature, eq 5, usipg the IBM  com
puter program p o l r g ,  by the method of least-squares. 
This program allows a polynomial of degree seven or less 
to be fitted to the experimental data, and is formulated 
such that a calculation is terminated when the fit to the 
data is not improved by increasing the degree of the 
polynomial; in all cases the polynomial determined in 
this way was a quadratic. The parameters of these 
quadratics, together with the relative root-mean-square 
deviation of the experimental points from the computed 
curve, are given in Table II. It is important to note

(11) I. S. Yaffe and E. R. Van Artsdalen, J, Phys. Chem., 59, 118 
(1955).
(12) G. Jones and B. C. Bradshaw, J. Amer. Chem. Soc., 55, 1780 
(1933).
(13) G. Jones and G. M. Bollinger, ibid., 57, 280 (1935).
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Table I I :  Param eters fo r  the Q uadratic T em perature D epen den ce of Specific C on du ctan ce at 1C00 H z

k =  a +  bt +  c i2 k in  o h m -1  c m -1 t in  °C

C o m p o s it io n ,  

m o l %  P b C h a b X  10 * c X  10 «
r m s

d e v ia t io n ,  %
E x p t l  t e m p  

r a n g e ,  ° C

2 0 .1 - 2 . 1 9 2 7 .6 6 0 - 3 . 0 5 6 2 .3 3 650-940
2 5 .2 - 1 . 0 1 8 4 .4 9 9 - 0 . 9 7 2 3 .31 620-790
3 6 .1 - 1 . 5 4 2 6 .2 9 0 - 2 . 5 4 9 3 .19 530-750
4 1 .4 - 1 . 3 3 4 5 .7 5 8 - 2 . 2 1 5 3 .12 470-760
4 5 .1 - 1 . 3 2 7 5 .8 3 7 - 2 . 2 8 0 3.19 470-780
4 9 .0 - 1 . 3 5 6 6 .1 42 - 2 .5 7 1 3 .27 450 -780
5 5 .1 - 1 . 3 6 6 6 .2 5 2 - 2 . 5 9 8 3 .17 4 5 0 -750
5 9 .3 - 1 . 3 7 3 6 .3 8 2 - 2 . 6 2 6 3 .2 0 450 -750
6 4 .8 - 1 . 4 9 0 6 .9 0 6 - 2 . 9 6 5 3 .14 440 -750
7 0 .3 - 1 .6 3 1 7 .4 57 - 3 . 3 3 5 3 .15 430 -790
7 4 .9 - 1 .6 9 1 7 .6 3 5 - 3 . 3 0 7 3 .14 430 -780
7 9 .6 - 1 . 8 1 5 8 .0 9 8 - 3 . 5 6 8 3 .2 4 420 -780
8 2 .1 - 1 . 8 4 4 8 .1 2 4 - 3 . 5 0 6 3 .4 7 440-770
8 3 .7 - 1 . 9 5 8 8 .5 3 7 - 3 . 8 1 5 3 .36 450-780
9 0 .7 - 2 . 0 6 0 8 .9 2 0 - 3 . 9 6 8 3.31 460-800
9 3 .6 - 2 . 2 2 0 9 .4 1 9 - 4 . 2 2 6 3 .16 480-770

1 0 0 .0 - 2 . 3 7 7 9 .9 9 4 - 4 . 6 8 7 3 .23 540-770

that the conductances given by the parameters in 
Table I I  are for 1000 Hz, but deviations from the infinite 
frequency values are expected tc be small.

For pure PbCl2 and all the mixtures, graphs of log 
k and log A vs. 1/ T  showed marked curvature. Equa
tions 2, 3, and 4 fit almost all of the data well. Equiva
lent conductances were calculated from the measured 
specific conductances and the density data of Board- 
mann, Dorman, and Heymann.14 The best-fit param
eters of eq 2 are given in Table III. The fit of eq 2, 
3, and 4 to the data for the 20.1 and 25.2 mol %  PbCl2 
mixtures was poor, and the parameters for these mix
tures have been omitted from Table III. Since the 
composition dependences of the parameters T 0' and

T a b le  III  : E qu iva len t C on du ctan ce Param eters; 
A =  A T - '^ e x p [ - k / ( T  -  To)]

C o m p o s i t io n ,  

m o l  %  

P b C l 2 In  A fc(deg-9 Tc, ° K

r m s

d e v ia t io n ,

%

A p p r o x im a t e  

u n c e r t a i n t y  

i n  To, ° K

2 9 .8 9 .5 6 2 1507 196 0 .1 6 ± 3 5
3 6 .1 9 .5 0 6 1453 218 0 .1 5 ± 3 5
4 1 .4 9 .4 9 6 1518 192 0 .1 3 ± 1 5
4 5 .1 9 .5 1 7 1569 175 0 .1 3 ± 1 5
4 9 .0 9 .3 4 2 1368 209 0 .1 6 ± 3 0
5 5 .1 9 .4 0 4 1449 189 0 .1 3 ± 1 5
5 9 .3 9 .4 7 7 1513 172 0 .1 6 ± 1 5
6 4 .8 9 .3 6 9 1340 209 0 .1 2 ± 1 5
7 0 .3 9 .3 4 3 1289 222 0 .1 1 ± 1 5
7 4 .9 9 .4 0 7 1329 218 0 .1 3 ± 1 5
7 9 .6 9 .3 6 0 1248 238 0 .1 8 ± 1 5
8 2 .1 9 .3 7 5 1262 238 0 .1 8 ± 3 0
8 3 .7 9 .3 5 8 1237 244 0 .1 4 ± 3 0
9 0 .7 9 .3 7 9 1247 242 0 .1 4 ± 3 0
9 3 .6 9 .3 6 5 1194 260 0 .1 1 ± 1 5

100 9 .3 21 1138 272 0 .1 0 ± 3 0

Figure 1. E qu iva len t con du ctan ce isotherm s, T  in °C : A, our 
da ta ; V , from  Y affe  and V m  A rtsdalen  (ref 2).

To" in eq 3 and 4 closely follow that of T0 in eq 2, only 
the best-fit parameters for the latter equation are 
given.

Discussion Section
The results of this investigation, with regard to the 

isothermal composition dependence of equivalent con
ductance for the PbCl2 4- KC1 system (Figure 1) agree

(14) N. K . Boardmann, F. E. Dorman, and E. Heymann, J. Phys. 
Colloid Chem., 53, 375 (1949).
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Figure 2. E qu iva lent con ductance psuedo-isentropes, /3 =  
T/To. Inset, com position  dependence o f T0.

well with those of Lantratov and Moiseeva.9 The 
broad minimum at 40-50% PbCU is common to both 
sets of data, and neither show the very small conduc
tances at 20-25% PbCl2 observed by Bloom and Hey- 
mann;lb the latter appears to be an erroneous feature of 
Bloom and Heymann’s work.

Equation 5 has been found to describe the tempera
ture dependence of specific conductance of molten 
alkali metal halides,2 and of their binary mixtures,11 and 
appears to be a general description of the temperature 
dependence of specific conductance.15 A feature of this 
equation is that it predicts a maximum in conductance 
at a temperature given by

t =  -b/2c (7)

Maxima in conductance vs. temperature graphs have 
been observed by Grantham and Yosim for several 
salts,16 but our measurements did not extend to high 
enough temperatures to test this for the present system.

The magnitudes of the deviations from Arrhenius 
temperature dependence are illustrated by the large 
values of T0 for eq 3. It follows that the transition 
state model of ionic migration is not valid for the PbCl2 
+  KC1 system.

Equation 2 is based on the “ free volume” model for 
transport properties due to Cohen and Turnbull,5’6 
in which T 0 is the temperature below which the free 
volume of the system is zero.

Equation 4 is based on the “ co-operative rearrange
ment”  model of Adam and Gibbs,7 in which T o "  repre
sents the temperature below which the configurational

entropy of the system is zero. The composition de
pendence of T o "  is strikingly similar to the composition 
dependences of T0 and T 0', suggesting that these param
eters have a common origin. It can be shown mathe
matically that Tin { T / T o " )  =  a  +  b ( T  -  T o " )  =  b ( T  
— T0')) to within 1%  over a 300° temperature range. 
Thus, apart from the preexponential function, equations 
3 and 4 are functionally related.

The Cohen-Turnbull and Adam-Gibbs models are 
attempts to describe the glass transition phenomenon, 
and the parameters T0 and T 0"  are the idealized temper
atures at which the second-order transition responsible 
for the glass transition phenomenon occurs for infinitely 
slow cooling rates. The two models ascribe the glass 
transition to different causes, but it is evident that the 
parameters T0 and T o "  are both closely correlated with 
the experimental glass transition temperature Tg. This 
has been demonstrated experimentally for the system 
zinc chloride +  pyridinium chloride,17 and for other 
glass-forming systems.

The temperature Tg is clearly a function only of the 
liquid structure and is unaffected by properties of the 
vapor or of the crystalline solid. Glasses may be con
sidered to be solids in which the liquid structure has 
been “ frozen in,”  the chief characteristic which differ
entiates between glass and liquid being the mobility of 
the constituent entities. The temperature T0 thus 
appears to be an ideal reference temperature for the 
liquid state.

In terms of the Adam-Gibbs model, T0"  is related to 
the macroscopic thermodynamic parameters of the 
liquid by the equation

5c =  Acp In (T/To") (8)

where S c  =  configurational entropy and Acp is the 
difference in heat capacities of the liquid and glassy 
states. If Acp is invariant with composition, then 
T/T0"  is directly proportional to the configurational 
entropy of the liquid at temperature T. Thus com
parisons of conductance at equal values of T / T o "  may 
be considered to be made under isentropic conditions, 
and graphs of the composition dependence of conduc
tance at equal values of T0/T 0"  may be termed “ isen- 
tropes.”  Because of the assumption made about Acp, 
and because T0"  is only approximately the temperature 
of zero configurational entropy (see later discussion), 
we propose to call these graphs “ pseudo-isentropes.”  
The equivalent conductance pseudo-isentropes for the 
KC1 4- PbCb system are given in Figure 2. The curves 
of Figure 2 have been plotted from equivalent conduc
tances calculated from the best-fit parameters of eq 2.

(15) G. J. Janz, ‘ ‘Molten Salt Handbook,” Academic Press, New 
York, N. Y „ 1967, pp 290-297.
(16) L. F. Grantham and S. J. Yosim, J. Phys. Chem., 67, 2506
(1963); / .  Chem. Phys., 43, 1415 (1965); 44, 1509 (1966); 45, 1192 
(1966).
(17) A. J. Easteal and C. A. Angell, to be published.
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The open circles show one set of calculated conduc
tances. The scatter of the points about the curve is 
due in part to uncertainty in the density data from 
which the conductances were calculated; densities were 
available for only a few of the mixtures so that densities 
for most mixtures were obtained by interpolation of 
density isotherms. The inset of Figure 2 shows the 
composition variation of To, and it is the same (within 
the limits indicated) as the composition variations of 
To' and T 0" . The limits of uncertainty shown are the 
ranges of T 0 which correspond to ± 1 .5  times the mini
mum rms deviation of the experimental points from the 
curves calculated on the basis of eq 2. It can be seen 
that in the composition region rich in PbCl2 the experi
mental scatter about the curve of best fit is quite small.

A comparison of the pseudo-isentropes with the iso
therms of equivalent conductance indicates the useful
ness of the concept of pseudo-isentropic comparison. 
Figure 2 shows a clearly defined minimum at 50 mol %  
PbCl2, which does not shift with temperature ( i . e . ,  with 
configurational entropy), whereas in Figure 1 the mini
mum is much broader and shifts from 40 mol %  PbCl2 
at lower temperatures to 50 mol %  PbCl2 at higher 
temperatures. It is difficult to account for this shift in 
the isotherm minimum. On the other hand, the 
pseudo-isentropes indicate that the structural charac
teristics responsible for the decrease in conductance do 
not change with temperature. Furthermore, the 
composition at which the pseudo-isentrope minimum 
occurs corresponds to the stoichiometry of the entity 
PbCF- , which has been postulated to account for, 
in te r  a l ia , vapor pressure data.18 A tentative corre
lation of T o "  (and To, T o )  with ion association in 
PbCl2 +  KC1 mixtures is thus suggested, but a more 
detailed interpretation is not justified on the basis of 
the results reported here.

Because the absolute magnitudes of To, T 0', and T 0"  
are not significant it cannot be said that they are pre
cisely the temperatures of zero free volume (and con
figurational entropy) and similarly the other parameters

have no unambiguous interpretation. However, To, 

T o ,  and T o "  should be reasonably good approximations 
to these temperatures.

The closeness of fit of the functions defined by eq 3 
and 4 to the experimental conductance data (rms devia
tion 0.1-0.2% ) is suggestive that the mechanism of 
ionic transport in PbCl2 +  KC1 electrolytes is related 
to a cooperative rearrangement mechanism. However, 
the fact that quadratic functions of temperature (eq 5) 
fit the data almost equally well on the whole indicates 
that some caution musi be exercised in applying a 
cooperative relaxation model to these liquids. Indeed 
there may be still further functional relationships be
tween conductance and temperature which fit the data 
with precision of the same order as for the functions 
discussed here (the Arrhenius equation is a notable 
exception), and which are derivable from quite different 
transport mechanisms. A more decisive assessment of 
the applicability of cooperative relaxation and liquid 
free volume type models to these electrolytes must 
await detailed analyses cf the temperature dependence 
of precise data for other transport properties of the 
mixtures and/or estimation of T o  from heat capacity 
data.

Conclusions
The use of the temperatures of zero free volume or 

zero configurational entropy, as a reference temperature 
appears to be useful for PbCl2 +  KC1 fused mixtures. 
Similar analyses of transport data for other high- 
temperature molten electrolytes may well yield more 
detailed interpretations of such data than have been 
obtained previously.

A c k n o w le d g m e n t . We are indebted to C. A. Angeli 
and C. T. Moynihan for helpful and stimulating dis
cussions, and the New Zealand Universities Research 
Grants Committee for an equipment grant.

(18) K. Hagemark, D. Hengste lburg, and M. Blander, J. Phys, Chem., 
71,1819 (1967).
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M a s s  T r a n s p o r t  i n  I o n i c  M e l t s  a t  L o w  T e m p e r a t u r e s .  C b . r o n o p o t e n t i o m e t r i c  

D i f f u s i o n  C o e f f i c i e n t s  o f  S i l v e r ( I ) ,  C a d m i u m  ( I I ) ,  a n d  T h a l l i u m  ( I )  i n  

C a l c i u m  N i t r a t e  T e t r a h y d r a t e

by C. T. Moynihan and C. A. Angell
Department of Chemistry, Purdue University, Lafayette, Indiana 41907 {Received July 21, 1969)

Chronopotentiometric diffusion coefficients have been measured for Ag+, Tl+, and Cd2+ ions in molten calcium 
nitrate tetrahydrate over the temperature interval 15-60°. The diffusion coefficients, which are in the range 
10~8 to 10-6 cm2/sec, all show non-Arrhenius temperature dependences. Despite the differences in charge and 
size, the Arrhenius coefficients of the diffusivities at equal temperatures are almost the same for all ions and are 
also very close to those previously observed for electrical conductance and shear and bulk fluidities of the pure 
solvent. The cooperative character of the basic mass-transporting event is thus further supported. At a given 
temperature, D Ag+ and Z)T 1+ are about twice as large as D a i * .  Application to these data of an empirical, 
Stokes-Einstein type of correlation between diffusivity and fluidity for fused nitrates suggests that for ZW + the 
mobile entity is the hydrated cation Cd(H20)42+.

In the past few years a number of investigations of 
the temperature dependence of transport properties 
have been reported for the ionic liquid calcium nitrate 
tetrahydrate (mp 42.7°). These include studies of 
conductance,1-4 shear viscosity,1,4 bulk viscosity,5 
and polarographic diffusion coefficient of Cd2+ at two 
temperatures.6 Much of the interest in this system has 
been generated because it is an easily studied example 
of an ionic liquid in which measurements can be ex
tended well into the metastable supercooled region. It 
has been found for such liquids that the first few orders 
of magnitude of transport properties in the supercooled 
region generally exhibit a non-Arrhenius temperature 
dependence and are well described by the three-pa
rameter Fulcher equation.7

%  = A /T ^ e x ; p (7f f ^ )  W

A j ,  k j ,  and T 0ii are empirical parameters and Wj  is a 
transport property, e .g . , equivalent conductance (A), 
the reciprocal of the shear viscosity (1/T) or bulk 
viscosity (l/ijv), or the diffusivity/temperature quotient 
(.D t/ T ).8 Equation 1 can be derived from theories 
which take the free volume9 or the configurational 
entropy10 as the important quantities in setting the 
temperature dependence of the liquid transport proper
ties. In these theories the T 0 parameter appears as an 
equilibrium property of the liquid, a theoretical glass 
transition temperature at which the free volume or 
configurational entropy of the liquid vanishes on cooling 
at an infinitely slow rate. Inherent in the configura
tional entropy derivation10 of eq 1 is also the notion that 
transport in the liquid at low temperatures occurs v ia  
a cooperative rearrangement of relatively large numbers

of liquid particles, a conclusion which has also been 
reached experimentally from a comparison of transport 
properties and structural relaxation times for a variety 
of liquids.11,12

Although the applicability of eq 1 to low-temperature 
melts has been demonstrated many times for transport 
properties which reflect the combined mobilities of all 
ions present, it has not so far been upheld for the motion 
of a single species. Since the possibility that non- 
Arrhenius transport behavior might arise from some 
combination of individual ionic properties has not, to 
date, been eliminated, and because in any case the 
factors determining the preexponential term in eq 1 are

(1) C. T. Moynihan, / .  Phys. Chem., 70, 3399 (1966).
(2) C. A. Angell, J. Electrochem. Soc., 1 1 2 ,  1224 (1965).
(3) C. A. Angell, J. Phys. Chem., 70, 3988 (1966).
(4) C. T. Moynihan, C. R. Smalley, C. A. Angell, and E. J. Sare, 
ibid., 73,2287 (1969).
(5) G. S. Darbari and S. Petrueci, ibid., 73, 921 (1969).
(6) J. Braunstein, L. Orr, A. R. Alvarez-Funes, and H. Braunstein, 
J. Electroanal. Chem., 1 5 ,  337 (1968).
(7) C. A. Angell and C. T. Moynihan in “ Molten Salts: Characteriza
tion and Analysis,” G. Mamantov, Ed., Marcel Dekker, Inc., New 
York, N. Y., 1969, p 315.
(8) The preexponential T ~lA in eq 1 and the T~l term in the Wj 
for diffusion coefficient arise from the application of the Tl/> tem
perature dependence of ideal gas molecular velocities to diffusion 
coefficients in the liquid9 and from the Nernst-Einstein and Stokes- 
Einstein relationships among the various transport properties. These 
temperatures factors are frequently omitted in applying eq 1, with 
little effect on the derived temperature dependence parameters kj 
and To,j.
(9) M. H. Cohen and D. Turnbull, J. Chem. Phys., 31, 1164 (1959).
(10) G. Adam and J. H. Gibbs, ibid., 43, 139 (1965).
(11) T. A. Litovitz and C. M. Davis in “ Physical Acoustics,”  Vol. 2, 
Part A, W. P. Mason, Ed., Academic Press, New York, N. Y., 1965,
p 281.
(12) F. J. Bartoli, J. N. Birch, N.-H.-Toan, and G. E. McDuffie, 
J. Chem. Phys., 49, 1916 (1968).
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poorly understood, the lack of self-diffusion coefficient 
measurements in the low-temperature region has been 
an obvious defect in the available data. Hence it was 
felt that an investigation of self-diffusion, again using 
calcium nitrate tetrahydrate as a trial system, should 
be undertaken.

Conventional self-diffusion coefficient measurements 
for the bulk ions of the melt by tracer methods suffer 
from two disadvantages: (a) because of the low values
of the diffusion coefficients ( ~ 10 _6to 10 ~8 cm2/sec), in
ordinately long diffusion times, of the order of several 
days, are required, and (b) over this long a period there 
is a high likelihood that the run will be interrupted by 
crystallization of the metastable, supercooled melt. 
Consequently, it was decided to perform diffusion coef
ficient measurements for reducible cations (Ag+, Cd2+, 
and T1+) present in low concentration in calcium nitrate 
tetrahydrate melts by the much more rapid method of 
chronopotentiometry.13

In this technique, an electrochemically active species 
in an unstirred, dilute solution with a large excess cf 
inert electrolyte is electrolyzed at constant current, and 
the transition time, r, required to exhaust the active 
species at the electrode surface is determined from 
the potential-time curve for the electrolysis. The dif
fusion coefficient of the active species i  is given by the 
Sand equation

7T F V A % 2

where I  is the current, F  the Faraday constant, n  the 
number of electrons required for electrolysis of an ion 
of i ,  A  the electrode area, and c, the concentration of i .  
Equation 2 is derived on the assumption that all of the 
current is consumed in the Faradaic electrolysis process, 
but in fact part of the current is always used in charging 
the electrode double-layer capacitances. A number of 
workers14-16 have considered this problem and shown, 
in effect, that eq 2 may be employed provided that the 
transition time, t, is measured in a proper fashion to 
compensate for the effect of the double-layer charging. 
Laity and McIntyre14 have shown v ia  irreversible 
thermodynamics that for fused salts the chronopoten- 
tiometric diffusion coefficient of an ion at low concen
tration can be equated to both its interdiffusion and 
self-diffusion coefficients.

Experimental Section
Calcium nitrate tetrahydrate, cadmium nitrate 

tetrahydrate, and silver nitrate were reagent grade 
chemicals and were used without further purification. 
The water content of the calcium nitrate tetrahydrate 
was determined by dehydrating the salt at 160° in a 
vacuum oven; the two lots used gave mole H20:m ole 
Ca(N03)2 ratios of 4.09 ±  0.01. Thallium nitrate 
(British Drug Houses, Ltd.) was recrystallized once 
from water and dried at 110 ° before use. All solutions

were prepared by weighing the solid components di
rectly into the chronopoientiometric cell. The calcium 
nitrate tetrahydrate was then melted in a hot water bath 
at about 50° and the reducible cation nitrates dissolved 
by agitating the melt wbh a magnetic stirrer.

The constant current source for the chronopoten
tiometry apparatus was a 225-V bank of dry cells con
nected in series with three potentiometers (10 M, 1 M, 
and 100 k) which were used as adjustable resistors to 
regulate the current. The magnitude of the current 
could be adjusted initially by passing it through a 
dummy 500-ohm resistor, after which the chronopoten- 
tiometric cell could besw.tched into the circuit by means 
of a D PD T switch. Current was measured during the 
electrolysis with a Keit iley 610B electrometer which 
was found by calibraticn to be accurate to ±0.5% . 
Potential-time curves were measured with an Esterline- 
Angus Speed Servo recorier, for which less than 0.1 sec 
was required for full scale recorder pen deflection. A 
chart speed of 0.75 in./sec was used in recording the 
chronopotentiograms.

The calcium nitrate tetrahydrate melts (about 90 g) 
were contained in tightly capped 35 or 38-mm od Pyrex 
tubes into which dipped two electrolysis electrodes. 
For experiments with Ag+ the tubes were painted black 
on the outside to lessen t le chances of photodecomposi
tion of silver ion. The mode and combined reference 
and counterelectrode was a 3-mm length of 0.5-mm 
diameter platinum wire imerging from a Pt-Pyrex seal 
in a piece of Pyrex tubing. For the melts containing 
Ag+ ion the cathode and indicator electrode was a 
platinum foil of approximate dimensions 10 X 12 mm. 
The foil was welded to a short length of platinum wire 
which emerged from a Pt-Pyrex seal in a piece of Pyrex 
tubing. The exact surface area of the Pt cathode (in
cluding foil edges and w:re) was calculated from mea
surements of its dimensions and was found to be 2.54 ±  
0.02 cm2. Cd2+ and T1+ cannot be reduced at a plati
num electrode in calcium nitrate tetrahydrate melts due 
to the low hydrogen-on-platinum overvoltage. Hence 
for these two ions, a mercury pool cathode had to be 
employed. The mercury was contained in a J-shaped 
piece of 7-mm od Pyrex t ibing, the short arm of which 
terminated in a cup formed from 14-mm od Pyrex and 
dipped below the surface of the melt. The long arm of 
the J-tube extended out through the cell cap, and con
tact to the mercury was made by a platinum wire in-

(13) Reviews of applications of chronopotentiometry to fused salts 
are given by C. H. Liu, K. E. Johnson, and H. A. Laitinen in “ Molten 
Salt Chemistry,” M. Blander, Ed., Interscience, New York, N. Y., 
1964, p 681, and by H. A. La.it.nen and R. A. Osteryoung in “Fused 
Salts,” B. R. Sundheim, Ed., McGraw-Hill, New York, N. Y., 1964, 
p 255.
(14) R. W. Laity and J. D. E McIntyre, J. Amer. Chem. Soc., 87, 
3806 (1965).
(15) M. L. Olmstead and R. S Nicholson, J. Phys. Chern., 72, 1650 
(1968).
(16) R. S. Rodgers and L. Meites, J. Electroanal. Chern., 16, 1 (1968).
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serted down this arm. The area of the mercury pool 
electrode was determined by measuring the id of the 
cup (1.17  cm) and the height of the mercury meniscus 
when the cell was filled with melt (0.15 cm) and calculat
ing the area on the assumption that the surface had the 
shape of an oblate hemispheroid. This gave an area of
1.15  ±  0.02 cm2 for the mercury surface.

The chronopotentiometry cells were thermostated 
in a Lauda K -2/R  constant temperature circulator. 
Bath temperatures were measured to ±0.05° with a 
calibrated mercury-in-glass thermometer. The cir
culator was turned off briefly while recording a chrono- 
potentiogram to avoid agitation of the melt.

Normally a third reference electrode is incorporated 
into a chronopotentiometric cell, and the potential of 
the indicator electrode is measured with respect to it. 
In our case, however, we were not concerned with the 
determination of the quarter-wave potentials of the 
reducible tracer cations, so we measured the potential 
of the indicator electrode with respect to the Pt wire 
anode. In calcium nitrate tetrahydrate melts oxygen 
is evolved at a platinum anode,17 so that the anode 
maintains a constant potential during electrolysis at 
constant current and, hence, is suitable as a reference 
electrode for measuring transition times. To check 
this point, however, in one of the runs with silver as the 
reducible cation a heavy silver wire was incorporated 
into the cell as a third reference electrode. No dif
ference was found between transition times measured 
using the Ag wire as reference electrode and those mea
sured using the Pt anode as reference.

Blank runs were performed with both platinum and 
mercury cathodes on samples of melt to which no re
ducible cation had been added in order to detect any 
possible contributions to transition times from reducible 
impurities or dissolved oxygen. At the current densi
ties used in these experiments, no such transition times 
were found in the blank runs, even after bubbling pure 
0 2 through the melt. Hence no precautions were taken 
to exclude air from the melts, save for tightly capping 
the cells to avoid loss of water at the higher tempera
tures.

Runs were begun by measuring chronopotentiograms 
at 50°, then lowering the cell temperature and per
forming measurements at several temperatures down 
to 15 °. Finally, the cell temperature was raised again 
to 50°, a series of chronopotentiograms run, and a final 
series of measurements taken at 60°. At least three 
potential-time scans were run at each temperature with 
agreement among transition times measured at the 
same temperature of 1-2% . In these viscous melts, it 
was necessary to wait 10-20 min, with intermittent 
stirring, between successive chronopotentiograms to 
allow the bulk tracer-ion concentration to be reestab
lished at the electrode surface. It was generally not 
possible to avoid freezing of the melt when measure
ments were attempted below 15°.

Figure 1. C h ronopoten tiogram  o f 0.00809 M  C d 2 + solution  in 
C a (N O 3)2-4.09 H aO  at 49 .6°. I/A  =  0.436 m A /c m 2, 
r  =  3.72 sec.

Measured transition times were kept in the range
2-5 sec, which required currents in the range 0 .1- 1  mA. 
The quantities of melt and concentrations of reducible 
tracer ion were such that at these currents upward of 
thirty chronopotentiograms could be run on a sample 
without changing the initial tracer ion concentration 
by more than 0.1% .

Results
A typical chronopotentiogram is shown in Figure 1. 

In analyzing the chronopotentiograms we have followed 
the method of Olmstead and Nicholson,15 who charac
terize the effect of double-layer charging on measured 
transition times in terms of a parameter \p

R T C ii
y/ =  --------------

^Flrsand

where Cdi is the double-layer capacitance, and rsand is 
the value of r which satisfies the Sand equation. They 
show that if \p is less than 0.005, experimental values of 
t  determined by the method of Delahay and Berzins18 
deviate from rsand by less than 1.7% . For our experi
ments \p, evaluated using values of C'ai calculated from 
the slope of the initial steeply rising portion of the 
potential-time curves, was generally less than 0.001. 
Hence we have used the Delahay and Berzins method 
of determining r, as is shown in Figure 1.

Diffusion coefficients for Ag+, Cd2+, and T l+ were 
calculated from the experimental data v ia  eq 2. Ionic 
concentrations were calculated from the masses of the

(17) R.-P. Courgnaud and B. Trgmillon, Bull. Soc. Chim. Fr., 758
(1965).
(18) P. Delahay and T. Berzins, J. Amer. Chem. Soc., 75, 2486 
(1953).
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components used in making up the melts and the den
sity-temperature-composition data for C a(N 03)2-H20  
solutions of Ewing and Mikovsky.19 Results are 
tabulated in Table I  and shown in the form of Arrhenius 
plots in Figure 2.

Table I :  D iffu sion  C oefficients o f A g +, C d 2+, and T l + 
in  C a(N O 3)2-4.09H 2O  M elts

S ilv er(I)

R u n  1 R u n  2

C50° =  5 .4 2  X  1 0 -» C6o° =  8 .0 4  X  1 0 “ «
T e m p  ° C £>Ag+ X  1 0 7, c m 2/ s e c

5 9 .6 0 1 0 .7 1 0 .7
4 9 .6 0 7 .4 7 .4
3 9 .7 0 4 .4 4 .6
2 9 .7 5 2 .5 4 2 .60
2 1 .8 0 1 .6 4 1 .51
1 4 .85 0 .9 6 0 .9 3

C adm ium  (I I )
R u n  1 R u n  2 R u n  3

C50° = 7 .2 6  X  1 0 - « C5o° =  8 .0 9  X  1 0 - «  cso° =  7 .6 8  X  1 0 - «
T e m p  ° C De d ! +  X 1 0 7, c m 2/ s e c

5 9 .6 0 5 .0 5 .5 5 .3
4 9 .6 0 3 .1 3 .7 3 .5
3 9 .7 0 1 .9 2 .2 2 .1
2 9 .7 5 1 .0 9 1 .2 5
2 1 .8 0 0 .5 7 0 .6 6
14 .85 0 .3 2 0 .4 2

T h alliu m  (I )
R u n  1 R u n  2

C50O = 1 1 . 5 5  X  10 -< ' « 0 °  =  1 0 . 7 2  X  1 0 - «

T e m p  ° C D t i +  X  1 0 7 c m 2/ s e c

5 9 .6 0 1 0 .4 1 0 .9
4 9 .6 0 7 .0 7 .3
3 9 .7 0 4 .2 4 .4
2 9 .7 5 2 .3 0 2 .4 7
2 1 .8 0 1 .2 6 1 .4 2
14 .85 0 .7 1 0 .7 5

a C on cn  o f  ion  at 50 ° in m ol,/cm 3.

The internal precision of a set of diffusion coefficients
measured during a single run, which affects the uncer-
tainty in the calculated temperature dependences of 
D {, is determined by the uncertainties in the measured 
currents, transition times, and temperatures and is 
estimated to be about 3% . The relative precision 
expected when diffusion coefficients measured during 
different runs are compared depends in addition on the 
uncertainities in the tracer-ion concentration and melt 
water content and is estimated to be around 5 % .  Fi
nally, the absolute accuracy of the D { measurements 
depends on the accuracy of the electrode area measure
ment as well as on the previously mentioned factors and 
is estimated to be 7%  for D a s + and 9% for Dca2+ and 
D ti +.

Agreement between values of D t measured in different 
mna for Cd2+ and for T1+ at lower temperatures is 
somewhat outside the estimated relative precision of

t(°c)
70 60 50 40 30 20 10

Figure 2. Arrhenius plots for diffusion coefficients, equivalent 
conductance, and shear and bulk  v iscosity  for 
C a (N O 3)2-4.09H 2O. O rdinates: D-,, cm 2/s e c ;  AT, 
cm 2 d e g /o h m  eq u iv ; T/i), and T/yv, d eg/P.

5 % .  The most likely source of the discrepancies is a 
small amount of creepage of melt between the mercury 
and glass in the cathode, leading to some deviation from 
run to run in the actual area of the electrode. The 
agreement between values of Dak+ for different runs 
is well within the estimated relative precision, indicating 
that the poor relative precisions for D cd *+  and Dti + are 
indeed due to the cause suggested, since the problem of 
poorly defined electrode area is not encountered with 
the Pt-foil electrode.

Braunstein and coworkers6 have measured Dcdi+ by 
polarography in Ca(N0 3 )2-4 .0 0 H20  at 50 and 100°; at 
50° their result was (3.12 ±  0.010) X 10~7 cm2/sec. 
We may correct this result to the melt composition 
studied here by an empirical method,3'4'20'21 by which 
all of the isothermal composition dependence of trans
port properties in Ca(N0 3 )2-H 20  solutions is lumped 
into a variation in the T 0 parameter in eq 1. This 
gives for the result of Braunstein, et a l ., Dcd« + 3.38 X

(19) W. W. Ewing and R. J. Mikovsky, J. Amer. Chem. Soc., 72, 
1390 (1950).
(20) C. A. Angell, J. Chem. Phys., 46, 4673 (1967).
(21) C. A. Angell, E. J. Sare, and R. D. Bressel, J. Phys. Chem,., 71, 
2759 (1967).

Volume 74, Number 4 February 19, 1970



740 C. T. Moynihan and C. A. A ngell

T a b le  I I :  P it  o f E quation  1 to  T ran sport D a ta  fo r  C a fN O ah • 4 .09H 2O  w ith  Sam e i'o.y fo r  A ll D ata

w ja A j

D a b +/T  (R u n  1) 5 .0 6  X  IO“ 6
D As+/T (R u n  2 ) 5 .8 4  X  10 -«
D oai*/ T  (R u n  1) 4 .4 2  X  IO" 6
D ca*+/T  (R u n  2 ) 3 .9 7  X  IO-6
D ai+/T  (R u n  3) 4 .3 1  X  IO “ 8
D n+/T  (R u n  1) 8 .9 2  X  10 " 6
D t iV T  (R u n  2 ) 8 .6 0  X  IO -6
A 3 .0 6 3  X  103
i/»?« 1 .0 8 7  X  1 0 -
l A v 2 .4 7  X  IO“ 4

a U n its: (D J T ),  cm 2/s e c  deg ; A, cm 2/o h m  eq u iv ; >7» and ijv, P.

kj T«,j
Stand dev 

in In Wj

5 8 2 .4 2 0 2 .5 0 .0 3 8
5 9 8 .2 2 0 2 .5 0 .0 2 3
6 6 3 .0 2 0 2 .5 0 .0 3 0
6 3 5 .0 2 0 2 .5 0 .0 4 4
6 5 0 .4 2 0 2 .5 0.012
6 5 5 .2 2 0 2 .5 0 .0 1 7
6 4 4 .8 2 0 2 .5 0 .0 2 5
5 9 1 .8 6 2 0 2 .5 0 .0 0 7
694.51 2 0 2 .5 0 .0 0 4
7 2 6 .8 2 0 2 .5 0 .0 3 3

10 ~7 cm2/sec at 50° for Ca(NO3)2-4.09H2O. This 
datum is shown plotted in Figure 2 and is in excellent 
agreement with our results, suggesting that there are no 
undetected systematic errors in our method.

To facilitate comparison of temperature coefficients, 
our diffusion coefficient data have been computer fitted 
to eq 1 using the value T0 =  202.5, which was found 
previously4 to give an adequate fit for conductance and 
shear viscosity at this melt composition. The calcu
lated parameters are given in Table II. The standard 
deviations in In (D t/ T ) are consistent with our estimate 
of about 3%  for the internal precision of a given run.

Discussion
In Figure 2 the temperature dependences of the 

tracer diffusion coefficients are compared with those for 
the conductance and shear viscosity determined previ
ously4 for Ca(NO3)2-4.09H2O and with the bulk viscos
ity data of Darbari and Petrucci5 for Ca(NO3)2-4.0 
H20. The bulk viscosity data shown considerable 
scatter when plotted as a function of concentration, so 
that no attempt has been made in Figure 2 to correct 
them to the melt composition used in this study. In 
Table II  similar comparisons are made among the 
transport properties in terms of the parameters of eq 1 
needed to describe the data. In this case, the bulk 
viscosity parameters determined for Ca(NO3)2-4.0 
H20  have been corrected to the composition Ca(N 03)2- 
4.09H2O as before.3'4'20 21

As expected from the behavior of the other transport 
properties, the Arrhenius plots of D t are not linear, but 
are curved in a direction corresponding to an apparent 
increase in activation energy with decreasing tempera
ture. Similarly, as expected from the theoretical inter
pretation of T0,j in eq 1 as an equilibrium rather than a 
transport property of the melt,14 '7 an adequate fit to 
all the transport data for the melt can be obtained with 
the same value of T 0,j, as is shown in Table II.

The various transport properties show a remarkable 
similarity to one another in their temperature depen
dences when compared on a logarithmic scale. The

largest discrepancy between the k} terms in Table II  
(582.4 for D Ag+ / T  vs. 726.8 for 1 / j?v) is about 
2 2 %. For comparison purposes, the agreement be
tween the temperature dependences of the transport 
properties could probably be improved if one could 
dissect the shear and bulk viscosities into contributions 
from the appropriate relaxation times and moduli

IJs (jcoTb

Vv =  { K „  — K o) t v

G „  is the infinite frequency modulus of shear rigidity, 
K a and K o  the infinite and zero frequency moduli of 
compression, and ts and rv, respectively, the shear and 
structural relaxation times. Litovitz and McDuffie and 
their coworkers11' 12’22 have shown experimentally that 
better correlations are achieved when one compares the 
temperature and pressure dependences of rs or rv with 
those of other transport properties than when the 
similar comparison is made using 17s and ?jv. This re
sult is a reasonable one, since (?„ and ( K a, — K o )  measure 
elastic, solid-like properties, rather than fluid-like 
properties of the liquid. G,, and (A„ — K o )  both in
crease with decreasing temperature, so that it seems 
likely that part of the discrepancy between the k} values 
for 1 /tjs and l/rjv and the k s values for the other trans
port properties would disappear if one were able to take 
these factors into account.

The close agreement between the temperature depen
dences on a logarithmic scale (or activation energies) of 
the diffusion coefficients of various ions in the same melt 
seems to be a fairly general phenomenon in anhydrous 
fused salts, having been observed both for cation and 
anion self-diffusion coefficients in high-temperature 
pure fused salts7,23'24 and mixed melts25-28 and for

(22) T. A. Litovitz and G. E. McDuffie, J. Chem. P h y s 39, 729 
(1963).
(23) C. A. Angell and J. W. Tomlinson, Trans. Faraday Soc., 61, 2312 
(1965).
(24) C. A. Sjòblom, Z. Naturforsch., 23a, 933 (1968).
(25) F. Lantelme and M. Chemla, Bull. Soc. Chim. Fr.t 969 
(1963).
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polarographic diffusion coefficients in lower tempera
ture melts.7'29 On the other hand, in high-temperature 
melts discrepancies frequently occur between the acti
vation energies of diffusion coefficients and shear vis
cosity24 and even more frequently between the activa
tion energies of shear viscosity and equivalent conduc
tance,7'30 A usually having the lower temperature coeffi
cient. Hence, it would appear that for ionic liquids close 
similarity among the temperature dependences of all 
the different transport properties is a phenomenon asso
ciated primarily with low temperatures. We interpret 
this similarity in temperature coefficients observed in 
our study as a manifestation of the cooperative nature 
of the mass transport mechanism at low temperatures, 
such that the “ activated jump”  involved in the trans
port of any single particle occurs in concert with a 
simultaneous rearrangement of a large number of other 
particles in its vicinity.

At a given temperature, the actual magnitude of the 
diffusion coefficient of an ion in calcium nitrate tetra- 
hydrate appears to depend more on its coulombic charge 
than on any other factor, as is seen from the relatively 
small difference in the diffusional mobilities of Ag+ and 
T1+ in comparison to that of Cd2+, which is only about 
half as mobile as either of the singly charged ions. A 
similar preponderance of charge effects in determining 
cationic mobilities has been observed in higher tempera
ture anhydrous melts for tracer ion diffusion coeffi
cients,29'31-34 as well as for electrical ion mobilities.36-37 
Although the decrease in cationic mobility with increase 
in coulombic charge is in accord with the more or less 
intuitive feeling possessed by physical chemists that 
increased charge should lead to local électrostriction 
in the melt and a corresponding restriction in the “ free
dom of motion”  of the ion, no one has yet put forth a 
satisfactory theory for the effect in anhydrous melts. 
The formation of “ complex ions”  by highly charged 
cations is clearly too simplistic an explanation. It 
does not account, among other things, for the fact that 
temperature coefficients of transport properties of 
multivalent ions are comparable to those of univalent 
ions and do not appear to reflect changing equilibrium 
constants and that electrical mobility behavior is quite 
similar in systems such as Ca(N0 3)2-L iN 0 3  and CdCL- 
KC1, where the “ complex-forming” abilities of the ions 
are presumably quite different.36

A note of caution needs to be injected here, of course, 
in comparing our results for a hydrate melt with an
hydrous systems, namely, that the presence of water 
may invalidate the comparison.. In this light it is 
interesting to interpret our diffusion results in terms 
of the Stokes-Einstein equation

ai)„r{

The original derivation of the equation was based on

the identification of the friction coefficient, f,, of the 
Einstein equation

D t =  k T / £ t

with the hydrodynamic force impeding the steady 
movement of a sphere of radius r< in a continuous fluid 
medium of viscosity ?j8. k  is the Boltzmann constant, 
and the numerical factor a  is equal to 671 if there is no 
slippage at the fluid-sphere interface and 4tt if there 
is complete slippage.38 Although this model has no 
obvious relevance to the case of ionic motion, many 
studies show that a relation of the form of eq 3 exists 
between diffusion coefficients of atomic size particles 
and the fluid viscosity. Forcheri and Wagner, 28 for 
instance, have shown that a plot of univalent ion diffu
sion coefficients in univalent nitrates vs. T/-qsr t gives, 
with considerable scatter, a straight line with a slope 
corresponding to a  =  4.671 in eq 3. Similar plots for 
molten nitrates and halides, with similar slopes, have 
been presented by Bockris and coworkers. 39

To test this correlaticn for the present results, we 
first note that proton magnetic resonance studies4'40 
have shown that in calcium nitrate tetrahydrate large 
univalent ions such as K -  or (CH3)4N+ are unhydrated, 
while Cd2+ has a hydration number of 4. It seems 
a safe presumption that Ag+ and T1+, which are similar 
in size to K+, are likewise unhydrated. Hence for 
calculations with eq 3 we may use the “ bare”  ionic 
radii41 for A g+ and T1+, but for Cd2+ we have a choice 
of using the “ bare” ionic radius or the “ hydrated”  ionic 
radius ( =  rod.«+ +  2 rHao)-

In Table I II  are shown ratios of the observed Zb in 
calcium nitrate tetrahydrate to the D t calculated v ia  
eq 3 using a  — 4.07T at two temperatures. The results

(26) F. Lantelme and M. Cherala, C. R. Acad. Sci., 258, 1484 (1964).
(27) P. L. Spedding and R. Mills, J. Electrochem. Soc., 113, 599
(1966) .
(28) S. Forcheri and V. Wagner, 2. Naturforsch., 22a, 1171 (1967).
(29) M. Francini and S. Martini, ibid., 23a, 795 (1968).
(30) J. P. Frame, E. Rhodes, and A. R. Ubbelohde, Trans. Faraday 
Soc., 55,2039 (1959).
(31) H. A. Laitinen and W. S. Ferguson, Anal. Chem., 29, 4 (1957).
(32) H. A. Laitinen and H. C. Gaur, Anal. Chem. Acta, 18, 1 (1958).
(33) C. E. Thalmayer, S. Brnckenstein, and D. M. Gruen, J. Inorg. 
Nucl. Chem., 26, 347 (1964).
(34) F. Caligara, L. Martinet and G. Duyekaerts, J. Electroanal. 
Chem., 16,335 (1968).
(35) W. K. Behl and J. J. Egan, J. Phys. Chem., 71, 1764 (1967).
(36) J. C. T. Kwak, Ph.D. Thesis, University of Amsterdam, 1967.
(37) A. Berlin, F. Menes, S. Forcheri, and C. Monfrini, J. Phys. 
Chem., 67,2505 (1963).
(38) H. Eyring, D. Henderson, B. J. Stover, and E. M. Eyring, 
“ Statistical Mechanics and D/namics,” John Wiley & Sons, Inc., 
New York, N. Y „ 1964, p 463
(39) (a) J. O’M. Bockris, S. Ycshikawa, and S. R. Richards, J. Phys. 
Chem., 68, 1838 (1964); (b) J. O’M. Bockris, S. R. Richards, and L. 
Nanis, ibid., 69, 1627 (1965).
(40) C. T. Moynihan and A. Fratieilo, J. Amer. Chem. Soc., 89, 5546
(1967) .
(41) C. S. G. Phillips and R. J P. Williams, “ Inorganic Chemistry,” 
Oxford University Press, New York, N. Y., 1965, p 152.
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T a b le  III : C om parison  o f O bserved D iffu sion  Coefficients in 
C alcium  N itrate  T etrahydrate  to  T h ose  C alcu lated from  
the S tokes-E in stein  E qu ation  using a =  4.6r

Pi, obsd/Î t.calcd
I o n T i ,  A 1 4 .8 5 ° 5 9 .6 0 °

A g + 1 .2 6 2 .6 3 1 .7 2
T1 + 1 .4 0 2 .2 4 1 .8 9
C d (H 2O y  + 3 .7 3 3 .0 3 2 .5 2
C d 2+ 0 .9 7 0 .7 9 0 .6 5

show for the first three entries that the calculated D t 
are too low, the discrepancies becoming worse the lower 
the temperature. Since the a  value of 4.6ir taken from 
Forcheri and Wagner is strictly empirical and applies to 
melts with viscosities lower by two orders of magnitude 
than those encountered here, the low values of A .c a ic d  
simply reflect the fact already noted that the tempera
ture coefficient of 1 /tjs is somewhat greater than that 
for D f / T .  The fact remains, however, that for a given 
value of i?s there is some correlation between A  and 
ionic radius, and at a given temperature the agreement 
among (A.obsd/A.caicd) for Ag+, T1+, and Cd(H20 )42+ 
is as good as that noted by Forcheri and Wagner28 for 
the higher temperature melts. On the other hand, 
(A  ,obsd/A,caicd) for the unhydrated Cd2+ ion is clearly 
out of line with the other three values. The implication 
here is that possibly one can account for the magnitude 
of A  of a multivalent ion in a hydrate melt in terms of 
ionic size, if one takes the kinetic entity to be the hy
drated ion for the multivalent ions and the unhydrated 
ion for the monovalent ions, an option not available in 
anhydrous melts.

The mobile hydrated cation is not entirely unex
pected, since it has previously been shown that Cd2 + 
and Ca2+ hydrate equally in their tetrahydrate melts4 
and that T 0 values for the melts are consistent with the 
presence of cations with the charge:radius ratio of the 
tetrahydrate cation.3 On the other hand, it has not

previously been possible to provide even ambiguous 
evidence that this cation is also a kinetic entity.

We have noted before4,7 that factors determining the 
magnitude of the preexponential A }  in eq 1 are poorly 
understood. The above discussion accepts that there 
is a difference of T / r , and a numerical factor between 
Ad, and A j/,„ but does not consider what factors may 
be common. To avoid circularity we must restrict 
comparisons to the data on Ag+ and T1+. This, how
ever, is sufficient to point up (Table II) the absence of 
any m ~'/2 mass dependence of A  Di, which most treat
ments of rate processes suggest should enter either as a 
particle velocity term9 or as a vibration frequency.42 
Again, the problem seems resolved by the cooperative 
rearrangement mechanism, for which the appropriate 
frequency is presumably a property of the cooperative 
region involving a complex of frequencies, rather than 
a property of the particular particle whose motion is 
being followed.

In the future we hope to report chronopotentiometric 
diffusion coefficients for ions in an anhydrous melt cap
able of a large degree of supercooling, e .g . , a Ca(N 03)2-  
KNO3 melt,43 in which the diffusion coefficients may be 
studied over a temperature interval sufficient to encom
pass at least three orders of magnitude in A ,  including 
the “ normal”  high temperature values of around 10 _6 
cm2/sec. Such a study should resolve some of the 
questions we have raised here in regard to the depen
dence of cationic mobilities on coulombic charge, as 
well as provide some insight into the breakdown in 
cooperative transport behavior which is presumed to 
coincide roughly with the onset of an Arrhenius tem
perature dependence of transport properties.

A c k n o w le d g m e n t . This work was supported by a 
grant from the Department of the Interior, Office of 
Saline Water.

(42) C. Kittel, “ Introduction to Solid State Physics,” John Wiley & 
Sons, New York, N. Y., 1966, p 568.
(43) C. A. Angell, J. Phys. Chem., 68, 1917 (1964).
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P r o t o n  M a g n e t i c  R e s o n a n c e  S t u d y  o f  A l u m i n u m  C h l o r i d e  a n d  

A l u m i n u m  P e r c h l o r a t e  i n  A c e t o n i t r i l e * 1

by James F. O ’Brien and Mohammed Alei, Jr.

University of California, Los Alamos Scientific Laboratory, Los Alamos, New Mexico 87544 (Received August 25, 1969)

Solutions of AICI3 in acetonitrile were studied from —40 to 80° by proton magnetic resonance. The apparent 
solvation number of 1.5 was verified by integration of free and bound proton resonances. The value of the rate 
constant for exchange of solvent from the Al(III) coordination sphere was 8.1 sec-1  at 25°. The enthalpy and 
entropy of activation were 19.1 ±  0.4 kcal mol-1  and 9.7 ± 1 . 3  cal deg-1  mol-1, respectively. Proton nmr was 
also used to show that the apparent solvation number of Al(III) in acetonitrile when perchlorate is the anion 
is 2.9 ±  0.3. The result has been observed before and did not seem to vary significantly with temperature. 
Evidence was found for several different species in the aluminum perchlorate solutions, indicating that 2 .9  is an 
average value for the solvation number.

Introduction

Al(III) has been shown by pmr to have solvation 
numbers of 6 in water,2 dimethyl sulfoxide (DMSO),3 
dimethylformamide (DM F),4 and a mixed solvent of 
water-DMSO.5 In all of these cases the anion, C l-  or 
C 104- , is completely displaced by solvent from the metal 
ion coordination sphere. In acetonitrile, however, 
the A l(III) species in solution appear to depend upon 
the anion. In solutions of A1(C104)3 in acetonitrile, the 
A l(III) has been reported6 to have an average solvation 
number of 2.8. The suggestion has been made, sup
ported by evidence from infrared spectra,6 that the 
perchlorate ion competes with CH3CN for coordination 
shell positions. A recent study7 of A1C13 in CH3CN 
using 27A1 and 7H magnetic resonance pointed out that 
two 27A1 resonances exist in a 3 : 1  area ratio, that there 
is only one A1 containing species that also exhibits a 
proton resonance, and that the apparent solvation 
number, determined by integration of the proton peaks, 
is 1.5. The author proposed7

4A1C13 +  6 CH3 CN = 3 AICI4 -  +

A1(CH3 CNV+ (1)

This is consistent with the observation of Raman lines 
due to AICk- .8

In addition to the apparent anion effect on the Al-
(III) solvation number in acetonitrile, it is also possible 
that both the solvent exchange rate and the chemical 
shift of bound protons are affected by the anion. Table 
I  contains rate constants and chemical shifts for D M F 
solutions of aluminum salts. The rate constants are 
for exchange of one solvent molecule and have been 
adjusted to 25° for easy comparison. The solution 
containing Cl -  has a rate constant larger than the others 
by a factor of about 30. In all cases listed in Table I,9’10 
the exchanging species is A1(DM F)63+. Movius and

Matwiyoff10 have concluded that anions in the second 
shell affect solvent molecules in the first sphere.

The purpose of the present work was to confirm the 
reported values of the solvation numbers and to investi
gate the possibility of an anion effect on the solvent 
exchange rate and chemical shift of bound acetonitrile 
molecules.

T a b le  I :  N m r D a ta  fo r  A ’ ( - I I ) - D M F  Solutions

S a l t ka, s e c - 1 a6, H z R e f e r e n c e

AlCls 11 0 s e c -1 49 9, 10
A lB r3 0 .3 6 41 9, 10
Alla 0 .3 8 31 9, 10
A1(C10<)3 0 .2 0 17 4, 10

“ 2 5 °. b 5 is the shift o f  the b ou n d  form yl proton  from  the free 
fo rm y l resonance.

Experimental Section
Acetonitrile was purified by successive distillations 

from P2()6 under argon, followed by a simple distil
lation.

The starting material :or preparation of solutions of 
aluminum chloride in acetonitrile was A1C13 prepared by 
reaction of 99.998% A1 metal with Cl2 at 400°. Care

(1) Work done under the auspices of the United States Atomic En
ergy Commission.
(2) R. E. Schuster and A. Fratiello, J. Chem. Phys., 47, 1554 (1967).
(3) S. Thomas and W. L. Reynolds, ibid., 44, 3148 (1966).
(4) W. G. Movius and N. A. Matwiyoff, Inorg. Chem., 6, 847 (1967).
(5) A. Fratiello, R. E. Lee, V. M. Nishida, and R. E. Schuster, J. 
Chem. Phys., 47, 4951 (1967).
(6) L. Supran and N. Sheppard, Chem. Commun., 832 (1967).
(7) J. F. Hon, Mol. Phys., 15, 57 (1968).
(8) C. D. Schmulbach, J. Inorg. Nucl. Chem., 26, 745 (1964).
(9) A. Fratiello and R. E. Schuster, J. Phys. Chem., 71, 1948 (1967).
(10) W. G. Movius and N. A. Matwiyoff, ibid., 72, 3063 (1968).
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was taken to exclude water from the resulting solid, 
and acetonitrile was then distilled onto it i n  v a cu o . The 
resulting solutions was then evaporated until A1C13- 
2 CH3CN crystallized. This solid was analyzed for A1 
by the 8 -hydroxyquinoline gravimetric method, and for 
Cl by AgCl gravimetric. A n a l .  Calcd for A1C13 • 2CH3- 
C N : Al, 12.52; Cl, 49.37. Found: Al, 12.59; Cl, 
50.18. Nmr samples were prepared by dissolving this 
solid in acetonitrile i n  v a c u o  and sealing the nmr tubes.

Aluminum perchlorate in acetonitrile was prepared 
by reaction of aluminum chloride and silver perchlorate 
in acetonitrile under anhydrous conditions. Silver 
perchlorate was dried at 80° i n  v a cu o  and dissolved in 
anhydrous acetonitrile. This solution was added to an 
anhydrous solution of A1C13 in CH3CN. After heating 
to 70° under argon, AgCl, which has a solubility product 
of 10 -1 2 -4 in CH3CN , 11 was allowed to separate out. 
After 2  days 99.5% of the AgCl expected on the basis 
of AICI3, the limiting reagent, had been collected. The 
remaining solution was then degassed, concentrated, 
and cooled. A white solid, soluble in both H20  and 
CH3CN, resulted. This solid was tested for C l"  and 
A g+ and contained neither. An aluminum analysis 
showed that the solid contained 5.2% Al. Assuming 
acetonitrile to be the only other constituent of the solid, 
the molecular formula would be A 1(CH3CN)4.7(C104)3. 
This formula was confirmed by comparing the proton 
resonance areas of p-dioxane and acetonitrile in an 
aqueous solution containing known amounts of the 
aluminum solid and p-dioxane. The result was 4.8 
acetonitrile molecules per aluminum atom.

Pmr line width and shift measurements were made 
in normal fashion on a Varian DA-60A instrument. 
Samples were contained in standard 50-mm od nmr 
tubes, which were sealed to prevent possible uptake 
of water from the atmosphere. The aluminum chloride 
samples contained TM S as an internal standard.

Results and Discussion

Exchange rate and solvation number studies were 
made on two solutions of A1C13 in CH3CN, one of which 
was 2.01 m in A l(III) and the other 3.71 m . At appre
ciably lower A l(III) concentrations, insufficient line
broadening makes it difficult to obtain accurate kinetic 
data. Integration of bound and free acetonitrile 
peaks in these solutions were performed at 30, — 29, and 
— 38°. The resulting apparent solvation numbers 
showed no trend with temperature and were 1.4 ±  
0.1 and 1.5  ±  0.1 for the 3.7 and 2.0 m solutions, respec
tively. These values are in agreement with those 
previously reported by Hon.7

Figure 1 illustrates the effect of temperature on the 
principal resonance in the 3.7 m  solution. The chemi
cal exchange reaction affecting the proton line width is 
that shown in eq 2. A complete line shape analysis 
using the McConnell equations for the magnetization

744

A1(CH3CN)63+ +  CH3CN* =

A1(CH3CN)6(CH3CN*) +  CH3CN (2 )

was performed on an IBM  7094 computer. First-order 
rate constants were calculated for both solutions at ten 
temperatures from 30 to 81°.  Figure 2  shows the 
results of a least-squares analysis of the rate constants 
performed on a CDC 6600. The enthalpy and entropy 
of activation were A H *  =  19 .1 ±  0.4 kcal mol- 1  and 
A S *  =  9.7 ±  1.3  cal deg- 1  mol- 1 . The rate constant 
for the exchange of one solvent molecule at 25° was
8.1 sec- 1 . The above measurements were made on the 
free solvent and coalesced resonances. A study12 of the 
bound acetonitrile resonance in a 0.70 m solution of 
A1C13 in CH3CN found A H *  =  18.8 ±  1 .1  kcal mol- 1  
and A S *  =  8.4 ±  3.5 cal deg- 1  mol- 1 . The value of
8.1 sec- 1  is similar to the A1C13-D M F exchange rate 
shown in Table I. The fact that all A l(III) solvent 
exchange rate constants in H20 , DMSO, and D M F are 
essentially the same when C l-  is not present suggests 
that chloride ion catalyzes Al(III) solvent exchange 
when acetonitrile is the solvent. 13

We prepared an aluminum perchlorate-acetonitrile 
solid as described in the Experimental Section. This 
solid was used to make an acetonitrile solution that was

James F. O’Brien and M ohammed Alei, Jr .

Figure 1. T em perature dependence o f the full line w idth  at 
half-height for  the principal acetonitrile proton  resonance in  a 
3.71 m solution  o f A1C13 in C H 3C N .

(11) D. C. Luehrs, R. J. Iwamoto, and J. Kleinberg, Inorg. Chem., S, 
201 (1966).
(12) J. F. O'Brien, Ph.D. Thesis, University of Minnesota, (1968).
(13) AlÇClOfh in DMSO has a rate constant for the exchange of one 
solvent molecule of 0.31 sec-1 at 25°; S. Thomas, M.S. Thesis, Univ. 
of Minnesota, 1966. ARClOda in H2O has a rate constant of 0.13 
sec-1 at 25°; D. Fiat and R. E. Connick, J. Amer. Chem. Soc., 90, 
608 (1968).
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Figure 2. Least-squares p lo t o f so lven t exchange rate con stant 
for  AICI3- C H 3C N  system : V , values fo r  3.71 m  AICI3; O, 
values for 2.01 m AICI3.

0.09 m  in A l(III). In addition to comparing rate con
stants, we wanted to confirm the reported6 value of the 
apparent solvation number of A 1(C104)3 in CH3CN. 
The low solubility of A1 (0 1 0 4 )3  in acetonitrile restricted 
measurements to solutions in which the area of the 
bound solvent resonance was very small compared to 
that for free solvent. Consequently, we found it more 
convenient and precise to compare the area of the bound 
proton resonance with that of the 13C satellite of the 
free solvent peak. The integrations were made difficult 
by the low intensity of the signals and their position 
near the very intense free solvent peak. The ratio of 
the bound CH3CN area to the 13C satellite area, deter
mined at 30° with the aid of a time averaging device 
(CAT), was 1.95 ±  0.18. This corresponds to an 
apparent solvation number of 2.9 ±  0.3. Attempts to 
measure the solvation number at temperatures down to 
— 30° resulted in similar values. There does not seem 
to be a trend with temperature, although the accuracy 
of the integrations was such that this possibility cannot 
be ruled out. The value 2.8 has been reported previ
ously by Supran and Sheppard,6 who attributed the low 
solvation number to competition by the perchlorate 
ion for first coordination sphere sites. Other evidence 
from infrared and magnetic measurements14-17 also 
indicates that the perchlorate group can indeed act 
as a ligand. The infrared evidence has been ques-

Figure 3. B ou nd  C II3CIS resonance a t + 1 0 °  
in  0.09 m A ffC lO ih .

tioned.18 However, Hon has found that addition of 
LiCICh to solutions of AICI3 in CH3CN reduces the num
ber of acetonitrile molecules in the A1 (III) coordination 
sphere.19 Our work and that of Supran and Sheppard6 
indicates that in anhydrous solutions of A1(C104)3 
in CH3CN, the perchlorate ion does compete with ace
tonitrile for coordination sites.

The solvation numbsi of 2.9 ±  0.3 can be explained by 
the presence of all aluminum in the form A1(CH3CN)3- 
(C104)3 or by a mixture of species containing various 
ratios of acetonitrile and perchlorate in the coordination 
sphere of the A l(III). In the latter case, one might 
expect different chemical shifts for the various species. 
Figure 3 is a trace of the bound CH3CN resonance. 
There are clearly at least four different kinds of bound 
acetonitrile, with resonances separated by about 0.8 
Hz. That the multipbt is not the result of 27A 1-!H 
coupling can be seen by the fact that such coupling 
would result20 in six peaks of equal intensity and peak 
height ratios of 138 :£0 : 1 1 5 : 1 1 5 :9 0 : 13 8 .  Obviously 
then, there is a mixture of species in the solution.

Evaluation of the rate constant for solvent exchange 
was not possible in the A1(C104)3 system. The solution 
was too dilute to cause appreciable broadening of the 
free solvent peak. Meisurement of the bound solvent 
line width was complicated by the splitting shown in 
Figure 3. It is clear, however, that solvent exchange 
is slower than in the chloride case since the bound res
onance persisted to 80°, a temperature at which, as 
shown in Figure 1, the C l-  solution gives a narrow 
coalesced line. Since the exchanging species in the 
AICI3 solutions has only acetonitrile in the first sphere, 
while in the perchlorate case it is likely that a given 
Al(III) first coordination shell will contain both CIO4-  
and CH3CN, it is probably not valid to consider the 
difference in solvent exchange rate to be due to an anion 
effect in the same sense as in the D M F case. In the

(14) B. J. Hathaway, D. J. HMah, and A. E. Underhill, J. Chem. Soc., 
2444 (1962).
(15) B. J. Hathaway and A. E. Underhill, ibid., 3091 (1961).
(16) A. E. Wickenden and II. A. Krause, Inorg. Chem., 4, 404 (1965).
(17) L. E. Moore, R. B. Gayhart, and W. E. Bull, J, Inorg. Nucl. 
Chem., 26,896 (1964).
(18) N. A. Matwiyofï, P. E, Darley, and W. G. Movius, Inorg. Chem., 
7, 2173 (1968).
(19) J. F. Hon, private communication.
(20) J. A. Pople, Mol. Phys., 1,168 (1958).
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DMF systems anions in the second shell affect the 
first shell solvent molecules.

There did not appear to be an anion effect on the 
chemical shift of bound CH3CN protons. The bound 
resonance was 35 Hz downfield from free acetonitrile in 
A1C13 solutions and 33 to 37 Hz in the A1(C104)3 solu
tions. The position in the perchlorate solutions is a 
bit surprising in view of the mixed species in the coordi
nation sphere. There also is a published spectrum6 of 
A1(C104)3 in H20-CH8CN which shews the bound CH3-

CN at about 57 Hz downfield from free CH3CN. I t  is 
interesting to note, however, that the bound proton peak 
for acetonitrile when (NH3)2Pt (0104)2 is the solute is 
also 35 Hz downfield from bulk CH3CN.21

Acknowledgment. The authors wish to acknowledge 
the valuable assistance of A. E. Florin in obtaining 
spectra and discussing the results.
(21) J. F. O ’Brien, G. E. Glass, and W . L. Reynolds, Inorg. Chem., 7, 
1664 (1968).

T h e  I m p o r t a n c e  o f  t h e  E f f e c t  o f  t h e  S o l v e n t  D i e l e c t r i c  C o n s t a n t  o n  I o n -  P a i r  

F o r m a t i o n  i n  W a t e r  a t  H i g h  T e m p e r a t u r e s  a n d  P r e s s u r e s

by W . R. Gilkerson1

Department of Chemistry, University of South Carolina, Columbia, South Carolina 29208 
(Received June 24, 1969)

The contention of Marshall, Quist, and coworkers that ion-pair formation of a number of electrolytes in water at 
high temperatures and pressures does not depend on changes in the solvent dielectric constant but only on 
changes in the solvent density and temperature is examined and rejected. Their data are analyzed in terms of 
the Gilkerson modification of the Fuoss equation for the ion-pair dissociation constant. The data reported by 
Marshall and coworkers is uniquely suited to experimental separation of the effects of specific ion-solvent and 
ion-pair-solvent interaction and the effects of changes in solvent dielectric constant. Distances of closest 
approach are obtained which are somewhat smaller than interionic distances in crystals.

Marshall and coworkers,2 in reporting a series of 
studies of the electrical conductances of aqueous elec
trolytes up to 800° and 4000 bars, have proposed that 
changes in ion-pair formation in solution at constant 
temperature are independent of changes in the solvent 
dielectric constant and depend only on changes in the 
concentration of a specifically solvating solvent species.3 
This view is quite contrary to that taken by most 
workers in the field of electrolyte solutions.4

The low densities of water (and consequent low values 
of its dielectric constant) at high temperatures under 
high pressure result in measurably low values of the 
ion-pair dissociation constant, A d, for the process (for 
NaCl for instance)
Na+, C l- ^  Na+ +  Cl“ , Kd =

[Na+][Cl-]jy2±/  [Na,+Cl-] (1)
where [Na,+Cl- ] represents the molar concentration of 
the ion pair, Na,+ Cl- , and y± is the mean ionic activ
ity  coefficient calculated using the Bebye-Hückel 
equation. I  shall be concerned in this report with the

correlation of the values of Ad obtained by Marshall and 
coworkers with the physical properties (dielectric 
constant, density, and temperature) of the solvents 
used. I shall not be concerned with the treatment of 
the conductance data (equivalent conductance, concen
tration) to yield limiting equivalent conductances and 
the ion-pair dissociation constant,5 Ad. The magnitudes 
of the changes in the values of Ad as the solvent system 
changes can be illustrated by one example;215 for NaCl 
at 400°, —log Ad = 4.43 at d = 0.30 g/ml, dielectric

(1) This work has been supported in part by  a grant from the Na
tional Science Foundation, GP-6949.
(2) (a) A. S. Quist and W . L. Marshall, J. Phys. Chem., 70, 3714 
(1966); (b) ibid., 72, 684 (1968); (c) ibid., 72, 2100 (1968); (d) ibid., 
72, 1545 (1968); (e) L. A . Dunn and W . L. Marshall, ibid., 73, 723 
(1969).
(3) A . S. Quist and W . L. Marshall, ibid., 72, 1536 (1968).
(4) (a) M . Szwarc, Accounts Chem. Res., 2, 87 (1969); (b) D . F. 
Evans and P. Gardam, J. Phys. Chem., 73, 158 (1969) ; (c) J. C. 
Poirier in “ Chemical Physics o f Ion ic Solutions,”  B . E. Conway and 
R . G. Barrades, Ed., John W iley & Sons, New York, N. Y ., 1966, p 9; 
(d) J. E. Prue, ref 4c, p  163.
(5) Called the conventional ionization constant by Marshall, et al.
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constant, D = 4 .9 , pressure, P, approximately 2 2 0  bars,6 
while —log K,\ - 0 .9 7  at d = 0 .7 0  g/ml, and P ~  1000 
bars.6

Marshall and Quist found that, at constant tempera
ture, plots of log K d vs. log Cmo are linear. Ch2o is the 
molar concentration of water. They concluded that 
water should be included explicitly in a “ complete 
equilibrium”

M+, X - +  A;H20 M+(aq) +  X"(aq) (2)
with the equilibrium constant given by

K° =  (iM + a x~ / flM xflm o* =  K ,i/ a a ,o k (3 )

Marshall and Quist then set the activity of water in the 
infinitely dilute salt solution to be equal to the molar 
concentration of water. Their statement regarding 
the choice of standard state that leads to this is, in one 
instance,26 “  ■ ■ •, cih,o is replaced by the molar concentra
tion of water ( C h 2o )  with a hypothetical standard state 
of unit molarity at the particular density (or pressure),
• • • • ”  I  submit that this is incorrect if one is concerned 
with the changes in the activity of the water solvent as 
the density (pressure) changes. The activity of a 
substance is defined by the relation

Mi = Mi° +  RT In a,- (4)
where m is the chemical potential (partial molar free 
energy) of component i and n° is the chemical potential 
in some chosen standard state at the temperature T. 
I f  the effects of changes in activity (concentration) of 
water solvent at different densities on a chemical reac
tion are to be investigated, the standard state chosen 
should not change with solvent density or pressure. A 
suitable choice here would be any invariant state of 
water (constant T and P). Now

dm,- = Vi dP -  Si dT (5)
where V, is the partial molar volume of i and St is the 
partial molar entropy of i. At constant temperature, 
this becomes

d/ii = Vi dP
and thus

dnV +  RT d In a, = Vi dP

at constant T. The only variable here is the pressure.
I  take as a suitable standard state, water at one par
ticular density, say 0 .3 0 0  g/ml, at the temperature T. 
Then dju<° = 0  and

d In a, = Vi dP/RT

or
log a H2o  = (1 /2 .3 0 3 RT) C  F h2o dP (6 )  

J  p°

where P° is the pressure corresponding to the density in 
the standard state at T, and P is the pressure corre-

Figure 1. T h e  w ater con ce  ltration , C h 20> in  the insert, and 
the ion-pair dissociation  constants fo r  N a C l at 400, 500, and 
700° as a fu n ction  o f the w rter activ ity , u h 20- T h e  standard 
state for the w ater solven t e t all tem peratures w as taken  to  
b e  pure w ater at a pressure producing a den sity  o f 0.300 g /m l.

sponding to the density of water whose activity is 
amo- Values of log aH2o were calculated from eq 6 at 
400, 500, and 700° using available specific volume (or 
density)-pressure data7 referenced by Quist and Mar
shall.21' These values et 500° at densities of 0.4, 0.5, 
0.6, and 0.7 g/ml are plotted vs. log C h 2o  in the insert, 
Figure 1. I t  can be seen that the activity of water 
increases at a greater rate with increasing pressure than 
does the concentration. I t  might be noted here that 
the pressure at a density of 0.30 g/ml is 550 bars, while 
at the highest density here, 0.70 g/ml, the pressure is 
2000 bars, at 500°.

I  have plotted values of log Kd for NaCl vs. these val
ues of log aH2o at the corresponding densities at 400, 
500, and 700°, Figure 1, to emphasize the fact that if 
equation 3 is correct, then the “ complete”  constant K° 
certainly is not constant as the density of solvent water 
changes. Marshall anc Quist concluded on the basis 
of the linearity of isothermal log Kd vs. log C h 2o  plots 
that the complete equilibrium constant was independent 
of changes in the solvent dielectric constant. I  con
clude that the conclusions of Marshall and Quist are
(6) Interpolated from  data compiled by A. W . Lawson and A. J. 
Hughes in “ High Pressure Physics and Chemistry,”  Vol. I, R . S. 
Bradely, Ed., Academ ic Press, Inc., New Y ork, N. Y ., 1963, p 209.
(7) (a) W . T . Holser and G. C. Kennedy, Am. J. Sci., 257, 71 (1959); 
(b) S. M aier and E. U. Franc e, Ber. Bunsenges. Phys. Chem., 70, 639 
(1966).
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invalid, being based on an incorrect assumption re
garding the relationship of changes in water activity to 
changes in water concentration due to large pressure 
changes.

The results of the great amount cf work by Marshall, 
et al., are uniquely suited to a separation of specific ion- 
solvent interaction effects from the effects of changes in 
solvent dielectric constant; the latter I  shall show is by 
no means unimportant. The effect of varying the 
dielectric constant of the solvent at constant tempera
ture on ion-pair dissociation has been studied in most 
instances by either varying the composition of a polar- 
nonpolar solvent mixture8 over a wide range or by deter
mining Kd in a series of similar solvents of varying 
dielectric constants.9 In either case, the ion-pair dis
sociation constants have been considered in terms of the 
equation10
Kd = (3000/47rlVa3) exp{-EJRT) X

exp ( ~ e 2/ a kD T ) (7)
where N  is Avogadro’s number, a is the distance of 
closest approach of the anion and cation in the ion pair, 
Es is the molar internal energy of specific solvation of 
the free ions less that of the ion pair, e is the electronic 
charge, and k is Boltzmann’s constant. The transfor
mation from the free-volume formulation10b of the ion- 
pair dissociation process to the hard sphere in a con
tinuum approach11 to which is grafted10*5'12 a specific 
solvation term was not rigorous. One correction that 
should be made in eq 2 is the replacement of Es by the 
change in molar free energy of specific solvation, AGs = 
AHS -  TASs.

Kd = (3000/471-Va3) exp[-AHS/RT +

ASs/R -  t*/okDT] (8)
Clearly, if one varies the solvent composition as in 

either of the approaches outlined above, not only does 
the dielectric constant change, but also does the value 
of AG3 change. These changes in the difference in free 
energy of solvation, AGS, will in general lead to curva
ture in the usual plots of log Kd vs. 1/D, or to physically 
unreal values of the distance of chosest approach, a.

Experimental separation of the three terms in the ex
ponential of eq 8 is almost impossible without some sim
plifying assumptions. Two different approaches, and 
the assumptions necessary, are set out as follows: (a) 
study a set of systems in which it is known or assumed 
that AGa (or AGS/ T) and the distance of closest ap
proach, a, are constant, but in which the product DT 
varies; or (b) study a set of systems in which a and ASa 
are known or may be assumed to be constant and in 
which the product DT is held constant while T varies. 
I  believe the data of Marshall and coworkers satisfy the 
criteria for approach (b). Examination of Marshall 
and Quist’s compilation13 of the dielectric constants 
of water as a function of density shows that the DT

T ab le  I  : D T  Product for Water

T, ° C 0 .3 0 .4

- D e n s i t y ,  g / m l-  

0 .5 0 .6 0 .7

400 3300 4780 6520 8560 10 ,800
500 3320 4710 6420 8360 10 ,400
600 3400 4710 6380 8200 1 0 ,20 0
700 3400 4770 6330 8080 10 ,100
800 3440 4840 6340 8050 10 ,000

product, at constant density, remains almost constant 
from 400 to 800°, Table I.

Examination of eq 8 shows that, if the parameters 
AHs, ASs, and a are independent of the temperature at 
constant density, then the only variables remaining 
that determine Kd are the temperature T in the first 
term of the exponential and the product DT in the 
third term of the exponential factor. Further, if this 
last, the DT product, is almost constant as the tempera
ture changes from 400 to 800°, the only remaining var
iable is the temperature in the first exponential term. 
Under the conditions of constant density then
log Kd = [log (3000/47rAa3) +  A,S,s/2.30E -

e2/2.30afc/)7T] -  AHS/2MRT (9)
The term in brackets on the right-hand side is a con
stant. A plot of log Kd vs. 1/T should then yield values 
of AHs from the slope. Using Marshall and Quist’s 
data we can obtain values of AHs for each electrolyte at 
each water density. The plots are in general linear, as 
Marshall has already pointed out.2*5 The slopes of 
these plots do change with density, however. As an 
example, for the NaCl system, I  obtained the values of 
the slopes (in units of deg K) of log K vs. l/T at 0.3 
g/ml, 2300; at 0.4 g/ml, 1660; at 0.5 g/m], 1200; at 0.6 
g/ml, 1120; and at 0.7 g/ml, 1180. The value of the 
solvation energy difference does depend on the solvent 
density in these systems.

I f  now at constant temperature, for each density of 
water solvent, we form the sum (log Kd +  AHs/ 
2.30/f7') this, according to eq 8, should be related to DT 
as follows,
(log Kd +  AHS/2.30RT) = [log (3000/47rAa3) +

AiSs/2.30/277] -  (e2/2.30ak)(l/DT) (10)
Values of the left-hand side of eq 10 have been cal

culated for NaCl at 500° and were plotted vs. 1/DT.

(8) The classical studies of this sort were those of C. A . Kraus and 
R . M . Fuoss, J. Amer. Chem. Soc., 55, 21 (1933).
(9) References 4b and 4d are examples of this approach.
(10) (a) H . Sadek and R . M . Fuoss, J. Amer. Chem. Soc., 81, 4511 
(1959); (b) W . R . Gilkerson, J. Chem. Phys., 2 5 ,1199 (1956).
(11) R . M . Fuoss, J. Amer. Chem. Soc., 80, 5059 (1958).
(12) W . R . Gilkerson and R . E. Stamm, ibid,., 82, 5295 (1960).
(13) A . S. Quist and W . L. Marshall, J. Phys. Chem., 69, 3165 
(1965).
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The graph was quite linear and encouraged a more 
thorough investigation.

I  have proceeded to treat the data for NaCl,2b NaBr,20 
Nal,2e and HBr,2d using eq 8 in the following manner; 
for each salt, initial values of AHs were obtained at each 
density for plots of log Kd vs. l/T (eq 9). These values 
of A fis were used to form, at constant temperature, the 
sums (log Kd +  AHS/2.30RT), which were then plotted 
vs. 1/DT (eq 10). Recalling that the DT products 
showed some variation with temperature, Table I, the 
slopes from the plots vs. 1/DT, being initial values of 
(e2/2.30ak), were used to correct for the variation of DT 
at constant density, eq 9. The sums (log Kd +  e2/  
2.30akDT) were formed at each density and plotted vs. 
l/T. This gave new and improved values of AHs for 
each solvent density. These values of AHs were used 
again to form the sums, at constant temperature, (log 
Kd +  AHS/2.30RT), which were again plotted vs. 1/DT, 
eq 10. These revised plots are shown in Figure 2. 
The linearity of these plots of log Kd, corrected for 
specific (ion, ion-pair)-solvent interaction, in terms of 
the variable 1/DT furnish strong evidence that the data 
of Marshall, et al., are in agreement with previous ideas 
concerning the influence of both solvent dielectric con
stant11 and the influence of specific ion-solvent inter
action,1015 rather than requiring complete revision of our 
notions concerning the relative importance of these two 
factors.

Repetition of the ealculational procedure beyond the 
point described in the paragraph above was not at
tempted for the following reasons; Marshall and Quist2b 
point out that the values of Kd (10-4 to 10-6) at low 
densities are uncertain due to difficulties in extrap
olating to infinite dilution, while I  believe the values 
of Kd (10-1 to 10~2) at high densities are uncertain 
since it is well known that the value calculated from a 
set of data when such a small fraction of the salt is ion 
paired depends on the particular form of the conduc
tance equation used. The values of the dielectric con
stant of water at high temperatures and pressures18 
were obtained by extrapolation of experimental data at 
lower to higher temperatures. There is some uncer
tainty then in these resulting values of the dielectric 
constant of water. These are the same reasons I  use 
here to argue that more sophisticated data-handling 
techniques such as least-squares procedures are of 
doubtful applicability in this case.

Comparison of the Two Approaches. The experimental 
limitations listed above should be kept in mind in the 
following discussion. Note that; the plots of eq 10, Fig
ure 2, for the several electrolytes, fall on the same straight 
lines at the two temperatures, 500 and 700°, with 
the exception of several sets of data at lowest densities. 
The approach to ion-pair dissociation outlined in this 
paper allows, at one temperature, for changes in differ
ences in energies of solvation as the water density 
changes. The entropy differences had to be assumed

1 O/DT
Figure 2. T h e  logarithm s o f  the ion -pair d issociation  constants, 
corrected  for  specific io n -so  v en t and ion  p a ir -so lv en t 
interaction, for  H B r, N aB r, N aC l, and N a l at 500° (open  
circles) and at 700° (closed circles) vs. the reciprocal o f the 
p rod u ct o f  the dielectric con stant and the tem perature, 1/DT.

to be constant. This approach also allows for the 
change in electrical free energy as the solvent dielectric 
changes. To be more specific, the free energy change, 
upon ion-pair dissociation, is assumed to contain three 
terms, an energy term (AHs) which is independent of 
temperature and solvent dielectric constant, an energy 
term (Wei) which is inversely proportional to the sol
vent dielectric constant, and an entropy term (TAS) 
which includes all other factors, is not dependent on the 
solvent dielectric constant, and of which the factor AS 
itself is temperature independent. These are all sim
plifications of an adrri ttedly complex process. I t  is 
difficult to imagine the process broken into discrete 
steps, the free energy changes for which would corre
spond to those outlined above.

Marshall and Quist, in their treatment of these data, 
allowed only for changes in the free energy of solvation 
through changes in the water concentration as the den
sity changed. This approach has been shown above to 
be incorrect in principle. One of the most interesting 
aspects, to this author, of these data of Marshall and 
Quist is that they provide a vivid illustration of an ex
perimental technique ty  means of which the contribu
tion to Kd of changes Li dielectric constant may be sep
arated from the contribution to Kd of changes due to 
specific solvation effects.
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I  cannot claim that the present treatment compared 
to that of Marshall and Quist reduces the number of 
parameters necessary to describe the data for a partic
ular salt in water at high pressures and temperatures. 
Marshall and Quist need a value of K° (their complete 
dissociation constant), a value of n, and AEv° (related to 
the change of K° with temperature). The present ap
proach requires values of AHs at each solvent density 
and a constant a, and one value of Kri at some tempera
ture.

Ion-Pairing Parameters. Values of AHs and dis
tances of closest approach, a, appear in Table II, as well

T a b le  I I : Io n  Pairing Param eters in  W ater at H igh  P  and T

density, — —  — AH s , kcal/m ol— — ------- ---- ----s
g/m l N aC l N a B r N a l H B r

0 .3 13 .9 1 7 .7 8 .5 ° 2 9 .8 °
0 .4 7 .6 9 .5 7 .9 2 6 .6
0 .5 5 .6 7 .0 5 .2 1 9 .8
0 .6 4 .6 6 .5 6 .0 16 .3
0 .7 4 .4 7 .1 6 .2
a, 10_s cm 2 .5 7 2 .4 7 3 .1 6 1 .1 5
(r+ +  r - ) b 2 . SI 2 .9 7 3 .2 2 1 .4 3 '

“ A t  a density of 0.35 g /m l. 6 In terion .c distance in the crys 
tals from  N . K . A dam , “ Physical C h em istry ,”  C larendon  Press, 
O xford, 1952, p  197. c H B r b on d  distance, gas phase.

as the sums of crystallographic ionic radii, r+ +  r_. AHs 
is exothermic for the ion-pair dissociation process, in 
accord with the view that this process is attended by a 
net increase in the numbers of water molecules specif
ically solvating the ions. Note that AH3 tends to be
come more negative as the solvent density decreases. 
The water molecules being specifically bound to the ions 
in this process are being removed from bulk water and 
transferred to the immediate neighborhood of the free 
ions. The removal of water molecules from bulk water 
must be attended by the rupture of hydrogen bonds. 
At lower water densities, it is expected that the fraction 
of water molecules in an H-bonded condition would be 
less than at higher densities.13 I believe then that the 
observed trend in AHs with water density is a reflection

of the smaller energies required to remove water mole
cules from bulk water as the density decreases.

The distances of closest approach, a, are much smaller 
than values for the alkali metal halides usually ob
tained from slopes of isothermal log K vs. l/D plots in 
water-dioxane mixtures;14 the a value for NaCl at high 
dioxane content is found to be 6.9 A in this system. 
The a values found in the present treatment, Table II, 
are even slightly smaller than the sums of the crystal
lographic radii. I shall not argue that these small o- 
values are real; the electrostatic model is primitive, 
attractive forces other than simple charge-charge inter
action are involved, in addition to repulsive forces of a 
form which can only be guessed. The macroscopic di
electric constant D factor is only a crude representation 
of the real reduction in charge-charge interaction due to 
polarization of the solvent molecules by the intense 
electric fields surrounding the ions. I t  must be ad
mitted that until the contribution of specific ion-solvent 
interaction to the ion-pairing process can be separated 
experimentally and understood theoretically most dis
tances of closest approach contain this variable (polar
ization of the solvent molecules by the ions) as a hidden 
parameter. The ion pairs formed at 25° in water- 
dioxane mixtures may well be solvent-separated while 
those formed at high temperatures and low densities in 
water fluid are contact ion pairs. Both species may be 
present to an appreciable extent in both systems. An 
effort to experimentally determine the separate in
fluences of specific ion solvent interaction and charge- 
charge interaction in the water-dioxane system, would be 
profitable in this connection. I  understand15 that high- 
temperature-high-pressure conductance measurements 
are being carried out on alkali metal salts in water- 
dioxane mixtures. I t  is strongly urged that measure
ments of the dielectric constants of the solvent systems 
be carried out to as high a precision as possible. Anal
ysis of the results of these experiments using the ap
proach suggested here would then throw further light 
on the problem of the distance of closest approach.
(14) R . M . Fuoss and K . L. Hsia, Proc. Natl. Acad. Sci. U. S 57, 
1550(1967); 58,1818 (1967).
(15) Private communication from W . L. Marshall.
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Molecular Complexes of Iodine with Pyrone-(4) and l-Thiopyrone-(4)

by N. Kulevsky and G. J. Liu

Departm ent o f  Chem istry, U niversity o f  N orth Dakota, Grand Forks, North Dakota SSS01 
(Received Ju ly  31, 1969 )

Thermodynamic data for the formation of iodine complexes with pyrone-(4) (I) and l-thiopyrone-4 (II) have 
been obtained from measurements of the blue-shifted iodine band. The thiocarbonyl analogs of I and II are 
found to undergo irreversible reactions with iodine. The values of AH° and AG°2sa indicate that II is only slightly more basic toward iodine than is I. From a comparison of thermodynamic data for iodine complexes of 
ethers, thioethers, and ketones with that reported here for I and II with iodine, it is evident that the bonding site 
in I and II is the carbonyl oxygen. The differences between I and II may be explained mainly in terms of the electron density at the carbonyl oxygen.

Introduction

I t  is well established that in n-donor molecules the 
replacement of an oxygen atom by sulfur enhances the 
electron donor abilities of these molecules toward 
iodine. This has been shown by comparisons of such 
diverse types of molecules as the series of aliphatic acy
clic and cyclic ethers with the corresponding thioethers1,2 
and various amides with thioamides.3-6 In contrast to 
the above series, there are few data available on the 
effect caused by sulfur replacing an oxygen atom that is 
distant from the donor site. The series of 7-pyrone 
and its sulfur analogs appeared to be a good system for 
investigating such an effect, since studies on the in
frared spectra of I2 complex with 2,6-dimethylpyrone-
(4) by Cook7 and Glusker, et al.f indicate that the car
bonyl oxygen is the basic site. This report w ill dis
cuss the reaction of I2 with the carbonyl compounds, 
pyrone-(4) (I) and l-thiopyrone-(4) (II) and the thio
carbonyl compounds, 4-thiopyrone (III) and 1,4-di- 
thiopyrone (IV).
Experimental Section

Materials. Pyrone-(4) (I) was prepared by the py
rolysis under reduced pressure9 of chelidonic acid 
mixed with copper powder. The crude product was 
refluxed with dry benzene and distilled under vacuum. 
After two distillations the product obtained had a 
melting point of 31.5-32.5° (lit. 32-32.5°).9 1-Thio- 
pyrone-(4) (II) was prepared from the reaction of KES 
with I .10 After three recrystallizations from CCh, a 
compound was obtained which melted at 109-109.5° 
(lit. 109.5-110°).10 An infrared spectrum of the 
compound agreed with that reported for I I .11 4- 
Thiopyrone (III) was prepared by the reaction of P 4S 10 

with I .12 After extracting the product with benzene, 
I I I  was purified by a vacuum sublimation. Its melting 
point is 48.5-49.5° (lit. 49.0°).12 1,4-Dithiopyrone
(IV) was prepared from I I  by the method of Traverso.13 
After purifying by a vacuum sublimation, the com
pound melted at 48° (lit. 48°).13 A ll of these com

pounds are hygroscopic and were stored in a desiccator 
over P20 6. Baker analyzed iodine was sublimed under 
vacuum three times anc stored in a desiccator. Spec
tral grade CCh was used without further treatment as 
the solvent.

Preparation of Solutions. Stock solutions of donor 
and iodine were prepared by weighing out both the sol
vent and solute. Since all the donors are hygroscopic, 
stock solutions of the donors were prepared in a drybox 
under nitrogen. The solutions to be used in the mea
surements were prepared by mixing weighed quantities 
of stock donor, stock iodine, and pure solvent. By 
using these weights and assuming that the final dilute 
solutions had the same density as the pure solvent, the 
initial molar concentrations could be calculated.

Apparatus. All of the spectra were recorded in the 
visible region using a Gary 14 spectrophotometer. The 
cell compartment was thermostated to ± 0 .1 ° . Cells 
of 1 cm path length were used for recording all spectra.

Results and Discussion
On mixing the individual donors (I-IV ) with iodine a 

noticeable color change could be immediately observed. 
The spectra of the iodine complexes of I and I I  have
(1) J. D . M cCullough and I. C. Zimmermann, J. P hys. Chem., 65, 888 
(1961).
(2) M . Tamres and S. Searles, ibid., 6 6 , 1099 (1962).
(3) R . J. Niedzielski, R . S. Drago, and R. L. M iddaugh, J. Am er. 
Chem. Soc., 86, 1694 (1964).
(4) K . S. Bhaskar, S. N. Bhat, A. S. M urthy, and C. N. R . Rao, 
Trans. Faraday Soc., 62, 788 (1966).
(5) R . P. Lang, J. A m er. Chem. Soc., 84, 1185 (1962).
(6) R . P. Lang, J . P h ys . C h en ., 72, 2129 (1968).
(7) D . Cook, Can. J . Chem., 3 9 , 1184 (1961).
(8) D . L. Glusker and H. W . Thom pson, J. Chem. Soc., 471 (1955).
(9) R . Cornubert, R . Delmas, S. M onteil, and J. Viriot, B ull. Soc. 
Chem. F r., 17 ,36(1950).
(10) R . M ayer, Chem. B er., 9C, 2362 (1957).
(11) D . S. Tarbell and P. HoHman, J . A m er. Chem. Soc., 76, 2451 
(1954).
(12) F. Arndt, E. Scholz, and P. Nachtwey, Chem. Ber., 57, 1903 
(1924).
(13) G. Traverso, ibid., 91, 1224 (1958).
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peaks at 444 mp and 445 mp, respectively. These peaks 
have not been corrected for the absorption caused by 
uncomplexed iodine. Solutions of these complexes 
did not show any changes in the positions or heights of 
these peaks for about 3 hr after mixing. After this 
period some changes could be observed, and thus all 
measurements on these solutions were recorded in the 
first 3 hr after mixing. Compounds I I I  and IV were 
found to have undergone secondary reactions almost 
immediately upon mixing the components, as evi
denced by the appearance of peaks at 290 mp and 
370 m/x which can be attributed to the formation of 
1 .3 14 Also, a few minutes after mixing, a black pre- 
cipate appeared. Therefore, measurement of the equi
librium constants for complex formation could be made 
on compounds I  and I I  only.

Due to the limited solubility of I and I I  in the solvent, 
only rather dilute solutions of the donors can be pre
pared. In order to have reasonable values of the ab
sorbance at the maximum of the blue shifted iodine 
peak, it was necessary that the concentration of iodine 
be fairly high. For the complex with I  the range of 
donor concentrations was from 40 X 10-3 to 80 X 10-3 
M while the iodine concentrations were 1 X 10~3 to
1.7 X 10-3 M. For compound I I  the range of donor 
concentrations was 10 ~~2 to 10 ~3 M and iodine from 
3 X 10-3 to 6 X 10-3 M. This narrow range of con
centrations has two important consequences. The 
first one is that an isosbestic point for the complex of 
I I  could not be observed because of the high ab
sorbance of free iodine in the solution. Thus, for 
this complex, the existence of only one complex 
could not be proven. However, only one complex was 
assumed to be present, as the position of the blue- 
shifted I 2 peak did not vary when the concentrations 
and temperatures of the solutions were changed. For 
the complex of I, an isosbestic point was observed at 
490 myu, a good indication that over the concentration 
range used there is only one complex formed.

The second result of the limited range of concentra
tions used in these experiments is that the association 
constant (Kc) of the complexes could not be calculated 
by the Benesi Hildebrand equation15 or any variation of 
it which requires C o  > Ca, where C o  and Ca are the con
centrations of donor and acceptor, respectively. A 
treatment which appears to be valid in these circum
stances is that given by Tamres,16 which is a variation 
of one given by Ross and Labes.17 Equation 1 was 
derived by Tamres and is valid for the association of 1:1 
complexes if the complexes are weak and/or if the so
lutions are both dilute. In eq 1 a., is the absorption
C aCo/(A) = (Ca +  Cd)/(uc — o-O +

l/Kc(ac — a,) (1)
coefficient of the complex, a; is the absorption co
efficient of free iodine, and A is the absorbance of the

solution measured with a reference solution containing 
the same concentration of iodine used in the solution of 
the complex. A plot of (C a C d) M  v s . C a  +  C d  for 
several solutions gives a straight line whose slope is 
l/a 0 — a;) and intercept is 1/Kn (ac — ai).

The values of Kc and (ac — ai) shown in Table I  for 
compounds I  and I I  were obtained using eq 1.

Table I  : E quilibrium  C onstants and a0 — ai as a F u n ction  
o f T em perature fo r  P y ron e -(4 ) and l-T h io p y ro n e -(4 ) 
C om plexes w ith  h  in  CCU

T, °C KCf l./mol ac — Oi

P y ron e -(4 ) 1 1 .0 4 .5  ±  0 .2 1470 ±  60
1 9 .7 3 .8  ±  0 .4 1400 ±  100
2 5 .4 3 .3  ±  0 .3 1300 ±  100

l-T h io p y ro n e -(4 ) 1 1 .0 6 .0  ±  0 .2 1570 ±  200
1 9 .7 5 .0  ±  0 .3 1540 ±  80
2 8 .9 4 .2  ±  0 .5 1400 ±  180

The slopes and intercepts were calculated using the 
method of least squares. The values of AH° presented 
in Table I I  were calculated from a plot of In Kc vs. l/T. 
The value of Kom given in Table I I  was calculated 
from the line obtained in the least-squares calculation of 
the data given in Table I. A ll of the error limits pre
sented in the tables are the standard deviations ob
tained from the least-squares treatment.

From the data given in Table I I  it can be seen that 
the complex of the thio compound (II) is only slightly 
more stable than the complex of its oxygen analog (I). 
In contrast to this, the difference in stability of the 
iodine complexes of ethers and thioethers is large (thio- 
ethers, AH° range from 6.0 to 8.7 kcal/mol and KMS 
range from 23 to 186 Af-1; analogous ethers, AH° range 
from 4.3 to 6.4 kcal/mol and Kt98 range from 6.4 to
26.1 M -1).1'2 The reason for this contrasting be
havior must lie in the fact that in compounds I and I I  
the carbonyl oxygen atom is the donor site, and this 
atom is affected only to a small extent by the substi
tution of sulfur for oxygen within the ring. Further 
evidence for the donor site being assigned to the car
bonyl group is apparent if one compares the data for 
compounds I and I I  with those reported by Wcbschall 
and Norton for some iodine complexes with ketones.18 
The values of AF° and KVJg determined by them for cy
clohexanone, AH° = 5.4 kcal/mol and K2n = 3 M~\ 
are similar to those reported here for pyrones. Pre
viously, Cook7 had assumed that the carbonyl in 2,6-

(14) R . E. Buckles, J. P. Yuk, and A. I. Popov, J. Amer. Chem. Soc., 
74, 4379 (1952).
(15) H . A . Benesi and J. H. Hildebrand, ibid., 70, 2832 (1949).
(16) M . Tamres, J . Phys. Chem., 65, 654 (1961).
(17) S. D . Ross and M . M . Labes, J. Amer. Chem. S oc , 79, 76 
(1957).
(18) D . Wobsehall and D. A. Norton, ibid., 87, 3559 (1965).
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Table II : T h erm odyn am ic D a ta  and Spectral M axim a o f Io d in e -P y ro n e  C om plexes in C C h

Donor Xmas, m,i K i a s ,  l./m ol — AG°2A8, kcal/m ol — A R °, kcal/m ol — AS°298, eu

P y ron e-(4 ) 444 3 .5  ±  0 .2 0 .7 4  ±  0 .0 3 3 .2  ±  0 .2 8 .3
l-T h io p y ro n e -(4 ) 445 4 .6  ±  0 .1 0 .9 0  ±  0 .0 1 3 .7  ±  0 .1 9 .4

dimethyl pyrone-(4) was the donor atom toward iodine 
and other Lewis acids.

The higher donor ability of I I  compared to I  is easily 
explained by an examination of the resonance forms A 
and B that can be written for the 7-pyrones

A  B

where X  = 0 for I  and X = S for II. High contribu
tions of B would increase the electron donor ability of 
the carbonyl oxygen. Because of the greater electro
negativity of oxygen, compound I  would have a lower 
contribution of B and thus be lower in donor ability 
than II. The results of molecular orbital calculations

are also pertinent to this argument. Mayer, et al., in a 
recent review, gave a collection of the results of mo
lecular orbital calculations for these molecules obtained 
with a variety of parameters.19 The results of these cal
culations show that I  has a lower 7r-eleetron density at 
the carbonyl oxygen than does II. The measured 
dipole moments of I  and I I 20 also are in agreement with 
these calculations. Thus, it would seem that the 
differences between the donor abilities of I  and I I  can 
be attributed mainly tc the higher electron density at 
the carbonyl oxygen in II.

(19) R . M ayer, W . Broy, and R . Zahradnik in “ Advances in Hetero
cyclic Chem istry," Vol. 8, A. R . K atritzky and A . J. Boulton, Ed., 
Academ ic Press, New Y ork, N. Y „  1967, p 219.
(20) M . Rolla, M . Sanesi, and G. Traverso, Ann. Chim. (R om e), 44, 
430 (1954).
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A Bromine-79 Nuclear Magnetic Resonance Study of the Structure of Aqueous 

Solutions of Mono-, Di-, and Trialkylammonium Bromides

by Björn Lindman, Hakan Wennerström, and Sture Forsen

D ivision  o f  P hysica l Chem istry, The L un d Institute o f  Technology , 220 07 L und 7, Sweden 
(Received M a y  27 , 1969)

The nuclear quadrupole relaxation of 79Br in aqueous solutions of mono-, di-, and trialkylammonium bromides 
has been studied. The relaxation rate of the 79Br nuclei increases rapidly with increasing number of alkyl groups 
on the nitrogen, with increasing length of the alkyl groups and with the concentration of the salts. In all cases 
the 79Br line widths are significantly greater than those observed in aqueous solutions of alkali bromides. The 
observed effects are found to be due to increased anion-water binding in the vicinity of the cations. The ap
parent energies of activation for the relaxation process have been determined in some cases. The activation 
energies indicate that the bromide ion-water interaction is stronger in these solutions than in aqueous solutions 
of some alkali bromides. Measurements on solutions containing long-chain alkyl amine hydrobromides show 
that there is an abrupt change in counterion binding in the region of the critical micelle concentration. An esti
mate is made of the bonding properties for the counterions adsorbed on the surface of the micelles.

Introduction
Aqueous solutions of substances containing hydro

carbon groups are of interest since the properties of 
these solutions are in many respects markedly different 
from those of aqueous solutions of inorganic electro
lytes. In the last few years aqueous solutions of sym
metrical quaternary alkylammonium salts have been 
studied extensively (see e.g., ref 1-11). In spite of this, 
no detailed structural description of these solutions is 
yet available. Most workers in the field, however, 
agree in one respect, viz., that the alkyl groups in the 
cations have a structure-forming effect on the water 
lattice (see e.g., Hertz12 and Frank13). The nuclear 
magnetic relaxation studies by Hertz and coworkers1’14 
are especially informative (c/. also ref 15). Thus re
laxation time measurements on protons, deuterons, and 
170  nuclei in water show that there is on the average a 
slowing down of the rotational motion of the water 
molecules when the tetraalkylammonium salts are dis
solved. From measurements of self-diffusion coeffi
cients of the water molecules, Hertz, Lindman, and 
Siepe16 found that also the translational motion of the 
water molecules in these solutions is much slower than 
in pure water.

The study by Lindman, Forsén, and Forslind17 of the 
79Br nuclear magnetic relaxation rates showed that the 
coupling between bromide ions and water in solutions 
of quaternary ammonium bromides is markedly 
different from that in aqueous solutions of alkali halides. 
(Later measurements have demonstrated that this also 
holds true for chloride ions and iodide ions.18) This 
work initiated the study by Hertz, et al.,16 which was 
concerned with the determination of self-diffusion co
efficients for the cations and the water molecules, the 
relaxation times (for protons and deuterons) of the cat

ions as well as the relaxation rate of 85Rb (in added 
RbCl) in aqueous solutions of tetraalkylammonium 
chlorides. This work showed that the slowing down in 
the motion of the solvent molecules is not restricted to 
the first hydration layer of the cation, but that there is 
a considerable spreading out of the structure-stabilizing 
effect, at least at reasonably high concentrations.

Whereas a large number of papers have been devoted 
to the study of aqueous solutions of tetraalkylam
monium salts, comparatively few articles treat aqueous 
solutions of other alkylammonium salts (with the ex-

(1) H. G. Hertz and M . D . Zeidler, Ber. Bunsenges. Phys. Chem., 68, 
821 (1964).
(2) B . E . Conway and R . E . Verrall, J. Phys. Chem., 70, 3952 
(1966).
(3) R . L. K ay, T . Vituccio, C. Zawoyski, and D . F. Evans, ibid., 70, 
2336 (1966).
(4) F. Franks, “ H ydrogen-Bonded Solvent System s," A . K . Coving
ton and P. Jones, Ed., Taylor and Francis, Ltd., London, 1968.
(5) B. E. Conway, R . E. Verrall, and J. E. Desnoyers, Trans. Faraday 
Soc., 62,2738 (1966).
(6) F. Franks and H. T . Smith, ibid., 63, 2586 (1967).
(7) R . Zana and E. Yeager, J. Phys. Chem., 71,4241 (1967).
(8) H . E. Wirth, ibid., 71,2922 (1967).
(9) H . E. W irth and A . LoSurdo, ibid., 72, 751 (1968).
(10) R . Gopal and M . A . Siddiqi, ibid., 72, 1814 (1968).
(11) W -Y . W en and K . Nara, ibid., 71, 3907 (1967).
(12) H. G. Hertz, Ber. Bunsenges. Phys. Chem., 68, 907 (1964).
(13) H . S. Frank, Proc. Roy. Soc., A247, 481 (1958).
(14) F. Fister and H . G. Hertz, Ber. Bunsenges. Phys. Chem., 71, 
1032 (1967).
(15) S. S. Danyluk and E. S. Gore, Nature, 203, 748 (1964).
(16) H . G. Hertz, B . Lindman, and V. Siepe, Ber. Bunsenges. Phys. 
Chem., 73, 542 (1969).
(17) B. Lindman, S. Forsén, and E. Forslind, J. Phys. Chem., 72, 
2805 (1968).
(18) H . Wennerstrôm and B . Lindman, to be published.
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ception of work concerning micelle formation and re
lated properties of solutions of long-chain monoalkyl- 
ammonium salts). One possible step toward a better 
understanding of the influence of alkyl groups on the 
water structure is to study also aqueous solutions of 
mono-, di-, and trialkylammonium salts. Previous 
studies of aqueous solutions of these alkylammonium 
salts have been concerned with, e.g., dielectricr elaxation 
times,19 partial molal heat capacities,20 densities,21 
viscosities,22 and conductivities,22 and demonstrate the 
structure-stabilizing effect of the cations on the water 
lattice.

In the present paper, measurements of 79Br nuclear 
magnetic resonance line widths of aqueous solutions of 
mono-, di-, and trialkylammonium bromides will be re
ported. The aim of the work is to investigate the de
gree to which the change in bromide ion bonding as re
flected in the 79Br line widths (see ref 17) depends on 
the special symmetry of the alkylammonium ions and 
the degree to which it depends merely on the presence 
of alkyl groups in the solution. To this end we have 
studied the dependence of the 79Br nuclear mag
netic relaxation rate on the number of carbon chains on 
the nitrogen, on the carbon chain length, and on the 
concentration of the electrolyte. In order to obtain 
some information on the energetics of the processes in 
the solutions influencing the relaxation, the temperature 
dependence of the 79Br line width has also been studied. 
The measurements on monoalkylammonium bromides 
were extended up to a carbon chain length of eleven in 
order to study micelle formation.
Experimental Section
Preparation and Purification of the Salts. The mono-, 
di-, and trialkylammonium bromides were prepared 
by either or both of the following two methods. 
In the first procedure (which could be used only 
when the amines were very pure and sufficiently 
water-soluble) the solutions were obtained directly 
from an aqueous solution of the corresponding amine 
which was neutralized with hydrobromic acid. In 
most cases, however, the amine hydrobromides were 
obtained from the amine (or in the case of methylamine, 
dimethylamine, trimethylamine, and ethylamine from 
an aqueous solution of the amine) and a concentrated 
aqueous solution of hydrobromic acid after evaporation 
in vacuo. In a few cases, both methods were used, and 
no difference could be detected between the alkylam
monium bromide products. The amines were ob
tained from BDH and from Fluka AG. The hydro
bromic acid used was the Analar quality from BDH. 
Triethylamine hydrobromide was also obtained from 
Eastman Organic Chemicals, Rochester, N. Y.

The hydrobromides were recrystallized (once or 
twice depending on the initial purity) from the fol
lowing solvents: ethanol: CH3NH3Br, (CH3)2NH2- 
Br, (CH3)3NHBr, C2H6NH3Br, (C2H5)2NH2Br, and

(C2Hs)3NHBr; ethanol-iiethyl ether: C3H7NH3Br, (C*- 
Hv)2NH2Br, (C3H7)3NHBr, C4H9NH3Br, C5HuNH3Br, 
(C6Hn)2NH2Br, C6H13NH3Br, C7H15NH3Br, C8H17NH3- 
Br, C9Hi9NH3Br, and Ci0H2iNH3Br; chloroform-di
ethyl ether: CuH2iNH3Br. Tetrabutylammonium
bromide was obtained from Fluka AG and was recrys
tallized from chloroform -diethyl ether or from acetone- 
diethyl ether.

Nmr Measurements. A Varian V-4200 nmr spec- 
tromete requipped with a 12-in. V-3603 magnet was 
used for the measurements. The magnetic field was 
controlled by a Yarian Mark I I  Fieldial. The modula
tion frequency and the amplitude of the modulation 
field were kept low compared with the line width and 
the derivative of the absorption curve was recorded. 
The line width was measured directly from the re
corded curve as the distance between the maximum 
and minimum slopes cf the absorption curve. The 
field modulation frequercy was 40 Hz except in the case 
of some of the broadest signals where 80 or 400 Hz was 
used. The peak-to-peek field modulation amplitude 
was about y 4 (and never greater than V3) of the fine 
width. Our data have been corrected for modulation 
broadening (assuming Lorentzian fines) according to the 
Wahlquist23a theory with data taken from Smith.23b 
This correction is in the range 0.5-2%. The amplitude 
of the radio frequency field was chosen low enough not 
to give a saturation broadening greater than 1% (cf. 
Pake23c). The resonar ce frequency was stabilized 
within 1 Hz at 14.98 MHz by means of a crystal oscil
lator circuit. An estimate of the inhomogeneity of the 
magnetic field was obtained by recording the 23Na nmr 
signal at the same magnetic field strength as used for the 
79Br measurements. T ie field inhomogeneity as ob
tained from the fine width of the 23Na signal was found 
to be 20-30 mG, thus, less than 0.1 of the most narrow 
fines reported in this paper. No correction for in
homogeneity broadening has been applied. The sample 
temperature was 30 ± 2° except in the temperature 
dependence investigations. In the latter measure
ments the Varian V 4540 temperature controller was 
used to control the temperature. The temperature 
was measured (before and after the recording of the 
spectrum) with a thermocouple located in the sample 
and is accurate within ±0.3°. The samples were 
contained in test tubes with an inner diameter of 15 mm 
(9 mm for the investigation of temperature depen
dence). The reported ,ine widths are the arithmetic

(19) G. H. Haggis, J. B. Hasted, and T . J. Buchanan, J. Chem. Phys., 
20, 1452 (1952).
(20) T . Ackermann and H . Rüterjans, J. Chim. Phys., Num éro 
special, O ct 1969, p 124.
(21) J. E. Desnoyers and M . ¿irel, Can. J. Chem., 45, 359 (1967).
(22) J. E. Desnoyers, M . Arel and P.-A . Leduc, ibid., 47, 547 (1969).
(23) (a) H . Wahlquist, J. Chsm. Phys., 35, 1708 (1961); (b) G. W . 
Smith, J. Appl. Phys., 35, 121? (1964) ; (c) G. E. Pake, Am. J. Phys., 
18,437 (1950).
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means of 3-6 spectra (for the temperature variation 
study only 2-3 spectra at each temperature were re
corded). The individual measurements were within 
5% from the average except for the investigation of the 
temperature dependence where this figure increased 
somewhat owing to smaller sample volumes. The mea
surements at the lowest concentrations in the concen
tration dependence study for the mono-, di-, and tri- 
ethylamine hydrobromides are also somewhat uncer
tain.
Experimental Results and Basic Principles

In Figure 1 are given the measured 79Br nmr line 
widths for 0.100 M aqueous solutions of mono-, di-, tri-, 
and tetra-n-alkylammonium bromides. The data (with 
the exception of values concerning the temperature 
dependence of the line width) for the quaternary alkyl- 
ammonium bromides are taken from ref 17. Figure 2 
shows a plot equivalent to that in Figure 1 for 0.500 M 
solutions. As seen from these figures the 79Br line 
width increases strongly with increasing carbon chain 
length as well as with increasing number of alkyl groups 
in the cation. The line width also increases with in
creasing electrolyte concentration. For di-, tri-, and 
tetraalkylammonium bromides, limited solubility pre
vents measurements when the carbon chain contains 
more than five carbon atoms. Monoalkylammonium 
bromides could be studied up to undecylamine hydro
bromide. For still longer N-alkyl substituents the 
signal-to-noise ratio did not allow precise line width 
measurements. The data for mono-n-alkylammonium 
bromides are presented in Figure 3 for two concentra
tions (0.100 and 0.500 M). As may be inferred from 
this graph, the line width increases with increasing 
length of the alkyl group in the v/hole range investi
gated. The increase in line width is initially compara
tively slow, but when one reaches the region where the 
cations are known to aggregate to micelles the slope in
creases drastically. For the ethylammonium salts the 
concentration dependence was investigated in more de
tail. The results are given in Figure 4, and as can be 
seen the concentration dependence is approximately 
linear at low concentrations.

For the butylammonium bromides the temperature 
dependence of the line widths was studied. The tem
perature range was 6-94°. In Figure 5 the logarithm 
of the observed line widths is plotted against the in
verse absolute temperature. The plots are slightly 
curved, the slope being smaller at higher temperatures. 
Through a least-squares treatment we have calculated 
the average energies of activation for the relaxation 
process in the temperature range investigated (see 
Table I).

For three samples (0.500 M octylamine hydrobro
mide, 4.00 M triethylammonium bromide, and 0.500 M 
tetrabutylammonium bromide) the dependence of the 
line width on the resonance frequency (in the range

B. Lineman, H. W ennerstrom, and S. Forsen

Number of carbon atoms in the alkyl group,R
Figure 1. T h e  line w idth, AB, for 79B r in  aqueous solutions 
o f a lkylam m onium  brom ides as a fu n ction  o f  the num ber of 
carbon  atom s in the alkyl group, R . T, 30 ° (for R 4N B r 2 5 ° ) :  
con cn , 0.100 M ;  X  (low er poin ts), R N H 3B r; O, R 2N H 2B r;
X  (upper p o in ts), R 3N H B r; A, R 4N B r; □ , N H (Br.
D a ta  for  R (N B r from  ref 17; the lines in  this and follow ing 
figures are draw n ju st as an aid to  the eye.

Table I : A verage E nergies o f A ctiva tion  ( E a) for  the 
R elaxation  Process in the T em perature R ange 6 -9 4 °  O btained 
b y  a LeasO Squares T reatm ent"

Sample

0 .5 0 0  M  B u N H 3Br 
0 .5 0 0  M  B u 2N H 2B r 
0 .5 0 0  M  B u 3N H B r 
0 .5 0 0  A f Bu<NBr 
0 .5 0 0  M  E t4N B r 
L iB r6 
N a B r8 
C s B d
K B r c ( 0 .1 - 4 .0  M )

E,., kcal/mol

3 .4  ±  0 .2
3 .9  ±  0 .2
4 .5  ±  0 .2  
5 .7  ±  0 .2  
4 .4  ±  0 .2
2 .9  (from  ref 26)
2 .9  (from  ref 26)
2 .3  (from  ref 26)
2 .1  ±  0 .4  (from  ref. 31)

“ F or com parison, som e data  are included from  the w ork b y  
H ertz26 and b y  O ’ R eilly , et al.31 E x cep t for K B r  all in vestiga 
tions are perform ed w ith  79B r resonance. b F or  the con centration  
dependence see ref 30. ° F rom  81B r relaxation.

8-16 MHz) was studied. Within the experimental 
error no change of the line widths with frequency was 
detected, thus proving that the “ case of extreme nar
rowing’ ’ is applicable. This implies that the correlation 
time, rc, which gives the time scale for molecular mo-
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Number of carbon atoms in the alkyl group, R
Figure 2. T h e  line w idth  o f the 79B r resonance fo r  0.500 M  
aqueous solutions o f alkylam m onium  brom ides. F or  further 
in form ation , see the tex t to  F igure 1.

F igure 3. 79B r nuclear m agnetic resonance line w idths for 
aqueous solutions o f m onoalkylam m onium  brom ides: O, 0.100 
M  solutions; X ,  0.500 M  solutions; 0 , denotes the value for 
NBUBr. T h e  tw o upper curves are given  in the scale o f the 
le ft vertica l axis whereas the low er curves are referred to  the 
right vertica l scale. T, 30°.

tion, is much smaller than the inverse Larmor pre
cession frequency. Under conditions of extreme nar
rowing the spin-lattice relaxation time, Tlt equals the 
spin-spin relaxation time, T2, and the quadrupole re
laxation rates are given by the formula24

1  = i_  = 3, 2 7 -3  /  tA  /eQ d2FV
T i T 2 4012 (21 -  1) V +  3 /  U  &* /  U

(1 )

I is the spin quantum number of the nucleus observed, 
% = h/2ir (h is Planck’s constant), eQ is the electric 
quadrupole moment, d2V/dz2 is the largest of the com
ponents of the field gradient tensor along the principal 
axes, and jj is the asymmetry parameter.24 Other re
laxation mechanisms than quadrupole interactions 
are certainly unimportant and consequently eq 1 will 
also with good accuracy give the total nuclear magnetic 
relaxation rate. As has recently been emphasized by 
Hertz, et al. , 26 eq 1 is stri ;tly applicable only for a specific 
form of the correlation functions describing the molec
ular motion of the ion ar d its surroundings.

Since the nuclear magnetic resonance fine width, AT?, 
is proportional to the inverse transversal relaxation 
time (the proportionality factor contains one term

moles/1000g H2O 
0.2 0 .4 0.6 08 10 1.2

20

15

10

5

0 1  2 3 4 5 6 7 8
mcles/1000g H2O

Figure 4. C on centration  dependence o f the 79B r nm r line 
w idth  in aqueous solutions c f  ethylam m onium  brom ides. T, 
3 0 ° : O, C 2H 5N H 3B r; X  (low erp o in ts ), (C 2H 5)2N H 2B r;
0 , (C 2H 3)3N H B r ; X  (upper poin ts), (C 2H 5)4N B r (from  ref 
17, 2 5 ° ). T h e  low  concentration  range is show n expanded 
in the upper le ft corner. F or com parison  straight lines 
are draw n through the points at low  concentrations.

(24) A . Abragam, “ The P rincijles of Nuclear M agnetism ,”  Clarendon 
Press, London, 1961.
(25) H . G. Hertz, G. Stalidü, and H . Versmold, J. Chim. Phys., 
Num éro special, Oct 1969, p 177.
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Figure 5. T h e  tem perature dependence o f the ,9B r line 
w idth . T h e  logarithm  o f the line w idth  is g iven  as a fun ction  
o f the inverse absolute tem perature: X ,  C.500 M  B u N H 3B r;
Q, 0.500 M  B u 2N H 2B r; A, 0.500 M  B u 3N H B r ; + ,  0.500 M  
B u 4N B r ; • , 0.500 M  E t,N B r.

which depends on the curve shape and one term which 
equals the inverse magnetogyric ratio), we have

where K  is a constant for a given nucleus. The asym
metry parameter has been neglected, which most likely 
is a good approximation in the interpretation of the 
large effects observed in the present work.

Equation 2 should give the line width in case of only 
one possible site of binding for the bromide ions. If 
the bromide ions are exchanging so rapidly between sev
eral sites with different bonding properties that the 
residence times in the different sites are much smaller 
than the relaxation times, the line width should be 
given by26

Afiobsd =  E  P .A S ,-  (3)
l

Here A/Lm  is the observed line width, ABt is the line 
width characterizing the bromide ion bonding in site i, 
and Pi is the mole fraction of bromide ions in site i. The 
sum in eq 3 should be taken over all possible sites in the 
solution.

To investigate whether eq 3 is applicable or not we 
have recorded the 3IBr nuclear magnetic resonance sig
nals for some samples. The 81Br data are given in 
Table II. As may be seen, the ratio between the line 
widths obtained for the two bromine isotopes is close to 
the theoretical value 1.545 (see ref 27) which will guar
antee the validity of eq 3 (c/ ref 17). The other argu
ments used to exclude the slow exchange case in ref 17 
are also applicable in the present case.

B. Lindman, H. W ennerstrom, and S. Foiisen

T a b le  I I : C om parison  o f 81B r Line W idth s w ith  79B r L in e 
W idth s. T em perature 30 ±  2 °

Sample
AB(70Br),

G
AB(siBr),

G
AB(79B r)/
AB(aiBr)

4 .0 0  M  EtsNILBr 1 7 .0 1 0 .7 1 .5 9
0 .5 0  M  C n H 23N H 3Br 2 8 .4 1 8 .3 1 .5 5
0 .5 0  M  C 8H „ N H 3B r 4 .5 3 .1 1 .4 8

Discussion
In the present work we encounter many problems 

which were discussed in ref 17 and for the detailed 
arguments the reader is referred to this paper. The 
present discussion will be started with a consideration 
of those solutions which according to generally accepted 
views contain no micelles (he., solutions of alkylam- 
monium bromides where the carbon chains contain less 
than six carbon atoms) and we will continue with a 
discussion of the structural implications of the activa
tion energies. We will conclude with a brief discussion 
of the structure of the micellar solutions from the point 
of view of the counterion relaxation rates.

On the Structure of the Solutions Which Contain No 
Micelles. Since the line widths of the 79Br signals in 
aqueous solutions of mono-, di-, and trialkylammonium 
bromides show an analogous dependence on carbon 
chain length and electrolyte concentration to that 
observed for tetraalkylammonium bromides17 the causes 
are mosfr likely very similar in all cases. That the 
marked changes in 79Br line width primarily depend on 
anion-water coupling and not on anion-cation inter
action is supported by the fact that the line width of 
the 79Br signals is successively decreased when the 
number of carbon chains is decreased and thus the dis
tance of closest approach between nitrogen and anion 
is diminished. If anion-cation coupling were dominant 
we should expect a change in line width in the opposite 
direction. Furthermore, Evans and Gardam28 have 
recently shown that in ethanol and propanol the ten
dency for ion pairing of tetraalkylammonium bromides 
is greatest for tetramethylammonium bromide and then 
decreases steadily as the size of the cation increases.

Let us consider a simplified model in which the cations 
are surrounded by successive hydration layers and the 
bromide ions are distributed between the hydration 
layers and exchanging rapidly between them. The 
coupling between anion and water changes gradually 
as the distance between cation and anion changes and 
may be characterized by the 79Br nmr line width, AB(. 
From eq 3 we then obtain

(26) See e.g., H . G. Hertz, “ Progress in N M R  Spectroscopy,”  Vol. 
I l l ,  Pergamon Press, Oxford, 1967, p 159.
(27) H. G. Hertz, Z. Elektrochem., 65, 20 (1961).
(28) D . F. Evans and P. Gardam, J. Phys. Chem., 72, 3281 (1968).
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AB„bsd =  Z )  p A B i  +  p 0A B 0 (4)
i =  1

where pt is the mole fraction of bromides belonging to 
hydration layers denoted i  and A B { is the corresponding 
79Br line width. We assume that ABt varies only slight
ly with the concentration of the salt, which is certainly 
correct at least at low concentrations. A/i0 and p<> 
are the corresponding numbers for the part of the solu
tion where the bromide ions are unaffected. I t  is 
easily shown that this equation will give a linear relation 
between AB0bsd and the salt concentration as long as 
the total number of water molecules belonging to hy
dration layers, in which A B i is significantly different 
from AB0, is much smaller than the total number of 
water molecules in the solutions. Since according to 
our experimental data the linear relationship is valid up 
to comparatively high concentrations this means tha* 
AB { is significantly different from A B 0 only in the very 
near vicinity of the cation. We thus see that mos~ 
probably only the anions in the first hydration layer are 
involved in strengthened anion-water coupling.

We will next discuss possible reasons for AB { being 
very great in the first hydration layer. As seen from 
eq 2, two factors have to be considered, i.e., the corre
lation time and the field gradient. From the work by 
Hertz and coworkers (see e.g., ref 26; cf. also ref 29) it 
may be inferred that the reorientation times for the 
water molecules close to the cations are not large enough 
to account for more than a minor part of the observed 
effects. Thus we may conclude that the field gradients 
experienced by the bromide ions near the cations are 
much larger than those in ordinary aqueous solutions. 
This indicates that the interaction between bromide 
ions and the water lattice is much stronger in the near 
vicinity of the cations than in regions far apart from 
the cations. Though this explanation seems to be the 
most probable one (since the field gradients are very 
great) we cannot at present exclude the possibility that 
the change in field gradient arises merely from a change 
in symmetry in the water lattice to which bromide ions 
are coupled.

We have not yet considered the possibility that the 
reorientation times for the water molecules (and AB() 
are essentially constant throughout the solution even at 
fairly low concentrations. This would give a correct 
description of the experimental findings if the correla
tion time increases linearly with the concentration. 
However, this explanation is ruled out by the fact that 
the 79Br (and 81Br) relaxation rates increase much 
faster with alkylammonium bromide concentration than 
do proton, deuteron, 170 and 85Rb relaxation rates in the 
same solutions.1,14,16 The case with uniform micro
dynamic properties throughout the solution can thus 
only explain our data if the field gradient term in eq 1 
increases linearly with the concentration. Though we

have no possibility at present to exclude such an ex
planation, it seems to oe very unlikely.

The model by Ackermann and Ruterjans20 of a struc
ture-broken zone outside the first hydration layer seems 
to lead to the same concentration dependence of the 
line widths as that found experimentally in the present 
work, since the difference between ABf in the structure 
broken zone and AB0 is probably negligible.

We may thus conclude that from anionic relaxation 
rates alone no certain model for the hydration structure 
can be obtained. I t  is, however, very likely that the 
observed line broadenings can be ascribed to a relaxa
tion rate for the bromines in the near vicinity of the 
cations which is very d.fferent from the relaxation rates 
for bromines far away from the cations. The exchange 
of bromines between different hydration layers is fast 
compared to the relaxation rates.

Activation Energies. The energies of activation for 
the 79Br relaxation rate in 0.500 M solutions of the four 
butylammonium bromides are summarized in Table I. 
The qualitative investigation of the temperature depen
dence of a 0.500 M solution of tetraethylammonium 
bromide presented in ref 17 has been repeated with 
improved temperature stabilization and gave a some
what higher value of the activation energy than that 
previously reported. Previous determinations of acti
vation energies for bromine (79Br and 81Br) relaxation 
rates are reported by Endom, et al.,30 and by O’Reilly, 
et al.31 These data are included in Table I.

The activation energy, Ea, is formally defined by the 
equation

A B = A B°eEJRT

where AB° is a constan:, R the gas constant, and T the 
absolute temperature. E& is a measure of the tempera
ture dependence of the parameters in eq 2 and 3. In 
the present case only r,, and the p is have to be consid
ered.

As may be seen from Table I the energies of activa
tion of the alkylammonium bromides investigated are 
considerably higher than those observed for aqueous 
solutions of e.g., KBr, LiBr, NaBr, and CsBr. We have 
not been able to separate the factors contributing to the 
activation energies, but it may be informative to discuss 
the two extreme cases. First we may attribute the 
whole observed effect to temperature variation of rc. 
According to Endom, et al.,30 we may then say that the 
change in potential energy, for the species in the solution 
responsible for relaxation, occurring during the dynamic 
processes is greater in the present case than in an aque
ous solution of, e.g., NaBr. This strongly suggests that
(29) R . P otte l and O. Lossen, B er. Bunsenges. P hys. Chem., 71, 135 
(1967).
(30) L . E n d om , H . G . H erts, B . T htil, and M . D . Zeidler, ibid., 71, 
1008 (1967).
(31) D . E . O ’ R eilly , G . E . S ihacher, and K . Schug, J . Chem. P hys., 
3 9 , 1756 (1963).
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the bromide ions are more firmly bound in the present 
case than in ordinary aqueous solutions. Secondly, the 
observed great difference in activation energy between 
aqueous solutions of, e.g., Bu4NBr and aqueous solutions 
of an ordinary salt may have its origin in a temperature 
dependence in pt; this amounts to saying that it is a 
measure of AH for an equilibrium. In this case there 
must be different binding sites for the bromide ions, 
i.e., at least part of the bromines should be coupled to 
surrounding species differently than in ordinary aqueous 
solutions. In both cases the ideas presented above for 
the interpretation of the line-width data are supported.

As may be seen from Table I  the energy of activation 
increases with increasing number of alkyl groups on the 
nitrogen as well as with increasing chain length, i.e., 
the same trend is observed in the activation energies as 
in the relaxation rates themselves.

On the Structure of the Micellar Solutions. The first 
study of counterion binding in micellar solutions by 
nuclear magnetic quadrupole relaxation was that of 
Eriksson, Johansson, and Andersson.32 They found a 
rapid increase in the relaxation rate of 81Br in the region 
of the critical micelle concentration (cmc) for aqueous 
solutions of octylammonium bromide. This was at
tributed to an adsorbtion of part of the counterions 
in a Stem layer next to the ionic groups of the surfac
tant molecules.

In the present work we have studied solutions of 
alkylamine hydrobromides, CH,3 (CH2) „N11Br, with 
n = 0-10. As may be seen in Figure 3 the appearance 
of micelles is very clearly reflected in the line-width data. 
For solutions of the micelle-forming substances below 
the cmc it is obvious that even at low concentrations the 
binding of the bromide ions is distinctly different from 
the binding of bromide ions in aqueous solutions of, e.g., 
sodium bromide or ammonium bromide. Thus, for 
instance, the relaxation rate of 79Br in a 0.100 M solution 
of octylammonium bromide is about 50% greater than 
in a 0.100 M solution of an “ ordinary”  1-1 electrolyte. 
This may be understood from the above discussion: 
the alkyl groups in the cations tend to stabilize the 
water lattice and close to the cations there is a strength
ened coupling between the anions and the water mole
cules. This increased anion-water binding in the pre- 
micellar solutions must be taken into account when the 
dependence of cmc on the nature of the anion and the 
effect of added electrolytes on the cmc are interpreted 
(see e.g., ref 33). Apart from this changed counterion- 
water coupling common to all types of alkylammonium 
bromides, the counterion binding is not altered before 
the cmc. Thus there is no evidence of any formation of 
premicellar aggregates in the solution, or at least there 
is no significant amount of bromide ions participating

in such an aggregation. This conclusion is in accord
ance with the results obtained by Desnoyers and Arel21 
from density data (cf. also ref 22). The concentration 
dependence of the line widths is presently being studied 
in more detail in our laboratories. From these studies 
we hope to reach more definite conclusions about pre
micellar phenomena (in this work we will also investi
gate the effect of solubilization and of changing the 
end group of the cations on the counterion binding).

The fact that the line widths are independent of the 
applied magnetic field strength indicates that eq 2 is 
valid. Moreover the 8IBr data show that there is a 
“ fast exchange” of bromide ions between the surface of 
the micelles and the bulk of the solution and that eq 3 
is valid. I f  we make a simplification and assume that 
there are only two binding states for the bromines, i.e., 
one in the close vicinity of the micellar surface and one 
in the bulk of the solution, we may from a knowledge of 
the fraction of bromide ions on the micellar surface 
estimate the line width characteristic for the adsorbed 
counterions. We have performed a calculation of this 
type for 0.100 M decylammonium bromide and 0.500 
M undecylammonium bromide. The amount of ad
sorbed counterions was estimated from the work by 
Shirai and Tamamushi.34,35 The line width for the 
bromide ions not bound to the micelles was taken as 
0.7 G (this value is the line width observed at concentra
tions just below the cmc). Under these assumptions we 
obtain a line width of about 16 G for the bound counter
ions in the 0.100 M decylammonium bromide solution 
and about 35 G for the 0.500 M undecylammonium 
bromide solution. These figures indicate that the 
strength of the counterion binding lies somewhere 
between that of “ free” ions (AB about 0.35 G in aqueous 
solutions) and that of covalently bonded bromine (AB 
in the range 300-400 G as calculated from the data of 
O’Reilly, Schacher, and Schug31)- The binding at the 
micellar surface is probably best characterized as a 
type of ion pairing. Since the study of the micellar 
solutions is being continued, we will postpone a more 
elaborate treatment to a later date.
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Variation of Osmotic Coefficients of Aqueous Solutions of Tetraalkylammonium 

Halides with Temperature. Thermal and Solute Effects on 

Solvent Hydrogen Bonding1

by S. Lindenbaum, L. Leifer, G. E. Boyd, and J. W . Chase

Chem istry D ivision , Oak R idge N ational Laboratory, Oak Ridge, Tennessee 37830  (R eceived Septem ber 9, 1969)

Osmotic coefficients have been measured at 65° for aqueous solutions of tetra-w-butylammonium fluoride, tetra- 
methyl-, tetra-w-propyl-, and tetra-n-butylammonium chloride, and tetramethyl- and tetra-n-propylammonium 
iodide. These data were combined with the available thermodynamic data at 25° to estimate relative par
tial molal entropies of the solvent. The thermodynamic properties of symmetric tetra-n-alkylammonium 
halide solutions have been interpreted in terms of the effect of increasing anion size and increasing temperature 
on the local structure of water. This interpretation is justified in terms of the recently published X-ray dif
fraction results on water and on aqueous ammonium halide and tetra-n-butylammonium fluoride solutions. 
The concept of “water-structure-enforced ion pairing” has been used to explain the reversal in the sequence 
of the magnitude of the osmotic coefficients on substituting iodide for chloride ions. It is suggested that this 
concept is not valid in cases involving either cations or anions which reduce the amount of local order in the 
solvent. However, osmotic coefficient reversals may be accounted for on the basis of the competition between 
increased hydrogen bonding of water as the size of the R4N+ cation increases and decreased hydrogen bonding as 
the size of the halide ion increases.

Introduction

Thermodynamic property measurements at 25° on 
aqueous solutions of the symmetric tetraalkylam- 
monium halides have been presented in previous com
munications from this laboratory2-3 and by others.4-6 
The results have been interpreted in terms of the hy
pothesis of Frank and coworkers7 that large organic cat
ions (or anions) promote local order in the aqueous sol
vent. The sequence of the magnitudes of the osmotic 
coefficients has been the subject of considerable interest. 
In dilute solutions of symmetric tetraalkylammonium 
fluorides and chlorides at 25°, the osmotic coefficients 
increase with increasing cation size. This order is 
reversed for the bromides and iodides at 0 and 25°. 
I t  has been suggested2-8 that the reversal is due to the 
formation of “water-structure-enforced ion pairs” 
between large tetraalkylammonium ions and large 
(i.e., bromide or iodide) anions. These interpretations 
were ad hoc, but nevertheless they have provided a 
useful basis for making predictions which could be 
tested by experiment.

Recent X-ray diffraction studies on water and aque
ous solutions9-11 have been interpreted in terms of the 
slightly expanded ice-I model12 for local structure in 
liquid water. Parameters calculated from the radial 
distribution function for tetra-n-butylammonium 
fluoride solutions10 for the model show that the short- 
range order in the solution differs from that in pure 
water: I, the number of interstitial (non-network) water 
molecules decreases; II, the nearest neighbor distances

in the network are shortened; and II I, the root-mean- 
square displacements associated with near-neighbor 
network distances are significantly smaller than in pure 
water (i.e., the interaction becomes sharper).

These effects would tend in the direction of increasing 
the heat capacity and decreasing the entropy of the 
solvent. The expanded ice-I model therefore provides 
an interpretation of the radial distribution function 
which is consistent with suggestions made on the basis 
of less direct thermodynamic evidence. I t  has been 
pointed out that the model is an oversimplification of 
the real structure of liquid water or solutions,10 and 
further work may indeed provide models which will 
extend and improve upc n this one in its ability to ac
count for physical properties of solutions.
(1) R esearch  sponsored b y  the  U . S. A to m ic  E n ergy  C om m ission  
under con tract w ith  the U nion  C arbide  C orp oration .
(2) S. L indenbaum  and G . E . B o y d , J . P h ys . Chem., 68, 911 (1964).
(3) S. L indenbaum , ibid., 70, 814 (1966).
(4) W .-Y . W en , S. Saito, and C . Lee, ibid., 70, 1244 (1966).
(5) R . H . W o o d , H . L . A nderson , J. D . B ecker, J. R . F rance, W . E . 
D e V iy , and L . J. Soltzberg, ibid., 71, 2149 (1967).
(6) J. L ange, Z . P h ys. Chem., A 168 , 147 (1934).
(7) See, fo r  exam ple, H . S. F rank, Z . P h ys. Chem., (L e ip zig ), 228, 367 
(1965).
(8) R . M . D iam on d , / .  P hys. Chem ., 67, 2513 (1963).
(9) A . H . N arten , M . D . D an ford , and H . A . L evy , D iscussions Fara
day Soc., 43, 97 (1967).
(10) A . H . N arten  and S. L indenbaum , J . Chem. P hys., 51, 1108 
(1969 ).
(11) A . H . N arten , J . P hys. Chem., 74, 765 (1969 ).
(12) O. Y . S am oilov, Zh. F iz. Chim., 20, 1411 (1946).
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I t  was the purpose of this work to determine what 
changes in the osmotic coefficients of the symmetric 
tetra-w-alkylammonium halides would be observed by 
increasing the temperature from 25 to 65° and if these 
changes may be understood in terms of relations be
tween the local order in the solvent and the thermo
dynamic properties of the aqueous solutions.
Experimental Section

Solutions of tetra-n-butylammonium fluoride, tetra- 
methyl-, tetra-w-propyl-, and tetra-n-butylammonium 
chloride, and tetramethyl- and tetra-n-propylammo- 
nium iodide were prepared and analyzed as previously 
described.2 Molai osmotic coefficients were determined 
with a Mechrolab Model-301 vapor-pressure osmom
eter. The experimental procedure and equations for 
the calculation of the results have been published.13 
Solutions of sodium chloride were used for the calibra
tion of the osmometer and values of the osmotic coeffi
cients of sodium chloride at 25 and 65° were interpolated 
from the tables of Robinson and Stokes.14 The pre
cision and accuracy of the osmotic coefficient measure
ments is approximately 1%.
Results and Discussion

The osmotic coefficients are given in Figures 1, 2, and 
3 together with previously reported values2,4 at 25° 
obtained with the gravimetric isopiestic comparison 
method. Agreement between the two methods is 
demonstrated where the data overlap. The data for 
the chloride and fluoride salts at 25° are from earlier 
publications.2,4 Osmotic coefficients interpolated from 
the smooth curves of Figures 1, 2, and 3 are given in 
Table I. The relative order of the values for the chlo
ride and fluoride salts at 25° (i.e., increasing osmotic 
coefficients with increasing cation size) is reversed at 
65°. This inversion can be predicted from heat-of- 
dilution data at 25° as follows. The temperature 
coefficient of the osmotic coefficient may be obtained 
from heat-of-dilution data3 according to the following 
equation

d<f>/d T = UmU/MJiThm (1)
where <f> is the molai osmotic coefficient, Mw the molec
ular weight of water, T the temperature in °K, v the 
number of ions per molecule of salt, m the molality, and 
L\ the relative apparent partial molai heat content of 
the solvent. Li is derived from the apparent molai 
heat content, <t>l ,  using eq 2

Li = — (V2 m‘/y55.51)(d0i/dm1'/î) (2)
Thus, by assuming that L\ does not vary with tempera
ture, <f> values at 65° may be calculated from those mea
sured at 25°. This assumption is not strictly valid 
(see Table I), but it does permit a prediction of whether 
the osmotic coefficient increases or decreases as 
the temperature is altered. Because Zi is negative for

Figure 1. O sm otic coefficients o f tetra-n -butylam m onium  
fluoride at 25 and 65°. D ata  at 2 5 ° taken  from  re f 4.

F igure 2. O sm otic coefficients o f tetram ethyl-, tetra -n -prop yl-, 
and tetra-n -butylam m onium  chlorides at 25 and 6 5 °. D a ta  at 
2 5 ° taken  from  ref 2.

(C4H9)4NC1 and positive for (CII3)4NC1, eq 1 predicts 
that <j> for (C4H9)4NC1 will decrease while <f> for (CH3)4- 
NC1 will increase with increasing temperature. There
fore, at least qualitatively, the reversal in the order 
(Figure 2) is accounted for; in fact, the differences in the
(13) G. E . Boyd, A. Schwarz, and S. Lindenbaum, J. Phys. Chem., 
70 ,821 (1966).
(14) R . A . Robinson and R . H . Stokes, “ Electrolyte Solutions,”  2nd 
ed, Revised, Butterworth and Co., Ltd., London, 1959.
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Table I : T h erm odyn am ic P roperties o f A queous Solutions o f T etra-n -alkylam m onium  H alides at 25 and 65°

----------------------------------------25°--------------------------------------- > ,--------------------------------------65°-
m F i U T ( S i  -  Si°) F i n a T ( S i  ~ S °)a

B iu N F 6 0 .2 1 .0 4 5 ' - 0 . 2 - 2  1 - 2 0 .9 7 3 0, 2 - 3 . 2 - 3 . 4
0 .4 1 .1 38 - 1 . 2 - 9  1 - 8 1 .018 - 0 . 2 - 8 . 3 - 8 . 1
0 .6 1 .2 43 - 3 . 2 - 2 2 - 1 9 1 .042 - 0 . 7 - 2 3 - 2 2
0 .8 1 .3 50 - 6 . 2 - 4 1 - 3 5 1 .056 - 1 . 1 - 4 4 - 4 3

M e 4N C l 0 .2 0 .8 9 2 0 .5 0 3 - 0 . 2 0 .9 2 6 0. 4 2 .1 1 .8
0 .4 0 .8 7 2 1 .0 1 2 0 .2 0 .9 0 4 0. 9 3 .5 2 .6
0 .6 0 .8 6 3 1 .7 2 5 0 .8 0 .8 9 8 1. 4 5 .1 3 .7
0 .8 0 .8 6 0 2 .1 4 0 1 .9 0 .8 9 8 1. 7 7 .0 5 .3

P R N C l 0 .2 0 .8 9 6 0 .5 - 0  1 - 0 . 6 0 .9 2 5 0. 4 2 .2 1 .8
0 .4 0 .8 8 2 1 .0 - 2  4 - 3 . 4 0 .8 8 7 1. 0 3 .1 2 .1
0 .6 0 .8 8 7 1 .3 - 4 . 2 - 5 . 5 0 .8 7 0 1 .8 0 .5 - 1 . 3
0 .8 0 .9 0 2 1 .4 - 8 . 8 - 1 0 . 2 0 .8 6 7 2..3 - 1 . 4 - 3 . 7

B m N C l 0 .2 0 .9 0 4 0 .4 - 1 . 4 - 2 0 .8 7 3 0..6 - 0 . 9 - 1 . 5
0 .4 0 .8 9 9 0 .8 - 6 . 1 - 7 0 .821 1 .7 - 5 . 2 - 6 . 9
0 .6 0 .9 0 7 1.1 - 1 8 - 1 9 0 .7 8 4 3 .0 - 9 - 1 2
0 .8 0 .9 2 2 1 .1 - 3 2 - 3 3 0 .7 7 3 4 .1 - 1 1 - 1 5

MeJNTI 0 .2 0 .8 4 6 0 .7 0 .6 - 0 . 1 0 .8 4 4 0..8 - 0 . 7 - 1 . 5
PrcN I 0 .2 0 .7 5 9 1 .0 0 .3 - 0 . 7 0 .7 2 9 1 .3 - 2 . 5 - 3 . 8

0 .3 0 .6 9 6 1 .9 0 .2 - 1 . 7 0 .6 79 2 .3 - 2 . 1 - 4 . 4
0 .4 0 .6 4 4 3 .0 0 .1 - 2 . 9 0 .6 3 4 3 .5 - 1 . 6 - 5 . 1

“ E stim ated  as described in text. '  Li for B u (N F calcd  from  </>l data  for Bu<NF at 2 5 ° ; L indenbaum , J. Phys. <Chem., 73, 4334
(1969). c T h e  <j> values are reported to  3 significant figures beyon d  the decim al on ly  for convenience in checking the calculations.

4> values between (C4H9)4NC1 and (CH3)4NC1 at 65° 
are overestimated by this procedure. Alternatively, 
from the measured values of 4> at 25 and 65°, an average 
temperature coefficient dcfi/d T at 45° and hence a value 
of Li may be calculated at this temperature. Conse
quently, the value of Lx at 65° may be derived by a 
linear extrapolation of the values at 25 and 45°, re
spectively.16 Relative apparent molal entropies of the 
solvent, (Si — Si°), at 25 and 65° may be estimated

T (S !  -  & 0)  =  Z i  -  Fi

Fi = RT In (ai/Ni)

where —In eq = m<f>/55.51 and Ni = 55.51/(55.51 +  
2m). Values of Fi, Lh and T(Si — Si°) are listed in 
Table I.

The order of the osmotic coefficients of the chloride 
salts at 25° (<£b u (n c i  >  < £ p n N C i >  < f> M e«N C i) is seen (Figure
3) to be reversed for the iodides at 25 and 65°. The 
reversed order for the iodides also has been observed at 
0°.6 This reversal may thus be achieved either by 
substituting a larger anion for C l" (e.g., I - ) or by in
creasing the temperature. An increase in temperature 
has been shown to reduce the local order in pure water9 
by increasing two of the three near-neighbor distances 
in the expanded ice-I model, by increasing the mean- 
square displacements associated with all near-neighbor 
network distances, and by slightly increasing the frac
tion of water molecules in interstitial positions. I t  may 
be assumed that a decrease in interstitial molecules, in 
the mean-square displacements, and in the near-neigh

bor distances would lead to reduced water activity and 
increased values of 4>. If, therefore, the osmotic coeffi
cient sequence of the chlorides at 25° is largely deter
mined by the ability of the larger tetraalkylammonium 
ions to promote local order, then a sufficient increase in 
temperature would be expected to reverse the sequence.

X-Ray diffraction measurements with aqueous am
monium halide solutions11 have been interpreted in 
terms of decreasing hydrogen bonding of the solvent 
with increasing size of “he anion. The ability of an 
electrolyte in solution to increase hydrogen bonding 
(increase the number of network water molecules) may 
be thought of as resulting from the separate effects of 
the cations and anions. 6 The substitution of iodide 
for chloride ions may therefore cause sufficient disrup
tion of the short-range order in the water to offset the 
order-promoting ability of the large tetraalkylammo
nium ions. The net thermodynamic consequence of 
substituting iodide ions for chloride would be in the 
same direction as an increase in temperature. These 
effects should be reflected in the quantity (5i — Si°), 
since the relative apparent molal entropy is a statistical

(15) This approximation assumes that CPl is independent of the tem
perature in the range 25 to 65°. Recent measurements (H. Rtlter- 
jans, F. Schreiner, U. Sage, and Th. Ackermann, J. Phys. Chem., 73, 
986 (1969)) with 0.3 to 0.7 ire (n-CiHsliNBr solutions show that the 
value of CVl however, is quite small and changes sign between 50 and 
70°.
(16) In  fact, in studies o f viscosity (a) R . W . Gurney, “ Ionic Pro
cesses in Solution,”  D over Publications, New York, N. Y ., 1962, p 174; 
and nuclear magnetic resonance (b) G. Engel and H . G. Hertz, Ber. 
Bunsenges. Phys. Chem., 72, 808 (1968), the effects have been divided 
into cationic and anionic contributions.
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Figure 3. O sm otic coefficients o f tetram ethyl- and 
tetra -n -prop y l am m onium  iodides at 25 and 65°. • ) 0 ’,
isopiestic data taken  from  ref 2, * , 0 ,  v p  osm om etry data.

measure of order (or structure) in the solvent.17 This 
quantity increases with temperature for the chloride 
salts and decreases with temperature for the iodides.

An increase in entropy corresponds to the increased 
disorder in the solvent as the temperature is increased. 
This suggests that as the temperature is increased, the 
chloride salt solutions become more disordered; and, 
relative to infinite dilution, the iodide solutions become 
more ordered at the higher temperatures. In the case 
of Bu-iNF solutions, which have the most negative 
values of (Si — Si°) and therefore the greatest amount 
of short-range order, only a small relative change occurs 
with increasing temperature, and this change is in the 
direction of decreasing (5\ — Sfi). Apparently Bu4NF 
is so effective at enhancing the structure of water (by all 
of the aforementioned mechanisms) that this structure 
is not altered appreciably by elevating the temperature 
to 65°. Studies with fluoride salts at yet higher tem
peratures would be of interest.

I t  has been shown that the reversal in the sequence of 
the magnitudes of the osmotic coefficients on changing 
the size of the anion may be accounted for qualitatively 
on the basis of the relative effect of the cation and anion 
on the degree of hydrogen bonding of the solvent. I t  
therefore seems unnecessary to invoke a special, non- 
coulombic ion pairing mechanism to explain this rever
sal. The concept of “water-structure-enforced ion 
pairing” may have merit in cases where both the 
cation and anion have “water-structure” promoting 
properties; however, it probably does not apply when 
either cation or anion decreases the local order in the 
solvent. I t  will be of interest to study systems in
volving structure promoting anions as well as cations to 
provide further tests of these ideas. I t  should be noted 
that the <p vs. Vm  curves for the iodides at the freezing 
point,6 25, and 65° approach zero concentration from 
below the limiting law curve. This does not necessarily 
imply ion pairing but may be due to the smaller hydra
tion of the iodide ion.18

(17) H . S. F rank and A . L . R obin son , J . Chem. P hys., 8 , 933 (1940).
(18) 0 .  D . B onner, J . P h ys. Chem., 72, 2512 (1968).
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Diffraction Pattern and Structure of Aqueous Ammonium Halide Solutions1

by A. H . Narten

Chem istry D iv ision , Oak Ridge N ational Laboratory, Oak Ridge, Tennessee 37880  (Received A ugust 7, 1969)

The scattering of X-rays from aqueous ammonium chloride, bromide, and iodide solutions (NH4X • ~8H20) 
has been measured and analyzed at 25°. Radial distribution functions for the three solutions are compared 
with previously obtained results for ammonium fluoride solutions and for pu'e water at the same temperature. 
Intensity and radial distribution functions calculated for the proposed ice-I model for water (Samoilov; Danford 
and Levy) are in excellent agreement with those derived from the diffraction data. This model describes the 
influence of Cl- , Br- , and I - ions on water structure as deformation and expansion of the hydrogen-bonded 
network of water molecules, accompanied by an increase in the fraction of moiecules in cavity positions.

Introduction

For heteratomic liquids such as water the analysis of 
X-ray scattering data yields intensity and radial distri
bution functions which contain information about aver
age atomic and molecular configurations. This informa
tion cannot be deduced uniquely from the diffraction 
data. However, assumptions about the average ar
rangement of molecules with respect to each other may 
be made, and such a model of liquid structure can be 
tested against the observations.

A considerable amount of evidence2,3 supports the 
idea that the hydrogen bonds in liquid water form an 
extensive three-dimensional network, the detailed 
features of which are short-lived. Such a structure may 
arise in a variety of ways from units of nearly tetra
hedral symmetry. Most of the proposed models for 
water are either incompatible with observed X-ray 
scattering or insufficiently defined for adequate testing 4 
Only the ice-I model proposed by Samoilov6 and speci
fied in detail by Danford and Levy6 has been shown6,7 
to give agreement with both large and small angle X-ray 
scattering data. This model assumes that the hydro
gen-bonded network of water molecules is (on the aver
age, and over short distances from any origin molecule) 
closely related to a slightly expanded ice-I lattice.8 
The average structure of this network is very open, with 
spaces between the groups of molecules in tetrahedral 
coordination sufficiently large to accommodate addi
tional water molecules.

The ice-I model also describes quantitatively the 
radial distribution in aqueous solutions of nearly tetra
hedral molecules9,10 and ions.11,12 In particular, the 
idea that ammonium ions can replace water molecules 
without much change in the average molecular ar
rangement13 is strongly supported by X-ray diffraction 
studies.11 Thus, aqueous ammonium halide solutions 
may be considered, to a good approximation, as solu
tions of halide ions in water, and the effect of the am
monium salts on water structure may be regarded as 
arising primarily from the anions alone. Also, the 
distribution of electron density in H20 and NHL is not

sufficiently different for toe X-ray method to distinguish 
between the two species, and this leads to a significant 
simplification in the interpretation of the diffraction 
data.
Experimental Section

The scattering of monc chromatic Mo Ka X-rays from 
aqueous ammonium chloride, bromide, and iodide 
solutions (NH<X ■ ~8H20) has been measured at 25°. 
Preparation of the solutions, the diffractometer, the 
procedure for data collection, the various corrections 
applied to the raw data, and the final reduction of the 
data have been discussec in detail elsewhere.14,15 Both 
the raw data and the reduced intensity and radial dis
tribution functions derived from them are available in 
tabulated form.16 Only a short definition of terms will 
be given here.

Let 47rr2p„^(r) be a distribution function giving the 
probability that distinct, pairs of atoms of type a, fi

(1) R esearch  sponsored by  th e  U . S. A to m ic  E n ergy  C om m ission  
under con tract w ith  the  U nion  C arbide C orporation .
(2) J. L . K avan au , “ W ater  a n c S o lu te -W a te r  In tera ction s ,”  H o ld e n - 
D a y , In c ., San F rancisco, C alif., 1964.
(3) D . E isenberg and W . K au zm an n , “ T h e  S tructure  and P roperties 
o f  W a te r ,”  O xford  U n iversity  Press, N ew  Y ork , N . Y ., 1969.
(4) A . H . N arten  and H . A . L evy , Science, 165, 447 (1969).
(5) O . Y . S am oilov, Zh. F iz. Cairn., 20, 1411 (1946).
(6) M . D . D an ford  and H . A . L evy , J . A m er. Chem. Soc., 84, 3965 
(1962).
(7) A . H . N arten , M . D . D an ford , and H . A . L e v y , D iscussions F ara
day Soc., 4 3 ,9 7  (1967).
(8) S. W . P eterson and H . A . L e v y , A cta  Cryst., 10, 70 (1957).
(9) A . H . N arten , J . Chem . P hys., 49, 1692 (1968).
(10) C . F olzer and A . H . N arten , presented at th e  E ig h th  Interna
tional C ongress o f  C rystallograph y, S to n y  B rook , N . Y ., A u g  7 -2 4 , 
1969, and published in  the P roceedings.
(11) M . D . D an ford , “ D iffra ction  P attern  and Structure o f  A qu eou s  
A m m on iu m  F luoride S olu tion s,”  O R N L -4 2 4 4  (1968).
(12) A . H . N arten  and S. L indenbaum , J . Chem. P h ys ., 51, 1108 
(1969).
(13) K . F a jan s  and 0 .  Johnson, J . A m er. Chem. Soc., 64, 668 (1942).
(14) H . A . L evy , M . D . D a n ford , and A . H . N arten , “ D a ta  C ollec
tion  and E va luation  w ith  an X -R a y  D iffra ctom eter D esigned  fo r  the 
S tu dy  o f L iqu id  S tructure ,”  O R N L -3 96 0  (1966).
(15) A . H . N arten , “ X -R a y  D iffra ction  D a ta  on  A qu eou s A m m onium  
H alide  S olu tions at 2 5 ° ,”  O R N L -4 36 7  (1969).
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are to be found separated by a distance r. The func
tions pap(r) represent the average distribution of pairs 
both over time and over the volume of the sample. In 
these terms, the scattered intensity becomes4

m
i ( s ) = I ( s ) / n  -  E /< 2(s) =

4 =  1
m m  /»co

E  E / « ( s)/is(s) I 4 irr2[p^(r) -  p0] X
a  =  l  ¡ 3 = 1  J O

sin (sr)/sr dr (1)
in which a stoichiometric unit containing to atoms is 
visualized as representative of the whole sample, which 
contains n such units. The angular variable s is defined 
as (4t/X) sin 6, with X the X-ray wavelength and 26

m

the scattering angle. The term Yj //(« ) is the indepen-
i = 1

dent atomic scattering, and the reduced intensity 
i(s) is the structurally sensitive part of I{s)/n, the 
measured intensity normalized to one stoichiometric 
unit. The bulk number density of stoichiometric 
units (H20)x(NHé+)!/X !,_ is denoted by p0, x and y being 
mole fractions (x -\-2y = 1).

The atom pair distribution functions paffr) are not 
obtainable individually from a single diffraction experi
ment. I t  is nevertheless useful to construct a modified 
radial distribution function (RDF) by Fourier trans
formation, namely

D(r) =  E  E  = 4rrr2p0 +
a  =  l  ß  =  1

r* co

(:2r/ir) I sî'(s)M(s)sin(sr)ds (2) 
J o

with M(s) fo r  S ^  Smax, the maximum
values of s accessible in scattering experiments, and 
M(s) = 0  otherwise. Introduction of this modification 
function into (2) makes the product fa(s)fffs)M(s) 
nearly independent of s and, thus, removes from the 
resulting RDF the average breadth of the distribution 
of electron density in the atoms. The relationship 
between component X-ray pair distribution functions 
D„p(r) and iirr2 pa/3(r) is one of convolution.10

A convenient way to present radial distribution func
tions for liquids of different density po is to introduce 
a normalized RDF

G(r) =  D(r)/47rr2po (3)

which approaches unity for large values of r. The 
function G(r) should not be confused with the atom 
pair correlation function g(r) to which it would be equal 
only if fa(s)fffs)M(s) = 1, for all a, ¡3.
Results

Observed Diffraction Pattern. Radial distribution 
functions for the three ammonium halide solutions 
studied here are shown in Figure 1, together with the

Figure 1. X -R a y  distribution  functions fo r  aqueous am m onium  
halide solutions. R esolu tion  of near-neighbor interactions 
betw een  halide and w ater (W ) based on  ice  I  m od el o f  F igure 3.

curves for pure water17 and for two ammonium fluoride 
solutions11 studied previously. The curves for the 
ammonium fluoride solutions are very similar to the 
RDF of pure water, and the significance of small dif
ferences has been discussed elsewhere.11 Throughout 
the following discussion, the term water (W) will be 
used to describe interactions involving the oxygen atoms 
of water molecules and/or the nitrogen atoms of am
monium ions (indistinguishable in this treatment).

The maximum at 2.85 A in the RDF of pure water 
(Figure 1) corresponds to ~4.4 interactions between 
oxygen atoms.7 A corresponding water-water inter
action is visible as a shoulder in the chloride and bromide 
solutions, and as a partially resolved maximum at 2.91 
A in the ammonium iodide solution. The halide-water 
interaction occurs at 3.2 A for the chloride, 3.3 Â for the 
bromide, and 3.6 A for the iodide solution. A distinct 
shoulder on the short-distance side of the water-water 
peak in the N II J solution (less pronounced in the 
NH4Br solution, and not resolved in NH4C1) must be as
cribed to interactions between hydrogen atoms and

(16) J. W aser and V . Schom aker, Rev. M od . P h ys., 25 , 671 (1953).
(17) A . H . N arten , M . D . D an ford , and H . A . L e v y , “ X -R a y  D if
fraction  D a ta  on  L iqu id  W ater  in  the T em peratu re  R an ge  4 -2 0 0 °C ,”  
O R N L -3 9 9 7  (1966 ).
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halide ions. Since these interactions contribute to the 
RDF in proportion to the product / H/x - of the X-ray 
form factors of hydrogen and halide, that is propor
tional to 54:36:18:10 from iodide to fluoride, one would 
not expect their resolution for the chloride and fluoride 
solutions. In the iodide solution, this shoulder is most 
pronounced and occurs around 2.6 A; since this distance 
is very nearly equal to the difference between W- • I -  
(3.6 A) and the intramolecular W-H (~1 A) 
distance, the conclusion is that some water molecules 
(ammonium ions) have average orientations such that 
one W-H ■ • ■ 1“  angle is close to 180°. Although there 
is no reasonable doubt about the preceding interpreta
tion of the RDF features below ~4 A, quantitative 
resolution of these peaks and shoulders is quite un
certain without additional assumptions.

Proposed Model. In water and in the ammonium 
fluoride solutions, each water molecule (or ion) has an 
average o f^ IA  first neighbors, indicating predomi
nantly tetrahedral coordination. Further evidence for 
tetrahedral coordination comes from the sequence of 
positions of maxima and minima in the RDF (Figure 1): 
there is a high concentration of neighbors centered 
around an average distance n = r0(8/3)1/s, with r0 
the first neighbor water-water peak, for all curves in 
Figure 1. Furthermore, the broad minima and maxima 
around 5.5 A and 7 A roughly coincide with distances of 
low and high atom pair concentrations expected for a 
slightly expanded ice-I lattice. I t  has already been 
mentioned that the proposed ice-I model6,6 describes 
the radial distribution in water7 and the ammonium 
fluoride solutions11 quantitatively. Intensity and ra
dial distribution functions calculated for this model 
are also in excellent agreement with the X-ray data for

Figure 2. R ed u ced  in ten sity  functions for aqueous am m onium  
halide solutions. C a lcu lated  curves fo r  ic e -I  m od el o f F igure 3.

the ammonium chloride, bromide, and iodide solutions 
(Figures 1 and 2).

This model describes the average short-range order 
in liquid water in terms of a slightly expanded ice-I- 
like network of hydroge i-bonded water molecules, each 
network molecule being tetrahedrally surrounded by 
four others. Three of these network neighbors occur 
at an average distance Pi, and the fourth at an average 
distance P2 (in the solid Pi ~  P2). The structure of 
this network is very open, with spaces between the 
groups of molecules in tetrahedral coordination suffi
ciently large to accommodate additional water mole
cules at a distance P3 from the nearest network molecule 
(these cavities are not occupied in solid ice-I). In pure 
water,7 about half the cavities are occupied by “ inter
stitial”  molecules which interact with the network by 
less directional but by no means negligible forces. The 
complexity of the first coordination shell is explained by 
the model in terms of the distinctly different average 
environments of networ c and cavity molecules. How
ever, both of these “ species”  exist in environments 
which are distorted from the average, and these dis
tortions are implied by sizeable root-mean-square 
(rms) variations in interatomic distance.

The parameters of the ice-I model for the ammonium 
fluoride solutions11 are very similar to those of pure 
water at the same temperature, and Danford11 con
cluded that the nearly tetrahedral NH4+ and F~ ions

Figure 3. A verage arrangem ent o f  w ater m olecules and 
am m onium  ions around a halide ion  (ice -I  m od e l). E ach  
halide ion  has six neighbors at a distance Pz, poin t sym m etry  
Dsh. E ach  w ater m olecule (am m onium  ion ) has three w ater 
(am m onium ) neighbors at a distance Pi, o f  w hich  on ly  tw o are 
show n, and one neighbor at a distance P i  (T a b le  I ) . T h e  six 
w ater m olecules (am m onium  ions) are orien ted  such that one 
h ydrogen  atom  points tow ard the halide ion . Large 
instantaneous distortions frcm  this average configuration 
occu r in  the solutions.
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can replace a water molecule in either a network or 
cavity position. The same assumption was therefore 
made for the ammonium ions in the chloride, bromide, 
and iodide solutions. In contrast, the large and spheri
cally symmetric chloride, bromide, and iodide ions were 
assumed to occupy cavity position only. Some rel
evant parameters of the model for water and the am
monium halide solutions are summarized in Table I. 
While the Pi distance between network molecules 
(Figure 3) remains nearly constant, the P2 distance in
creases drastically from water and the ammonium 
fluoride solutions to the chloride, bromide, and iodide 
solutions. The rms variation in the P2 interaction 
shows a corresponding increase, indicating that there is 
a wide distribution of instantaneous P2 distances about 
the mean value. This may be taken as an indication 
that the hydrogen-bonded network is severely distorted 
from the average, so that the cavities occupied by chlo
ride, bromide, and iodide ions are much larger than those 
containing a water molecule.

While in water and in the ammonium fluoride solu
tions only about half of the cavities are occupied, this 
fraction increases with the size of the halide ion until all 
cavities are occupied by water molecules or ions in the 
case of the iodide solution (Table I) . At the same time, 
the interactions between cavity water molecules and 
the network, as well as between cavity water molecules 
and the chloride, bromide, or iodide ions, become so 
diffuse that they give rise to uniform distributions of 
average distances.
Conclusions

The effect of chloride, bromide, and iodide ions on the 
structure of liquid water at 25°, insofar as it can be 
deduced from the RDF directly, thus seems to be two
fold: the average distance between near-neighbor 
water molecules increases from 2.85 A in pure water to 
2.91 A in NH4I, indicating weaker hydrogen bonding in 
the solutions. At the same time, the average number 
of nearest (water-water) neighbors decreases signifi
cantly, and this may be taken as an indication that not 
only the average strength but also the average number 
of hydrogen bonds per water molecule is smaller in the 
chloride, bromide, and iodide solutions than in pure 
water and in the ammonium fluoride solutions.

In terms of the ice-I model, the influence of halide 
ions on water structure can be summarized as follows. 
In order to accommodate the relatively large chloride, 
bromide, and iodide ions, the hydrogen-bonded net
work of water molecules expands anisotropically; in 
this way, each water molecule in the network retains 
three nearest water neighbors within hydrogen-bond 
distance, while the bond corresponding to the P2 dis
tance is broken (Figure 3). At the same time, the frac
tion of water molecules in cavity positions increases 
significantly from chloride to iodide; i.e., the degree to 
randomness of the system increases.
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The Crystal Structure of 1 -Phenyl-3-(2-thiazolin-2-yl)-2-thiourea

by J. L. Flippen and I. L. Karle

Laboratory for the Structure of Matter, U.S. Naval Research Laboratory, Washington, D C. 20390 
(Received September 18, 1969)

l-Phenyl-3-(2-thiazolin-2-yl)-2-thiourea is one of several new N-substitutec. thioureas being investigated for potential antiradiation drug properties. The thiazolinyloring is nearly coplanar with the thiourea group and 
results in an intramolecular S • • - S distance of only ~3.0 A. The phenyl group is rotated about 45° out of the 
plane of the thiourea group. The eight molecules in the unit cell are linked into infinite sheets by S • • -HN and N • • HN hydrogen bonds, although the hydrogen bonding scheme is quite different for the two independent 
molecules in the asymmetric unit. The molecules crystallize in space group P2i/c with a = 8.48 A, b = 17.24 A, 
c = 17.60 A, and (3 = 120.5°. The structure was solved by using the symbolic addition procedure for phase 
determination.

Introduction

Potentially useful antiradiation drugs have been 
synthesized1 from the reactions between

and

The elucidation of the structural formula as well as the 
crystal structure of one of these materials

obtained by using an excess of

has been reported.2
The present investigation concerns a different product 

whose structural formula was presumed to be either

0 k-nhJ - n= < ^
s H .

c — N H — ^

(A) ’ (B)

The crystal structure analysis proved formula B to be 
correct and established the geometry of the molecule. 
A paper describing the preparation and chemistry of 
this material has been published.3

Two independent molecules crystallize in an asym
metric unit of the unit cell. The packing arrangement, 
hydrogen bonding between C=S and HN—, and the

intramolecular attraction between S atoms will be 
discussed.
Experimental Section

The crystals were supplied by Dr. D. L. Klayman of 
the Walter Reed Army Medical Center, Washington,
D. C. Pertinent physical constants are listed in Table 
I. Intensity data were collected along the (001) axis 
using multiple-film eqdinclination Weissenberg photo
graphs. The intensities were estimated visually by 
comparison with a calibrated film strip and were cor
rected for spot size and Lorentz and polarization fac
tors. For reflections with l < 5, the data were cor
rected approximately for the crystal shape using the 
empirical expression 1 +  w(2</> — 10°) where w = —0.10 
and <t> is the angular coordinate of the reciprocal lattice 
points as expressed in conventional polar coordinates.

T ab le  I : P hysica l C onstants

M olecu lar form ula C hH hN .8 ,
M olecu lar w eight 2 2 7 .4
M eltin g  poin t 130°
C olor yellow
H ab it irregular prism s
C rystal size ~ 0 . 7 0  X  0 .6 1  X  0 .3 6  m m
Space group P V c
a 8 .4 8  ±  0 .0 2  A
b 1 7 .2 4  ±  0 .0 3  A
c 1 7 .6 0  ±  0 .0 3  A
13 1 2 0 .5  ±  0 .5 °
V olu m e 2217 .1  A 3
Z 8 m olecules
f  X -ra y 1 .4 8 0  g /c m 3
R adiation C u  K «  (1.5418 A )
N o . independent reflections 2508

(1) D . L. K laym an and G. W . A. Milne, Tetrahedron, 25, 191 (1969).
(2) J. Karle, J. Flippen, and I. L. Karle, Z. Kristallogr., 73, 52 (1967).
(3) D . L. Klaym an, J. J. M aul, and G. W . A. Milne, J. Heterocycl.
Chem., 5, 517 (1968).

S
I I  / — V ,

- N —  C — N v  . SY
N H
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770 J. L. Flippen and I. L. K arle

Structure factor magnitudes | F~a | which had been 
corrected for vibrational motion and placed on an 
absolute scale by means of a K curve4 were used to 
obtain normalized structure factor magnitudes | E% |.

Phases for 1-phenyl-3-(2-thiazolin-2-yl)-2-thiourea 
were determined by means of the symbolic addition 
procedure.5 6 The S2 relationship

sE-h ~  sE ^ X - 7  (1)
~k

(where s means “ sign of” ), which is contained in in
equality (34) in the complete set of inequalities derived 
from the nonnegativity principle,7 and the associated 
probability expression

V3 EfiY^EyEy, _■ £
P + { E t )  =  V *  +  V *  t a n h --------------- % ------------  (2 )

v 2

n
w h e r e  cr„ — X ^ / , 8’ 9 w e r e  u s e d  t o  o b t a in  t h e  p h a s e s .

3 =  1

The origin was specified by assigning positive signs to 
three linearly independent reflections having large 
| E | magnitudes. The S2 relationship was imple
mented by the use of the origin determining reflections 
and five other structure factors of large \E\ magnitude 
whose signs were specified by the symbols a, b, c, d, and 
e. This set is shown in Table II. Approximately 65 
phases with \E \ > 1.5 were determined in terms of the 
starting signs and symbols with P+(E%) > 0.96. 
Among the S2 combinations there were several relations 
among the symbols indicating that b should be negative 
and that c and d should be positive. These indications 
along with relationships such as bd = e, ab = — and 
abc = e led to the assignment a = c = d = +  and b = 
e = —. On the basis of this set of phases, phases for 
610 additional reflections with | E | > 1.0 were obtained 
with the use of a computer program which continues 
the application of the 22 relationship. The E map 
computed with these 674 terms revealed the positions 
of the 30 atoms in the two independent molecules as 
shown in Figure 1. There were no extraneous peaks 
with weights equal to or greater than those for the 
30 atoms.

The coordinates and thermal factors were refined 
using a full matrix three-dimensional least-squares

T a b le  I I :  Set o f R eflections U sed to  Im p lem en t the S2 R elation

Phase h k l W

+ 5 4 3 3 .01)
+
+

4
9

2
5

7
5

2 .8 3
2.93J

origin
specification

a 5 6 3 2 .7 7
b 6 0 6 2 .6 5
c 8 3 5 2 .5 4
d 5 3 3 2 .4 8
e 6 11 0 2 .8 8

Figure 1. In itia l E  m ap obta in ed  from  674 reflections w ith  
|.E| >  1.0. C ontours are equally  spaced  on  an arbitrary scale. 
E v ery  oth er contour has been  om itted  for  the S atom s.

Figure 2. A n  electron -den sity  m ap com pu ted  from  the final 
param eters. C ontours for the sulfur atom s are a t intervals o f 
4e. A “ 3, starting w ith  the 4e. A ~ 3 contour. F or  the oth er 
atom s the contours are at intervals o f 2 e .A -3 , starting w ith  the 
2e. A -3 level.

program10 using all 2508 independent data. Not all 
parameters could be varied simultaneously owing to a 
limitation in the capacity of the computer; hence dif
ferent parameters were kept constant in each cycle of 
refinement. Unobserved reflections were weighted by
(4) J. Karle and H . Hauptman, Acfa Crystaliogr., 6, 473 (1953).
(5) I. L. Karle and J. Karle, ibid., 16, 969 (1963).
(6) J. Karle and I. L. Karle, ibid., 21 ,849 (1966).
(7) J. Karle and H . Hauptman, ibid., 3 ,181  (1950).
(8) M . M . W oolfson, ibid., 7, 61 (1954).
(9) H . Hauptman and J. Karle, “ Solution of the Phase Problem . I. 
The Centrosymmetric Crystal,”  A .C .A . M onograph N o. 3, P oly
crystal B ook Service, Pittsburgh, Pa., 1953.
(10) W . R . Busing, K . O. Martin, and H. A . Levy, “ orfls , A  F ortran  
Crystallographic Least-Squares Program,”  U. S. A tom ic Energy 
Commission R eport O R N L-TM -306, 1962.
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lA ) unit weights were used for F0’s up to 15.0 and all 
F0’s greater than 15.0 were weighted 15.0/|Fo|. After 
anisotropic refinement, the R factor was 9.8%.

Even though the value of the agreement factor R 
was quite reasonable for visually estimated data, the 
difference map did not reveal the H atom positions. 
Since the H atoms were not included in the refinement

T ab le  I I I :  Fractional C oord inates and 
Iso trop ic  Therm al Param eters

Atom * y Z B, Â£

M olecu le  I
S ( l ) 0 .2 0 5 8 0 .4 61 7 0 .4 37 5 2 .2
S (2 ) - 0 .1 1 6 8 0 .3 78 6 0 .4291 3 .2
N ( l ) - 0 .0 1 3 8 0 .3391 0 .5 87 7 2 .5
N (2 ) 0 .2 24 9 0 .3 91 2 0 .5 80 3 1 .8
N (3 ) 0 .4 9 0 6 0 .4 33 8 0 .5913 2 .4
C ( l ) 0 .3 0 2 3 0 .4 2 6 5 0 .5384 1 .8
C (2 ) 0 .0 47 3 0 .3 7 0 4 0 .5 39 4 1 .7
C (3 ) - 0 .2 8 1 6 0 .3 28 4 0 .4 48 6 6 .4
C (4 ) - 0 .2 0 6 0 0 .3 1 5 0 0 .5426 3 .5
C (5 ) 0 .6 0 4 4 0 .3 94 6 0 .6 71 3 2 .2
C (6 ) 0 .5811 0 .3161 0 .6 80 5 2 .6
C (7 ) 0 .7 0 4 7 0 .2 78 2 0 .7591 3 .3
C (8 ) 0 .8 6 1 7 0 .3 1 6 2 0 .8 2 6 0 4 .3
C (9 ) 0 .8 85 2 0 .3 9 4 5 0 .8 13 4 4 .0
C (1 0 ) 0 .7591 0 .4 3 3 8 0 .7 35 5 2 .9

M olecu le  II
S (3 ) 0 .3 6 3 6 0 .2 1 0 0 0 .4 63 6 3 .5
S (4 ) 0 .4771 0 .0 6 3 4 0 .4231 4 .2
N (4 ) 0 .3 50 6 0 .0 6 0 0 0 .2563 2 .9
N (5 ) 0 .2 83 2 0 .1 74 6 0 .2 95 9 2 .3
N (6 ) 0 .2 19 8 0 .2981 0 .3 2 8 0 2 .5
C ( l l ) 0 .2 88 2 0 .2 2 3 8 0 .3585 1 .9
C (12) 0 .3 59 9 0 .1 0 5 0 0 .3 2 0 0 2 .0
C (13) 0 .5 52 8 - 0 .0 1 7 1 0 .3 8 1 0 5 .4
C (14) 0 .4 2 6 5 - 0 .0 1 8 5 0 .2 8 0 8 3 .7
C (1 5 ) 0 .1 49 5 0 .3 25 0 0 .2 41 0 2 .0
C (16) 0 .2 24 5 0 .3 12 9 0 .1 88 7 3 .2
C (1 7 ) 0 .1 4 9 6 0 .3 4 2 6 0 .1 04 6 4 .1
C (18) - 0 .0 1 3 6 0 .3 90 7 0 .0 70 8 4 .6
C (19) - 0 .0 7 8 8 0 .4 0 5 5 0 .1 2 6 7 4 .4
C (20) - 0 .0 0 7 4 0 .3 73 7 0 .2102 3 .5

Standard deviations“
S 3 2 3
N 10 4 7
C 14 6 11

“ T h e  standard deviations are m ultiplied b y  104.

and because the intensity data were collected on one
axis only and since the shape of the crystal used for 
obtaining the diffraction data was quite irregular, the 
anisotropic thermal parameters are probably not partic
ularly meaningful. Only isotropic thermal parameters 
are listed with the atomic coordinates in Table III. 
An electron density map computed from the final 
parameters is illustrated in Figure 2.

Discussion
The primary objective of this investigation was to 

establish the structural ?ormula which has been shown 
to be the disubstituted thiourea

The configurations of the two independent molecules, 
I and II, in the asymmetric unit are shown in the ste
reo diagram in Figure 3. Both stereo drawings in this 
paper were drawn by a computer-driven Calcomp plot
ter using the o r t e p  program.11 The thiazolinyl 
ring is syn to the C=S bond with the two S atoms near 
each other while the phenyl group is anti to the C=S 
bond. The thiourea groups are planar to within ±  
0.006 A and the pheny. groups are planar to within 
± 0.028 A. In the five-membered rings in both mole
cules, four atoms are coplanar to within 0.02 A while 
C(3) in molecule I  and C(13) in molecule I I  are 0.11 A 
and 0.37 A, respectively, out of the plane formed by 
the other four atoms in each ring. The N atoms con
nected to these rings are within 0.05 A of the planes of 
the rings. The dihedral angle between the plane of the 
thiourea group and the four coplanar atoms in the 
thiazolinyl ring is 10° in molecule I and 5.5° in mole
cule II. On the other hand, the dihedral angle between 
the thiourea group and the phenyl ring is 49° in mole
cule I  and 41° in molecu e II. In other words, in each 
molecule, the five-membered ring is nearly coplanar 
with the thiourea group while the phenyl ring is twisted 
considerably about the N(3)-C(5) or N(6)-C(15) bond. 
The values of the bond lengths reflect this difference of 
configuration between the thiourea group and the two 
rings to which it is bonded. The C-N bond lengths to 
the phenyl rings are 1.41 A while the C-N bonds to 
the five-membered rings are only ~1.34 A, Figure 4, in
dicating a strong interaction between the external

Figure 3. Stereodiagram  o f he tw o m olecules in an 
asym m etric u n it o f l-ph en yl-3 -(2 -th iazolin -2 -y l)-2 -th iou rea .
T h e  atom s are represented b y  spheres o f arbitrary size w hich  
are unrelated to  the actual therm al param eters.

(11) C . K . Johnson, “ ortep , A  fortran  T h erm al-ellipsoid  P lot 
P rogram  for  C rystal S tructure Illu stration s,”  U . S. A tom ic  E nergy 
C om m ission  R e p o rt  O R N L -3 79 4 , 1965.
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C—N bonds and internal C—N bonds in the thiazolinyl 
ring. I t  is not possible to distinguish between the two 
forms illustrated in formula B due to the similar values 
for the C-N bond lengths involved.

Bond lengths and angles are listed in Table IV  and 
shown in Figure 4. Standard deviations based only 
on the least-squares agreement range from 0.016 A 
for the C=S bonds to 0.03 A for C-C bonds. Standard 
deviations for the angles are less than 1°. The values 
are quite similar for the two molecules except for C(3)- 
C(4) where the bond length is quite short for a single 
bond. Atom C(3) had a large thermal parameter,

o
B = 6.4 A2, compared to the remainder of the atoms. 
Most likely there is some disorder in this ring. Since 
it is atom C(3) which is displaced from the plane of the 
other four atoms in the thiazolinyl ring, it may possibly 
occur on either side of the plane and its average dis
placement (only 0.1 A from the plane as compared to 
0.4-0.5 A usually found in other kinds of five-membered 
rings) may account for the short C-C value. The 
difference map was not sufficiently clear to show this 
point.

The two C-S distances in the thiazolinyl ring are 
unequal, 1.73 A and 1.82-4 A, in good agreement with 
those found in other molecules with similar groups, as 
for example2

In the thiourea moiety, the C=S distance is 1.65 A, the

T ab le  I V : B on d  Lengths and Angles

Length, Angle,
A deg

M olecu le  I

S ( l ) - C ( l ) 1 .6 5 C (2 )-S (2 ) -C (3 ) 9 0 .2
S (2 ) -C (2 ) 1 .73 C ( 2 ) - N ( l ) - C ( 4 ) 117 .3
S (2 ) -C (3 ) 1 .82 C ( l ) - N ( 2 ) - C ( 2 ) 123 .1
N ( l ) - C ( 2 ) 1 .3 2 C ( l ) - N ( 3 ) - C ( 5 ) 126 .7
N ( l ) - C ( 4 ) 1 .4 6 S ( l ) - C ( l ) - N ( 2 ) 1 2 9 .8
N ( 2 ) - C ( l ) 1 .3 6 S ( l ) - C ( l ) - N ( 3 ) 117 .6
N (2 )-C (2 ) 1 .3 5 N ( 2 ) - C ( l ) - N ( 3 ) 1 1 2 .6
N ( 3 ) - C ( l ) 1 .3 8 S ( 2 ) - C ( 2 ) - N ( l ) 1 1 4 .0
N (3 ) -C (5 ) 1 .4 2 S (2 ) -C (2 ) -N (2 ) 1 2 8 .5
C (3 )-C (4 ) 1 .4 6 N (1 ) -C (2 ) -N (2 ) 1 1 7 .6
C (5 )-C (6 ) 1 .3 9 S (2 ) -C (3 ) -C (4 ) 1 1 0 .7
C (5 )-C (1 0 ) 1 .4 0 N ( l ) - C ( 4 ) - C ( 3 ) 1 0 7 .3
C (6 )-C (7 ) 1 .4 0 N (3 ) -C (5 ) -C (6 ) 1 2 1 .2
C (7 )-C (8 ) 1.41 N (3 ) -C (5 ) -C (1 0 ) 1 1 7 .5
C (8 )-C (9 ) 1 .4 0 C (6 )-C (5 ) -C (1 0 ) 1 2 0 .5
C (9 )-C (1 0 ) 1 .4 2 C (5 ) -C (6 ) -C (7 ) 119 .3

C (6 ) -C (7 ) -C (8 ) 1 2 1 .6
C (7 ) -C (8 ) -C (9 ) 1 1 7 .6
C (8 )-C (9 ) -C (1 0 ) 1 2 1 .3
C (5 )-C (1 0 ) -C (9 ) 1 1 9 .4

M olecu le  I I
S ( 3 ) - C ( l l ) 1 .6 4 C (1 2 )-S (4 ) -C (1 3 ) 9 1 .1
S (4 )-C (1 2 ) 1 .7 3 C (1 2 ) -N (4 ) -C (1 4 ) 1 1 7 .2
S (4 )-C (1 3 ) 1 .8 4 C ( l l ) - N ( 5 ) - C ( 1 2 ) 1 1 9 .2
N (4 )-C (1 2 ) 1 .3 3 C ( l l ) - N ( 6 ) - C ( 1 5 ) 1 2 5 .7
N (4 )-C (1 4 ) 1 .4 7 S ( 3 ) - C ( l l ) - N ( 5 ) 1 3 0 .8
N ( 5 ) - C ( l l ) 1 .3 8 S ( 3 ) - C ( 'l l ) - N (6 ) 1 1 4 .6
N (5 )-C (1 2 ) 1 .3 3 N ( 5 ) - C ( l l ) - N ( 6 ) 1 1 4 .6
N  (6 )—C (1 1) 1 .4 0 S (4 ) -C (1 2 ) -N (4 ) 113 .9
N (6 )-C (1 5 ) 1 .41 S (4 ) -C (1 2 ) -N (5 ) 129 .7
C (I3 )-C (1 4 ) 1 .5 4 N (4 )-C (1 2 )-N (5 ) 116 .4
C (1 5 )-C (1 6 ) 1 .3 8 S (4 )-C (1 3 ) -C (1 4 ) 1 0 7 .2
C (1 5 )-C (2 0 ) 1 .4 3 N  (4 ) -C (1 4 )-C (1 3 ) 1 0 5 .7
C (1 6 )-C (1 7 ) 1 .3 8 N (6 ) -C ( I 5 ) -C (1 6 ) 1 2 6 .5
C (1 7 )-C (1 8 ) 1 .4 6 N (6 )-C (1 5 ) -C (2 0 ) 1 1 3 .8
C (1 8 )-C (1 9 ) 1 .3 8 C (1 6 )-C (1 5 )-C (2 0 ) 1 1 9 .5
C (1 9 )-C (2 0 ) 1 .3 9 C (1 5 ) -C (1 6 ) -C a 7 ) 123 .1

C (1 6 )-C (1 7 )-C (1 8 ) 1 1 8 .4
C (1 7 )-C (1 8 )-C (1 9 ) 117 .1
C (1 8 )-C (1 9 )-C (2 0 ) 1 2 4 .7
C (1 5 )-C (2 0 )-C (1 9 ) 1 1 7 .2

same value as in the aforementioned molecule, but 
considerably shorter than in unsubstituted thiourea 
where it is 1.72 A.12

One of the striking features of the phenyl-thiazolinyl 
thiourea molecule is the intramolecular distance S(l) ■ ■ • 
S(2) or S(3) • • -S(4), which is only 3.0 and 2.9 A, respec
tively. Using the currently accepted van der Waals 
radius for S of 1.85 A,13 a S - • -S separation would be 
expected to be of the order of 3.7 A. Even though the 
SCN angles are quite large, the near coplanarity of the 
thiourea and thiazolinyl groups brings the two S atoms
(12) M . R . T ru ter, A cta  Crystallogr., 22, 556 (1967).
(13) L . P auling, “ T h e  N atu re o f the  C hem ical B o n d ,”  C ornell U ni
versity  Press, Ithaca , N . Y . ,  1960, p  260.
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Figure 6. S tereodiagram  o f the pack in g and h ydrogen  bond ing 
draw n look in g dow n  th e a axis w ith  the c axis horizontal and 
the 6 axis vertica l.

that found in other molecules. The S---HN bond
o  olengths are 3.39 A and 3.45 A. Values in the literature 

for S • • • HN bonds vary from 3.24 A to 3.50 A.16
The configuration abcut C=S with respect to the 

directions of the hydrogen bonds has been found to vary 
in different crystals. For example, the moiety is planar

in allylthiourea16 while it is pyramidal in trimethylene 
thiourea.17 In phenyl thiazolinyl thiourea, the S(l) 
atom is surrounded by the bond to C(l), the hydrogen 
bonds to N(3), and N(6), and the near approach to 
S(2), making a roughly t itrahedral array.

HN3
c i = s i

i ''HN6 
S2

The angles about S(l) are C (l)- • -S (l)-- -N(3) 111.0°; 
and N(3)• • -S (l)• • -N(6>, 96.0°; C (l)■ • -S (l)• • -N(6) 
99.5°; and N(3) ■ • -S(l) • • -S(2), 169.3°; C (l) - - -S(l) 
• • -S(2) 79.6°; and N(6) • • -S(l) ■ • -S(2), 82.7°

The analogous C (ll) = S(3) group in molecule I I  
does not participate in hydrogen bonding. I t  is also 
interesting to note that N(5)-H (or alternatively 
N(3)-H) does not participate in any hydrogen bonding.

The nearest approaches between atoms in different 
molecules, other than those atoms involved in hydrogen 
bonding, are listed in Table V. I t  is noteworthy that 
the S(4) ■ • -S(4) distance across a center of symmetry, 
is only 3.35 A.

in proximity to each other. A somewhat similar situa
tion occurs in N-phenyl-N'-benzoylselenourea,14 a 
molecule which has a general conformation very similar 
to that in the present study, where an intramolecular 
Se- • • C distance of 3.3 A occurs, analogous to the short 
S • • • S separation found in this investigation.

An extensive system of hydrogen bonds links together 
all eight molecules in the unit cell and forms continuous 
sheets perpendicular to the a direction, Figures 5 and 6. 
There are three independent hydrogen bonds. In 
molecule I  there are two C=S(1) • • -HN(3) bonds 
across a center of symmetry to form dimeric units. 
Molecule I  is linked to molecule I I  by a hydrogen bond 
between S(l) and N(6) and, in turn, molecule I I  is 
linked to a symmetry related molecule I by the N(4) • • • 
HN(2) bond (or alternatively an N(4) H- • -N(2) bond). 
The NH- • -N bond length is 2.85 A, a value similar to

T a b le  V : Interm olecular D istances <  3.5 Â

Atom (1) Atom (2) Symmetry (2) Distance

N ( l ) N (4 ) X 7 »  -  y V i + * 3 .4 8
N  (X) N (5 ) X XA  -  y 7 2  +  2 3 .2 4
N ( l ) C (1 7 ) X Va -  y 72  +  « 3 .3 8
N ( l ) 0 (1 6 ) X 72  - y  72 +  2 3 .2 4
C (5 ) N (4 ) X 72  — y 7 *  +  2 3 .2 8
0 (1 1 ) 0 (8 ) X 7  2 — y 7 «  + z 3 .4 3
0 (1 3 ) 0 (1 7 ) % 72  +  2/ 72  — 2 3 .4 1
8 (4 ) 8 (4 ) £ y  « 3 .3 5

(14) H . Hope, Acta Crystallogr., 18, 259 (1965).
(15) W . C. Hamilton and J. A. Ibers, “ Hydrogen Bonding in Solids,”  
W . A. Benjamin, New Y ork, N. Y ., 1968, p 168.
(16) K . S. Dragonette and I. L. Karle, Acta Crystallogr., 19,978 (1966).
(17) H . W . Dias and M . R . Truter, ibid., 17, 937 (1964).
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Charge Transfer to Molecules on the Surface of Irradiated Porous Glass1

by P. K. Wong and A. 0. Allen
Chem istry Departm ent, Brookhaven N ational Laboratory, U pton, N ew  Y ork  11973  (Received August 14-, 1969)

Tetraeyanoethylene (TONE) adsorbed on porous Vycor glass forms under y rays at room temperature its 
radical anion TONE- with a yield G = 6.5 ions per 100 eV absorbed in the glass, independent of the surface 
concentration of TONE. When the glass is first irradiated alone and the TONE then added, the anion still 
forms with a yield G = 4.2. Presence of TONE during irradiation prevents formation of the sharp trapped- 
electron spin resonance (esr) signal characteristic of irradiated glass, but when TONE is added to irradiated 
glass, the trapped-electron signal is not affected, although the signal characteristic of TONE- appears with an 
intensity around 5 times that of the trapped electron signal. Thus the electron-donating centers formed on the 
glass surface are not the trapped electrons seen by esr. Tetra-N-methyl-phenylenediamine (TMPD), tri- 
phenylamine, and perylene adsorbed on the glass form under y rays radical cations stable at room temperature. 
Methylaniline, diethylaniline, and triphenylphosphine yield cations, and acetone, butanone, and acetophenone 
yield anions when irradiated on the glass at 77°K, but these ions disappear when warmed to room temperature.

The radiation chemistry of surfaces has now been 
the subject of many publications. The studies in
volve irradiation of a molecular substance, usually 
organic, adsorbed on a mineral oxide or halide. The 
results appear to fall into two classes, depending on 
whether (a) energy transfer or (b) charge transfer 
from the mineral to the adsorbed molecules is involved. 
In the first case, the molecules acquire activation 
energy from the solid during irradiation which causes 
their decomposition; the yield of the reaction increases 
gradually with concentration of molecules on the sur
face, leveling off only after a complete monolayer is 
formed, and very little reaction occurs if the solid 
is irradiated first and the substrate added subsequently. 
Examples include the radiolysis in the adsorbed state 
of aliphatic hydrocarbons,2 azoethane,3 and ethanol.4 
In the second case, molecules are chosen which are 
good electron acceptors or donors, and the reaction 
products result from a one-electron reduction or oxida
tion. Here it is generally found that the radiolytic 
yield remains constant down to very low surface con
centrations of the substrate, and considerable yield 
is in some cases obtained if the sc lid is irradiated first 
and the substrate then added. Among the examples 
are the production of radical anions or cations from 
benzene, naphthalene, biphenyl, galvinoxyl,6 and oxy
gen,6 and dealkylation of isopropylbenzene.7 Some
times the reaction follows different courses if the 
substrate is present during irradiation or is added 
later; thus C02 gives the radical C02~ if present during 
irradiation but yields the radical O2“  if added after 
the irradiation.8 It thus appears that the surface of 
silica or similar solids is activated by radiation to a 
state which can transfer electric charge to a passing 
molecule if the molecule happens to be readily liable 
to one-electron oxidation or reduction, but cannot 
generally activate other molecules. During irradia

tion, however, these active charge-donating centers 
must frequently be neutralized by further migrating 
charges continually forming in the material, and the 
energy of neutralization thus released can activate 
an adsorbed hydrocarbon or other molecule in the im
mediate neighborhood and bring about its decomposi
tion.

The present work is a study of transfer of both 
positive and negative charge from irradiated porous 
Vycor glass. This material was chosen in part be
cause it is known to yield, under irradiation, centers 
which react with added hydrogen and other substances,9 
but mainly because its transparency allows accurate 
quantitative determination of reaction products by 
optical absorption spectrophotometry.
Experimental Section

M aterials. N, N, N ' ,N AT etramethyl-p-phenylenedi-
amine (TMPD) was purified as described previously.10 
Triphenylamine (TPA) from Baker Chemical was 
purified by crystallization in methanol and sublimation.

(1) Research performed under the auspices of the U. S. Atom ic 
Energy Commission.
(2) (a) J. M . Caffrey and A. 0 .  Allen, J . P hys. Chem., 62, 33 (1958); 
(b) J. W . Sutherland and A. O. Allen, J. •Amer. Chem. Soc., 83, 1040 
(1961); (c) N. H . Sagert and D . J. Dyne, Can. J . Chem., 45, 615 
(1967).
(3) J. G. Rabe, B . Rabe, and A . O. Allen, J. P h ys . Chem., 70, 1098 
(1966).
(4) L. Abrams and A. 0 .  Allen, ibid., 73, 2741 (1969).
(5) (a) P. K . W ong and J. E. Willard, ibid., 72 , 2623 (1968); (b) 
O. Edlund, P.-O. Kinell, A. Lund, and A. Shimizu, ./. Chem. P h ys,, 
46 ,3679  (1967).
(6) P. H. Kasai, ibid., 43, 3322 (1965).
(7) (a) E. A . R o jo  and R . R . Hentz, J . P h ys . Chem., 70, 2919 
(1966); (b) R . R . Hentz and D . K . Wickenden, ibid., 73, 817 (1969).
(8) P. K . W ong and J. E. Willard, ibid., 73, 2226 (1969).
(9) G. M . M uha and D . J. C. Yates, ibid., 70, 1399 (1966).
(10) C. Capellos and A . O. Allen, ibid., 72, 4265 (1968).
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Perylene from K and K Laboratories was sublimed 
twice. N-Methylaniline and N,N'-diethylaniline from 
Eastman Chemicals were vacuum distilled. Tri- 
phenylphosphine (TPP) from Mallinckrodt, acetone, 
and 2,3-butanedione from Baker Chemicals were used 
without purification. Tetracyanoethylene (TCNE) 
from Aldrich Chemical was crystallized from chloro
benzene and twice sublimed according to Merrifield 
and Phillips.11 The surface area of the porous Yycor 
glass (No. 7930) from Corning was determined as 140 
m2/g by the BET method using nitrogen.12 The 
glass plates, 1 X 6 X 35 mm, were thermostated at 
600° in a muffle oven before being evacuated from
12-16 hr to 3-5 X 10-6 Torr at the same temperature.

Adsorption. Liquids were adsorbed on the glass 
plates by bulb-to-bulb distillation. Solids were sub
limed at 80° and the vapor was brought in contact 
with the glass. The sample preparations were carried 
out in a grease-free system using Hoke valves with 
Teflon seats. The Yycor plates were irradiated in 
Pyrex ampoules to which either Suprasil windows or
4-mm od tubes were attached for optical or esr ob
servation, respectively. The ampoules were positioned 
so that the Suprasil section was 8-9 in. away from 
the 7 source and received very little  irradiation.

Irradiation. Samples were irradiated at about 23°C 
or 77°K with a cobalt-60 y source operating at a dose 
rate of 0.858 Mrad/hr.

Spectra. Optical spectra were obtained on a Cary 
14 automatic recording spectrophotometer. For low- 
temperature measurements, the samples were cooled 
in a copper cell-holder attached to a brass Dewar 
filled with liquid nitrogen. For electron spin resonance 
(esr) observations, we used a Varian Associates 4500 
spectrometer equipped with 100-kHz field modulation 
and a V-4531 multiple purpose cavity. A standard 
Varian Associates quartz Dewar was used for mea
surements at 77°K.
Results

Addition of Charge Scavengers to Preirradiated Vycor. 
The irradiated Vycor glass formed a brownish purple 
color, which has a rising absorption starting at 360 
nm into the uv region. Addition of charge scavengers 
produced optical bands in the region 400-700 nm; 
TMPD and TPA produced spectra similar to Figure 1. 
TCNE on preirradiated Vycor yielded a band closely 
resembling that of TCNE-  generated by reducing 
the compound with l,2-diazabicyclo(2,2,2)octane (Fig
ure 2). TMPD and TPA on preirradiated Vycor gave 
broad and unresolved esr spectra, superimposed on 
which was a sharp asymmetric line characteristic of 
trapped electrons in irradiated silica.13 When an 
irradiated sample of Vycor (Figure 3) was exposed 
to the vapor of TCNE, an extra esr signal appeared 
on the low-field side of the sharp asymmetric signal 
(Figure 4). The appearance of the new signal did

Figure 1. O ptical spectra o f  cation  radicals on  V y co r  surface 
at room  tem perature: A , T M I D ,  0.75 M ra d ; B , T P A , 2.38 M rad .

F igure 2. O ptica l spectra o f < T C N E ) ~ at room  tem peratu re: A , 
before irradiation on  V y co r ; B , after irradiation  on  V y co r  at 
0.43 M ra d ; C , b y  reduction  w ith  1,2 d iazab icyclo  [2,2,21octane 
in dioxane.

not affect the original esr line due to trapped electrons. 
The new signal is attributed to TCNE-  and the yield 
of this species is about five times larger than that of 
trapped electrons.

(11) R . E . M errifield  and W . D . Phillips, J . A m er. Chem. Soc., SO, 
2778 (1958).
(12) D . M . Y o u n g  and A . D  C row ell, “ P hysica l A d sorp tion  o f 
G ases’ ’ , B u tterw orth  and C o., L td ., L on d on , 1962, p  150.
(13) C . M . N elson  and R . A . V 'eek s, J . A m er. Ceram . Soc., 43, 399 
(1960).
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Figure 3. E sr spectrum  o f irradiated V y e o r ; dose, 0.57 M rad.

F igure 4. E sr spectrum  o f irradiated V y co r  on  w hich  T O N E  
has been  adsorbed ; dose, 0.57 M rad .

The yields of the ion radicals (TMPD+, TPA+, 
and TONE- ) were estimated by their optical absorp
tion. Beer’s law gives OD = kc, where c is the con
centration of the absorbing material in mol/g and OD 
is the optical density. The constant k is found for each 
species by adsorbing a known concentration of the 
material on Vycor and measuring its optical density. 
This was accomplished by oxidising the TMPD and 
TPA by oxygen or iodine on the surface. A weighed 
quantity of TMPD or TPA was distilled onto the glass 
under vacuum; exposure at room temperature to either 
oxygen or iodine vapor immediately oxidized the mate
rial completely. TONE-  was prepared in CC14 accord
ing to Turkevich.14 When a Vycor plate was immersed 
in the solution (in air at room temperature) the TONE-  
was spontaneously absorbed into the Vycor. The sol
vent was then evaporated away and the optical density 
of the plate was measured. The radiolytic yields of

Figure 5. G values fo r  cation  radicals on  V y co r  as a fu n ction  o f  
substrate concentration . D ose, 0.75 M ra d : • , T M P D  
irradiated on  V y co r ; O, T M P D  added to  preirradiated V y co r ;
A  T P A , irradiated on  V y cor ; A , T P A  added to  
preirradiated V ycor .

F igure 6. G values fo r  (T O N E ) ~ on  V y co r  as a fu n ction  o f T O N E  
concentration . D ose, 0.75 M ra d : • , T O N E  irradiated on  
V y co r ; O, T O N E  added  to  preirradiated V y cor .

TMPD +, TPA+, and TONE-  are given in Figures 5 and
6. (7 (TMPD +) (molecules formed per 100 eV adsorbed 
by the whole system) varies from 1 to 1.6, depending 
on the concentration of TMPD. G(TPA+) has a 
constant value of 0.31, independent of TPA concentra
tion from 20 to 100 /tmol/g. Cf(TCNE-) = 4.5 from 
6 to 21 /¿mol/g of adsorbate. Figure 7 is a plot of TPA+ 
concentration against y dose. At a total dose of 7 
Mrads, the concentration of TPA+ attains 4.4 X 1017/g. 
The accumulation of ion radicals is independent of 
initial TPA concentration from 13 to 70 /¿mol/g.

Irradiation of Vycor Containing Adsorbed Material.

(14) D . N . Stamires and J. Turkevich, J. Amer. Chem. Soc., 85, 2557 
(1963).
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Figure 7. C on centration  o f ( T P A ) + as a fu n ction  o f  dose at 
0.89 M ra d /h r  (room  tem perature).

F igure 8. E sr spectra  o f  (T O N E )“  on  V y co r ; 
dose, 0.57 M rad .

T a b le  I  : A bsorption  B anc s o f C ation  R adicals

S p e c ie s

<-------^ m ax  ( n m ) ------- >
O t h e r

V y c o r m a t r ic e s P r e p a r a t i o n

522 538“ P h oto ly sis  in
561 575 3 -m eth y lp en -
608 632 tane glass at 

7 7 °K

550 5606 7  R ad io lysis  in
640 640 m ethy ltetra - 

h yd rofu ran  at 
77 °K

425 ~ 4 4 5 c Flash  ph otolysis
453 455 in H 2SO ,

450 ~ 4 5 0 6 7  R ad iolysis  in
468 ~ 4 7 5 CC14 at 77 ° K

330 320«* Flash  ph oto ly sis
345 330 in  aqueous
438 alcoh ol

535 545« C h em isorption  
on  silica 
alum ina

“ A . C . A lbrech t and W . T . S im pson, J. Amer. Chem. Soc., 77, 
4454 (1955). b M . K on d o , M . R . R on ay n e , J. P . G uarino, and 
W . H . H am ill, ibid., 86, 1297 (1964). « E . J. L an d and G . P orter, 
Trans. Faraday Soc., 59, 2027 (1963). d H . I. Joschek  and L . I. 
Grossweiner, J. Amer. Chem. Soc., 88, 3261 (1966). e W . K . 
H all, J. Calai., 1, 53 (1962).

When a substrate was present on the Vycor surface 
and the combination y-irradiated, colored species were 
generated which could be detected by the optical or 
the esr method. TMPD and TPA when irradiated 
in this manner produced spectra shown in Figure 1. 
Other oxidizable substrated produced optical bands 
and esr spectra similar to those of their cation radicals. 
Table I summarizes the optical results.

The esr signals of cation radicals appear as poorly 
resolved broad spectra plus a sharp asymmetric line 
due to trapped electrons in the irradiated Vycor. The 
species attributable to TMPD+, TPA,+ and perylene + 
were stable at room temperature on Vycor; the rest 
in Table I were stable at 77°K, but disappeared when 
brought to room temperature.

When electron scavengers were present on Vycor, 
the irradiated samples produced species that have 
optical bands and esr signals. Acetone, butanone, 
biacetyl, and acetophenone irradiated and measured 
at liquid nitrogen temperature, showed absorption 
peaks in the visible region. TONE formed at room 
temperature a band shown in Figure 2 and an esr

T a b le  II : A bsorption  B anc s o f A n ion  R ad icals

«'----- Waxt n m  •
O n  I n  o t h e r

S p e c ie s V y c o r  m a t r ic e s P r e p a r a t i o n

[ ( c iu c o r 7 3 ) 740“ 7  R ad iolysis  in  sec- 
b u ty l ch loride

[Q H sC O C H ,]" 775 808“ 7  R ad iolysis  in  sec- 
b u ty l ch loride

[ Q f t C O C H ,] ' 420 440“ 7  R ad iolysis  in eth 
anol

'C N .  CN~ 
C = C .

-  425 410 R ed u ction  b y  am ine 
in dioxane

C N  CN 4326 N a l  red u ction  in  te t- 
rahydrofuran

Shida and W . H . H am ill, J. Amer. Chem. Soc., 8 8 ,  3683
(1966). 6 W . D . Phillips, J . C . R ow ell, and S. I . W eissm an, 
J. Chem. Phys., 3 3 ,6 2 6  (196C).

spectrum shown in Figure 8. The results are given 
in Table II. The details of their esr data are given 
in Table II I. A ll the ketyl anion radicals are stable
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Table III : Esr Spectra of Anion Radical?

-On Vycor®— ■—• ,—In other matrices—«
Coupling Coupling

No. of const., No. of const.,
lines G lines G

[(CHACO)" 7 17.6 7 16.4s

[(Q,H5)COCH3]" 5 19.7 1 30s

[CHjCOCOCHjF 7 8.6 7 7.3s

(CHjCOCjHs)' 1 ~24

/vn 9 2.2 9 1.61'
( CN/  NCN ) 9 4.9d

“ This work. 6 J. E. Bennett, B. Mile, and A. Thomas, J. 
Chem. Soc., A , 298 (1968). c J. Gendell, J. H. Freed, and G. K. 
Fraenkel, J. Chem. Phys., 41, 949 (1964). dB. D. Flockhart, I. R. 
Leith, and R. C. Pink, Trans. Faraday Soc , 65, 542 (1969).

only at low temperatures, while TONE is stable 
at 23°.

The dependence of scavenging efficiency on the 
concentration of scavengers is shown in Figures 5 
and 6. G(TMPD+) and (?(TPA+) are constant with 
respect to amine concentrations from 1 to 120 jumol/g. 
(?(TCNE_) is approximately proportional to [TONE] 
up to 6 pmol/g, above which it plateaus off at a mean 
value of 6.5. Estimated on the basis of G(TCNE~) =
6.5 and a total dose of 0.75 Mrad, the concentration 
of TCNE~ on the Vycor surface would be about 5 
pmol/g. Thus the low value of (?(TCNE- ) at [TONE] 
<  6 /imol/g is probably due to a depletion of the sub
strate.

When TP A was irradiated at 77 °K, the G value for 
TPA+ was 0.76. When the sample was warmed to 
room temperature, the optical density decreased to a 
value corresponding to G =  0.65.

D i s c u s s i o n

The use of esr to study irradiated solids is very popu
lar, since by its aid detailed information can be ob
tained with relatively little effort. The present results 
show that esr is far from telling the whole story. The 
electron-donating centers available to the scavenger 
TONE when this is added to irradiated porous Vycor 
are entirely independent of, and are about five times 
more numerous than, the trapped electrons seen by esr,1 
which are presumably located in the bulk solid away 
from the surface of the pores. The irradiated surface 
both donates and accepts electrons; it is not clear 
whether there are two types of centers, which could be 
regarded as trapped holes and trapped electrons, or 
whether active centers exist that can either donate or 
accept electrons, and which could be regarded as 
trapped excitons. In the latter case, the centers might 
not be paramagnetic; if they are, their spin resonance 
absorption must be so broad that it cannot be seen.

Ionization produces electrons and holes throughout 
the solid, yet when TONE is present on the surface 
during irradiation no electrons are trapped in the bulk; 
all reach the surface. The charges or precursors of 
the trapped electrons must therefore all diffuse to a 
distance at least of the order of 30 A, the characteristic 
thickness for a solid of area 140 m2/g  and density around
2.5.

The value of (r(TCNE~) =  6.5 gives a lower limit to 
the electron yield. As the irradiation continues, the 
rate of formation of active centers decreases (Figure 7), 
probably because some of the arriving centers neutralize 
some of those already present. Eventually the number 
of centers should attain a maximum value, as reported 
by Rojo and Hentz.7a We did not reach this plateau, 
but the data of Figure 7 suggest that it might occur at 
about 1018 TPA-active centers per gram. Since the 
initial yield of TPA+ is only 10% of that of TCNE~, 
this would correspond to a maximum of 1019 electron- 
donating centers per gram, or about 7 X 1012 per cm2 
of surface, or about 40 A apart, which seems reasonable.

The existence of such centers at the surface undoubt
edly causes a great range of distortions in the normal 
arrangements of the surface atoms. In particular, the 
published results that irradiated silica surfaces react 
with CO to yield C 02~ 7b and with CO2 to yield 0 2_ 8 
suggest that in a small proportion of the centers an 
0~  radical ion may be held sufficiently loosely to un
dergo the reactions O-  +  CO = C 02-  and O " +  C 02 =
CO +  o 2-.

Variations in G value and temperature stability 
among the various radical ions may be due in part to 
energetic factors. The ionization potential of TM PD 
is only 6.6 eV,16 while that of TPA, though apparently 
not known exactly, is no doubt higher. The electron- 
donating centers possess a range of trap depths; many 
hold their electrons too firmly to react with TMPD+, 
but a larger proportion will give up their electrons to the 
more strongly attractive TPA+, even at 77°K, while 
the greater thermal activation of room temperature 
induces a further proportion to undergo neutralization. 
However, it is reported14 that perylene and diethyl- 
aniline (DEA) have the same ionization potential,
7.1 eV, yet perylene cations remain on the irradiated 
surface at room temperature, while DEA+ formed at 
77°K is entirely neutralized well below room tempera
ture. This fact probably shows that the electron- 
donating centers do not move along the surface; if 
they did, both ions would be neutralized equally readily. 
Probably the DEA+ is mobile on the surface and can 
reach the electron-donating centers, while some of the 
larger perylene ions are either fixed to points on the 
surface, or are too large to enter the smaller pores where 
many of the active centers must be located.

(15) G. Briegleb and T. Czekalla, Z. Elektrochem., 63, 6 (1959).
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Effect of Hydrogen Chemisorption on the Electrical 

Conductivity of Zinc Oxide Powder

b y  D .  N a r a y a n a ,  V .  S .  S u b r a h m a n y a m ,  J a g d i s h  L a i ,  M .  M a h m o o d  A l i ,  

a n d  V .  K e s a v u l u

Regional Research Laboratory, Hyderabad-9, India (Received May SO, 1969)

A cell for the simultaneous measurement of chemisorption of gases and the accompanying conductivity changes 
in solid powders is described. Hydrogen chemisorption and its effect on the conductivity of zinc oxide in the 
temperature range 30-300° has been studied. Activation of zinc oxide by treatment with hydrogen above 300° 
is accompanied by an increase in the conductivity of the oxide, which is attributed to excess Zn atoms at the 
surface. Chemisorption of hydrogen on activated zinc oxide leads to an increase in the conductivity of the oxide 
throughout the temperature range studied. The donors responsible for the conductivity increase are shown to 
be H atoms. This form of chemisorption has its maximum around 180°. Below about 100° it occurs as a slow, 
irreversible process along with another form which occurs rapidly and reversibly without causing any marked 
change in the conductivity of the oxide. The latter has its maximum at about 50° and appears to be covalently 
bound to the surface sites which are probably excess Zn atoms formed at the surface by activation. Above 180° 
a third, un-ionized form of hydrogen chemisorption is superposed on the ionic form. This form reaches its 
maximum around 230°.

I n t r o d u c t i o n

Earlier attempts1“ 3 at correlation of chemisorption of 
hydrogen on zinc oxide with the conductivity changes in 
the solid involved conductivity measurements on sin
tered pellets and chemisorption studies on powders. 
The two sets of results obtained on different samples are 
not strictly comparable. Since the chemisorptive prop
erty of zinc oxide varies very sensitively with the type of 
pretreatment,4 it is necessary to measure both the prop
erties with the same sample under identical conditions. 
In the present study the two properties were measured 
simultaneously on a sample of zinc oxide powder, in 
which form its catalytic activity is maximum.

Since the hydrogenating activity of zinc oxide has 
been shown to be connected with the capacity of the 
oxide for hydrogen chemisorption in the low-tempera
ture region (around 50°)4 and since it is known that 
zinc oxide chemisorbs hydrogen in more than one form, 
it is necessary to distinguish the different forms of hy
drogen chemisorption and to determine which of the 
forms is catalytically active. In this, a simultaneous 
measurement of chemisorption and conductivity 
changes can be of much help.

E x p e r i m e n t a l  S e c t i o n

Apparatus and Procedure. Figure 1 gives a sketch of 
the conductivity cell used to study chemisorption and 
conductivity simultaneously. Zinc oxide powder, 0.550 
g, was placed between two gold plates (10 mm diam). 
The weight (55.5 g) enclosed in glass keeps the upper 
plate pressed against the powder. This arrangement 
was found to be quite satisfactory as reproducible con

ductivity measurements could be made and there was 
no disturbance in the position of the plates during sev
eral heating and evacuating procedures. Thin gold 
wires were spot welded to the plates and to glass-clad 
tungsten wires sealed to the outer tube. In the annular 
space between the inner and the outer tubes were 
placed 5.223 g of zinc oxide so that chemisorption could 
be studied by conventional methods while measuring 
conductivity changes. A dibutyl phthalate manometer 
was used to follow the pressure changes in the system 
during chemisorption. A Pt— 13% Rh-Pt thermocouple 
placed just below the lower electrode was used to mea
sure the temperature. An electric furnace (noninduc- 
tive) was used to raise the temperature of the powder. 
During experiments the temperature was held constant 
within ± 1 ° . A conventional high-vacuum system was 
employed. The resistance values were obtained using 
an ac bridge with a precision of 1% in the range 1 ohm 
to 1 megohm at 10 kHz.

Materials. Zinc oxide was prepared by decomposing 
zinc oxalate in a current of dry oxygen at 420°. X-Ray 
powder patterns showed the sample to be crystalline. 
Electrolytic hydrogen was purified by passing over 
heated platinized asbestos, through silica gel traps, and 
finally through traps cooled in liquid nitrogen. Helium 
used for calibration was passed through traps containing 
activated charcoal cooled in liquid nitrogen.

(1) Y. Kubokawa and O. Toyama, J. Phys. Chem., 60, 833 (1956).
(2) T. S. Nagarjunan, M. V. C. Sastri, and J. C. Kuriacose, Proc. Natl. 
Inst. Sci. (India), 27A, 496 (1961).
(3) A. Cimino, E. Molinari, F. Cramarossa, and G. Ghersini, J. Catal., 
1, 275 (1962).
(4) V. Kesavulu and H. A. Taylor, J. Phys. Chem., 64, 1124 (1960).
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Figure 1. Conductivity cell for measuring simultaneously 
conductivity and chemisorption on solid powders: A, ZnO
powder; B, gold plates (electrodes); C, metal weight enclosed 
in glass; D, gold wires from the electrodes spot welded to 
tungsten seals; E, glass-clad tungsten wires; F, glass wool;
G, inner tube; H, outer tube; I, Pt— 13% Rh-Pt thermocouple; 
J, connection to vacuum system.

R e s u l t s  a n d  D i s c u s s i o n

It has been shown4 that zinc oxide surface undergoes 
irreversible changes as a result of treatment with hy
drogen at elevated temperatures. The capacity of the 
oxide for hydrogen chemisorption around 50° increases 
markedly when the oxide is subjected to an activating 
pretreatment of heating in hydrogen and evacuating 
above 300°. This enhanced activity for hydrogen 
chemisorption has been attributed to the formation of 
excess zinc atoms at the surface by chemical reduction. 
In the present study, it has been found that at room 
temperature the fresh, unactivated oxide has a resis
tance much higher than 106 ohms while the activated 
sample has a resistance of a few thousand ohms. This 
shows that the excess zinc atoms formed by activation 
also act as surface donors causing enhanced conduc
tivity. It may be noted that zinc atoms adsorbed on 
zinc oxide also behave similarly.5

The chemisorption and conductivity measurements 
reported here have been carried out on activated sample 
of zinc oxide. Between experiments the oxide was 
evacuated for 4 hr at 340°.

Figure 2A gives a typical q-T curve (quantity ad-, 
sorbed vs. temperature) for hydrogen chemisorption on 
activated zinc oxide. A known volume of hydrogen 
(P0 =  60.15 mm) was introduced into the cell at 30° and 
after 0.5 hr the temperature was raised gradually and the

Figure 2. A, q-T  curve for hydrogen chemisorption (P0 = 
60.15 mm) and B, the accompanying conductivity changes in 
the oxide.

volume of hydrogen adsorbed was determined as a 
function of temperature. The conductivity changes 
observed during chemisorption are plotted in Figure 
2B. The two maxima in the chemisorption curve have 
been attributed to the occurrence of two types of hy
drogen chemisorption (types A and B). The first max
imum around 50° corresponds to adsorption and de
sorption on type A sites while the second maximum 
around 230° refers to a similar process at type B sites. 
The conductivity curve, on the other hand, does not 
show the occurrence of two processes. There is a 
steady increase in conductivity, which appears to par
allel a similar increase in the type B chemisorption. In 
previous studies,1-3 since no conductivity change due to 
hydrogen was observed below 100°, it was concluded 
that only type B chemisorption occurring above 100° is 
responsible for the conductivity increase. However, a 
comparison of the two curves in Figure 2 shows that 
this conclusion is not correct. First, there is increase 
in conductivity throughout the temperature range 
studied. The failure of the earlier workers to observe 
any conductivity change below 100° appears to be due 
to the fact that they used sintered samples having poor 
chemisorption properties. Secondly, the maximum of 
the conductivity curve is about 50° below the second 
maximum of the chemisorption curve, showing that the 
two maxima do not represent the same process. That 
this is not due to any variation in the temperature of the 
sample has been verified. It is seen that the maximum 
in the conductivity curve at 180° corresponds to the 
shoulder at the same temperature in the chemisorption 
curve. Above 180° the conductivity decreases steadily 
though chemisorption continues to increase (+0.26 ml) 
up to 230°. It may therefore be inferred that the ionic 
form of hydrogen chemisorption responsible for the 
conductivity increase has its maximum at 180° and

(5) D. G. Thomas and J. J. Lander, J. Phys. Chem. Solids, 2, 318 
(1957).
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Figure 3. Pressure dependence of conductivity for hydrogen 
chemisorption at 275°.

Figure 5. Pressure dependence of chemisorption (A) and 
conductivity (B) at 50°. The dotted line in B represents the 
conductivity of the oxide before chemisorption.

Figure 4. Temperature dependence of conductivity. 
Measurements were made while cooling the sample.
A, activated zinc oxide with bare surface; B, oxide having 
chemisorbed hydrogen on the surface.

Figure 6. Kinetics of hydrogen chemisorption and conductivity 
changes at 30°. A, plots of quantity adsorbed vs. time, and 
relative change in conductivity vs time. B, plots of (/-log 
(t +  to), and log o-log (t +  to) for the same data; 
to =  0.5 min.

above this temperature a third form of hydrogen chemi
sorption is superimposed on the ionic form. These two 
forms appear to be the same as the types A-III and 
A-IV revealed in the desorption experiments of Narvaez 
and Taylor.6

There has been some difference of opinion as to the 
nature of the donors responsible for the enhanced con
ductivity. The donors could be either adsorbed H 
atoms7-9 or Zn atoms510 formed as a result of chemical 
reduction by hydrogen.

Figure 3 gives the pressure dependence of conductiv
ity for hydrogen chemisorption at 275°. The points 
for both increasing and decreasing pressures fall on the 
same curve showing rapid establishment of equilib
rium. If the donors were zinc atoms formed during ad
sorption by chemical reduction, then during desorp
tion the conductivity would remain constant at the 
maximum value and not fall with pressure. The rever

sibility noted shows that the donors must be H atoms. 
The slope of the straight line is close to y 4, which can be 
explained by assuming the following equilibrium at the 
surface

H2 2H ^  2H+ +  2e-

Assuming a to be proportional to n — [H+] = [e~] and 
applying the law of mass action, it can be shown that

<r =  k[pH,]l/i

At pressures higher than about 10 mm, the points do 
not fall on the straight line indicating the deviation of

(6) R. Narvaez and H. A. Tay or, J. Phys. Chem., 69, 2500 (1965).
(7) G. Heiland, Z. Phys., 148, 15 (1957).
(8) I. A. Myasnikov, Zh. Fiz. Khim., 32,841 (1958).
(9) V. Kesavulu and H. A. Taylor, J. Phys. Chem., 66, 54 (1962).
(10) Y. Kubokawa, Bull. Chem. Soc. Jap., 33, 739 (1960).
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the equilibrium from the simple law of mass action. 
This may be due to the superposition of the third form 
of chemisorption at these pressures.

The temperature dependence of the conductivity of 
the oxide before and after hydrogen chemisorption is 
shown in Figure 4. Curve A refers to the oxide with 
bare surface and curve B refers to the oxide saturated 
with hydrogen. The resistance values were obtained 
while cooling. The energies of activation for the two 
cases are 0.112 eV and 0.007 eV, which indicate the 
difference in the nature of the donors responsible for the 
two conductivities.

Figure 5 shows the pressure dependence of chemisorp
tion and conductivity at 50° at which temperature the 
type A chemisorption has a maximum. The chemi
sorption of hydrogen increases with increasing pressure 
(curve A) and this is accompanied by a slight increase in 
conductivity (curve B). When the pressure is de
creased, only part of the gas is desorbed. During de
sorption there is no corresponding decrease in the con
ductivity. Even after evacuation for several minutes 
at this temperature, the conductivity of the oxide does 
not change. This shows that at 50° two forms of 
hydrogen chemisorption take place— one occurring 
rapidly and reversibly without having any marked effect 
on the conductivity and the other occurring slowly and 
irreversibly causing an increase in the conductivity.

Figure 6A gives the time dependence of chemisorp
tion of hydrogen and the accompanying conductivity 
changes at 30°. These plots appear to indicate a simple 
connection between chemisorption and conductivity. 
However, Elovich plots of the same data (Figure 6B) 
show clearly the difference in the kinetics of chemisorp
tion and conductivity changes. The chemisorption

curve shows the occurrence of two processes while the 
conductivity curve indicates only one process.

The results given above show that hydrogen chemi
sorption on zinc oxide is a complex process and involves 
simultaneous formation of more than one chemisorbed 
species on the surface. One form with its maximum 
around 50° does not have any marked effect on the con
ductivity of the oxide. This occurs rapidly and revers
ibly below 100° and appears to be covalently bound to 
the surface sites which are probably excess zinc atoms 
formed at the surface by “ activation.”  This is accom
panied by another form which causes an increase in the 
conductivity of the oxide. The second form is ionic 
and involves the dissociation of molecular hydrogen to 
H atoms which act as surface donors responsible for the 
enhanced conductivity. The ionic form increases with 
increase in temperature and reaches its maximum value 
at about 180°. At this temperature the amount of hy
drogen chemisorbed (0.85 ml on 182 m2) corresponds to
2.5 X 1013 atoms per cm2. The appearance of the con
ductivity maximum at this point is understandable 
since the maximum density of H + ions to be expected7,11 
at the surface is about 1013 cm-2. Above 180° another 
form of hydrogen chemisorption is superposed on the 
ionic form. This third form which reaches its max
imum around 230° may be un-ionized H-donors asso
ciated with O2- ions.

Acknowledgment. D. N. and J. L. are thankful to the
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(11) G. Heiland, E. Mollwo, and F. Stockmann, Solid State Phys., 8, 
310 (1959).
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Infrared Spectroscopic Study of Carbon Monoxide Adsorption 

on Hydrogen and Oxygen Treated Silver Surfaces

b y  G e o r g e  W .  K e u l k s  a n d  A .  R a v i

The Department of Chemistry and Laboratory for Surface Studies, University of Wisconsin at Milwaukee, 
Milwaukee, Wisconsin 53201 (Received June 6, 1969)

The adsorption of carbon monoxide on silica and alumina-supported silver samples was studied by employing 
infrared spectroscopy. At room temperature, a single sharp band was observed at 2180 cm-1 with samples 
which had been pretreated with oxygen at 150-175°. Similar pretreatment with hydrogen rendered the sam
ples inactive for the room temperature adsorption of carbon monoxide, as evidenced by the absence of the 
2180-cm“ 1 band. The 2180-cm“ 1 band is attributed to the weak, reversible chemisorption of carbon monoxide 
on surface oxygen ions. No evidence was found for the room temperature c remisorption of carbon monoxide 
on bare silver metal.

I n t r o d u c t i o n

In recent years the infrared spectroscopic technique 
has been employed extensively to obtain information 
concerning the adsorption of carbon monoxide on a 
variety of metals as well as metal oxides.1,2 However, 
there have been relatively few studies by this technique 
of carbon monoxide adsorption on silver.

Kavtaradze and Sokolova3 observed a band at 2180 
cm-1 for carbon monoxide adsorbed on alumina-sup
ported silver samples that had been reduced with hydro
gen. Gardner and Petrucci4 observed a band at 2165 
cm-1 upon admitting carbon monoxide to a silica- 
supported silver nitrate sample in which the silver 
nitrate had been partially decomposed in vacuo at 250° 
for 15 min. Admitting hydrogen to this system 
produced another band at 2099 cm-1.

The goal of this study was to examine in more detail 
the room temperature adsorption of carbon monoxide 
on silver samples pretreated with hydrogen and oxygen.

E x p e r i m e n t a l  S e c t i o n

The cell used in this study was a combination of those 
designed by Peri5 and Little.6 Sodium chloride win
dows were used in all of the experiments and were 
attached to the cell by an epoxy resin (Torr Seal, Varian 
Associates).

Samples containing 10% by weight of silver were 
prepared by impregnating Cab-O-Sil (Cabot Corp., 
Boston, Mass.) or alumina (7-alumina, British Drug 
House) with aqueous silver nitrate using the incipient 
wetness method. Pressed disks were subsequently 
prepared from the finely ground powder. The thickness 
of the samples ranged from 12 to 25 mg/cm2.

Heating of the samples in the cell was achieved by 
means of an electrical heating element attached to the 
outside of the cell. All of the temperatures reported 
in this study were measured with a thermometer im

bedded in the heating element and do not indicate the 
exact temperature of the samples themselves.

A portable vacuum system incorporating a mercury 
diffusion pump was used to evacuate the cell. The 
cold trap attached to the mercury diffusion pump was 
normally maintained at —78°. The ultimate pres
sure which could be attained in the cell was 10“ 6 Torr.

Purified gases were stored in 3-1. storage bulbs or 
small break-seal flasks and were introduced into the cell 
by means of a conventional gas inlet manifold. Gas 
pressures were measured by a mercury U-tube manom
eter attached to the gas iriet manifold.

All of the samples were given a standard initial pre
treatment. After a sample was placed in the cell, the 
cell was evacuated for 30 min. Hydrogen (50-100 
Torr) was then introduced into the cell and the tem
perature slowly increased to 150-175°. This tempera
ture was maintained for 2 hr. During this period, the 
hydrogen was periodically evacuated and replaced. 
The sample was then cooled to room temperature in 
vacuo. The initial transmission of the hydrogen-treated 
samples was normally 20-50%.

All of the spectra were obtained at room temperature 
with a Beckman IR-9 grating spectrometer. The 
instrument was operated in the double beam mode with
out any reference cell and had a resolution of 2 cm“ 1 at 
2200 cm“ 1. In order to minimize background water

(1) L. H. Little, “ Infrared Spectra of Adsorbed Species,” Academic 
Press, New York, N. Y., 1966.
(2) M. L. Hair, “ Infrared Spectroscopy in Surface Chemistry,” 
Marcel Dekker, Inc., New York, N. Y., 1967.
(3) N. N. Kavtaradze and N. P. Sokolova, Zh. Fiz. Khim., 36, 
2804 (1962); Russ. J. Phys. Chsm., 1529 (1962).
(4) R. A. Gardner and R. H. Petrucci, J. Phys. Chem., 67, 1376 
(1963).
(5) J. B. Peri, Discussions Faraday Soc., 41, 121 (1966).
(6) L. H. Little, H. E. Klauser, and C. H. Amberg, Can. J. Chem., 
39,42 (1961).
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vapor and carbon dioxide, the spectrometer was con
tinually purged with a high flow rate of dry air.

R e s u l t s

Hydrogen Pretreated Samples. The adsorption of 
carbon monoxide (50-100 Torr) was studied on silica 
and alumina-supported silver samples which had been 
pretreated with hydrogen at 150-175° (see Experi
mental Section). With the silica-supported samples, 
no new bands were observed in the spectra. With the 
alumina-supported samples, however, new absorption 
bands appeared at 1230, 1430, and approximately 1650 
cm-1 (the 1650-cmr1 band fluctuated ±25 cm-1 from 
sample to sample). These bands remained after 
evacuating the cell but could not be assigned to the ad
sorption of carbon monoxide on silver metal. Follow
ing the interpretation of Parkyns,7 these bands were 
assigned to carbon dioxide adsorption on the alumina 
support. Possibly the carbon dioxide is a result of the 
slow oxidation of carbon monoxide over these samples, 
or more likely, a result of the adsorption of residual 
carbon dioxide remaining in the vacuum system, since 
Dry Ice was used as a coolant on the diffusion pump 
trap.

Introducing carbon monoxide or carbon dioxide to 
samples prepared from silica and alumina supports alone 
produced results similar to those obtained with the sup
ported silver samples. Addition of carbon monoxide to 
silica produced no new bands, but addition to alumina 
produced bands at 1230, 1430, and approximately 1650 
cm-1. These three bands were also produced when 
carbon dioxide was added to the alumina, which is con
sistent with the interpretation given above.

Oxygen Pretreated Samples. Because no room tem
perature adsorption of carbon monoxide was detected on 
the samples which had been pretreated at 150° with 
hydrogen, it was decided to study the adsorption of 
carbon monoxide on samples pretreated with oxygen. 
Oxygen pretreatment consisted of heating the hydrogen- 
treated samples in 50-100 Torr of oxygen at 150° for 2 
hr and then degassing them for 30 min. The transmis
sion of the samples was essentially unaffected by the 
oxygen treatment. Upon admitting 20 Torr of carbon 
monoxide to an oxygen-pretreated sample, a sharp band 
of medium intensity appeared immediately at 2180 cm-1 
(Figure 1). No change in the intensity or the frequency 
of the'band was observed on prolonged contact of the gas 
with the sample. The intensity of the band increased 
slightly with an increase in pressure of the carbon 
monoxide. During evacuation of the cell, the intensity 
of the band was found to diminish to zero near 1 Torr, 
thus reflecting the weakness of the adsorption. Upon 
readmitting 20 Torr of carbon monoxide, however, its 
intensity returned to its initial value.

With the silica-supported samples which had been 
pretreated with oxygen, the 2180-cm“ 1 band was the 
only new band observed when carbon monoxide was in-

FREQUENCY

Figure 1. Infrared spectrum of 20 Torr of carbon monoxide 
adsorbed on alumina-supported silver at room temperature.
The sample had been treated with hydrogen at 150° and then 
exposed to oxygen at 100° before the introduction of 
the carbon monoxide.

troduced. With the alumina-supported samples, the 
2180-cm“ 1 band was observed, but the bands observed 
earlier with the hydrogen-pretreated samples (1230, 
1430, 1650 cm-1) were also observed. As indicated 
earlier, the latter bands are assigned to adsorbed carbon 
dioxide on the alumina support.

After exposing the oxygen pretreated samples to 50- 
100 Torr of hydrogen at 150°, carbon monoxide could 
not be adsorbed, as evidenced by the absence of the 2180- 
cm-1 band. Subsequent treatment with 50-100 Torr of 
oxygen at 150° again rendered the samples active for the 
adsorption of carbon monoxide. This sequence could 
be carried out many times. In every case, when the 
samples had been exposed to oxygen at 150°, the 2180- 
cm-1 band was observed when carbon monoxide was 
introduced into the cell. In every case, when the 
samples had been exposed to hydrogen at 150°, the 2180- 
cm_1 band was not observed.

The 2180-cm-1 band observed with the oxygen pre
treated samples is not affected by subsequent addition of 
hydrogen or oxygen at room temperature. Large pres
sures (up to 100 Torr) of hydrogen or oxygen neither 
reduced nor enhanced the intensity of the 2180-cm-1

(7) N. D. Parkyns, J. Chem. Soc., A, 1910 (1967).
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band nor shifted its frequency. The addition of carbon 
dioxide prior to the introduction of carbon monoxide did 
not affect the appearance of the 2180-cm-1 band. It 
was also observed that the samples had to be heated in 
oxygen in order to produce the 2180-cm“ 1 band. Pre
treatment of the hydrogen-treated samples with 50 Torr 
of oxygen at room temperature did not render the sam
ples active to carbon monoxide adsorption. However, 
if the samples were heated above 100° in oxygen, the 
2180-cm“ 1 band was observed when 20 Torr of carbon 
monoxide was introduced into the cell.

When a mixture of 50 Torr of carbon monoxide and 50 
Torr of oxygen was introduced into the cell containing a 
hydrogen-pretreated silica-supported silver sample, no 
new bands were observed that could be assigned to car
bon monoxide adsorption. After heating the mixture 
at 100° for 30 min, a very weak band at 2162 cm“ 1 
appeared, but no detectable amount (by ir) of gas-phase 
carbon dioxide was observed. Further heating to 150° 
caused both the 2162-em“ 1 band and the gas-phase 
carbon dioxide bands to increase considerably. Even 
though the oxidation of the carbon monoxide to carbon 
dioxide predominated, the band at 2162 cm“ 1 may be 
due to the adsorption of the carbon monoxide on oxygen- 
covered silver. At the present time, there is no expla
nation why the band appeared at 2162 cm“ 1 instead of 
at 2180 cm“ 1. It should be noted, though, that a simi
lar observation was recently reported by Yates8 for the 
oxidation of carbon monoxide on gold surfaces.

The dissociation pressure of oxygen from Ag20  is ap
proximately 200 Torr at 150°. Since the silver samples 
were never exposed to a partial pressure of oxygen 
greater than 100 Torr, it is reasonable to assume that 
the silver in the samples was not converted to bulk 
silver oxide. However, in order to further minimize the 
possibility of bulk silver oxide formation, several 
samples were exposed to oxygen partial pressures of less 
than 100 Torr. After the initial hydrogen pretreat
ment, the samples were exposed to 2-5 Torr of oxygen at 
150° for 2 hr, and the cell was then evacuated. Upon 
admitting 20 Torr of carbon monoxide to the cell, the 
2180-cm-1 band was immediately observed. Its 
intensity and behavior were similar to those observed 
with the higher pressures of oxygen.

Because the 2180-cm-1 band was only observed when 
carbon monoxide was adsorbed on samples which had 
been treated with oxygen, several experiments utilizing 
isotopes were conducted with the aim of elucidating the 
structure of the surface species. In order to eliminate 
any outside possibility that the 2180-cm-1 band did not 
involve the CO molecule, a mixture (10 Torr) of 60% 
13CO and 40% 12CO was introduced into the cell. Using 
a hydrogen-pretreated sample, no new bands were ob
served. After a subsequent oxygen pretreatment, two 
bands at 2180 and 2130 cm-1 were observed. The 2130- 
cm-1 band occurs at the frequency expected for the shift 
due to the carbon-13 isotope.

It seemed reasonable that the 2180-cm-1 band was 
due to the C -0  stretching frequency of the carbon 
monoxide molecule and not due to a stretching fre
quency involving oxygen attached to silver. In order 
to confirm this assignment, a hydrogen-pretreated sam
ple was exposed to 15 Torr of oxygen-18 (99.3 atom %  
180, 0.3 atom %  170 ) at 150° for 2 hr. After evacua
tion, 20 Torr of carbon monoxide was added. Im
mediately, a single band at 2180 cm-1 was observed. 
No change in the intensity or the frequency of this band 
was observed on prolonged contact of the gas with the 
sample, nor did any additional bands develop.

D i s c u s s i o n

The results of this work indicate that carbon monox
ide does not adsorb at room temperature on bare silver 
metal. In each case, when the samples had been pre
treated with hydrogen, no new bands were observed 
which could be assigned o carbon monoxide adsorption. 
The observation of the 2180-cm“ 1 band by Kavtaradze 
and Sokolova3 with hydrogen-pretreated samples is still 
confusing. Several samples were prepared according 
to their reported procedure, but with none of them was 
the 2180-cm-1 band observed. The studies by Guerra9 
and Yates8 on copper and gold, however, suggest that 
their samples may not have been completely reduced. 
Possibly their silver samples, too, were contaminated 
with oxygen.

The 2165-cm-1 band observed by Gardner and Pe- 
trucci4 with a silica-silvir nitrate sample partially de
composed at 250° is also probably due to carbon monox
ide adsorption on a sample contaminated with oxygen . 
In fact, Gardner10 recent.y has indicated that the parti
ally decomposed samples produce a mixture of silver 
nitrate and silver oxide, and not silver metal.

The experiments with, isotopes on the oxygen-pre- 
treated samples indicate that the 2180-cm-1 band is 
definitely due to a vibration involving the carbon and 
oxygen atoms of the carbon monoxide molecule. It 
cannot be due to a C -0  vibration involving the oxygen 
attached to silver. If .his had been the case, there 
should have been a shift in the 2180-cm“ 1 band when the 
silver sample was pretreated with oxygen-18. As indi
cated earlier, on the sample pretreated with 15 Torr of
99.3 atom %  oxygen-18, the band still was observed at 
2180 cm-1 when the sample was exposed to carbon 
monoxide.

Because the oxygen pressure in the cell was always 
below the oxygen dissociation pressure of Ag20, it does 
not seem reasonable tha" the 2180-cm-1 band is due to 
carbon monoxide adsorption on bulk oxide ions. The 
experiments at oxygen pressures of less than 10 Torr are 
especially important. The work of Mallmann11 on

(8) D. J. C. Yates, / .  Colloid friterfac. Sci., 29, 194 (1969).
(9) C. R. Guerra, ibid., 29, 221 (1969).
(10) R. A. Gardner, Preprints, Fourth International Congress of 
Catalysis, Moscow, 1968.
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evaporated silver films tends to confirm this belief. He 
used evaporated silver films which had been exposed to 
high pressures of oxygen (up to 1 atm) and was specifi
cally trying to detect the A g-0  stretching frequency 
(near 550 cm-1) of silver oxide. None of his samples 
which had been treated with oxygen produced this 
band.

If it can be assumed that bulk oxide ions are not pres
ent or, at least, that their concentration is very small, 
the results of other workers12-15 indicate that in the 
temperature range 150-175° oxygen chemisorption most 
likely produces several forms of adsorbed oxygen. 
Czanderna16 indicates that the most predominant form is 
likely to be 0 2~ ions with some fraction of O-  ions a 
definite possibility. It is important to note that treat
ment of the reduced samples with oxygen at room tem
perature did not give rise to the 2180-cm-1 band when 
carbon monoxide was introduced. It was necessary to 
heat the samples in oxygen at higher temperatures 
before the 2180-cm-1 band was observed. The ionic 
forms of chemisorbed oxygen are only formed at ele
vated temperatures.16

Because of the weak nature of “he carbon monoxide 
adsorption and because the oxygen is likely to be 
chemisorbed as ions, we prefer to assign the 2180-cm_1 
band to the C -0  stretching frequency of a surface spe
cies resulting from the weak chemisorption (ion-dipole

interaction) of carbon monoxide on oxygen ions ad
sorbed on the silver surface. It cannot be explained by 
a high-frequency shift of carbon monoxide attached to 
silver by the presence of oxygen to form the species

CO 
Ag<  ̂ . 

0
Such a structure necessitates observation

of a band corresponding to carbon monoxide adsorbed 
on silver metal at lower frequencies. Oh the hydrogen- 
pretreated samples, which should contain bare silver 
metal, no such band was observed in our experiments.
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Magnetic Resonance Studies of Aromatic Hydrocarbons Adsorbed 

on Silica-Alumina. III. Chemical Exchange Effects

by G. M . Muha

University College, Rutgers— The State University of New Jersey, New Brunswick, Net! Jersey 08903 
(Received August 7, 1969)

A combination of electron spin resonance (esr) and nuclear magnetic resonance (nmr) spectroscopy is used to 
follow the chemical exchange processes involved in the transfer of a surface hydrogen to adsorbed anthracene 
radical cations. The method used involves the “labeling” of the aromatic molecule at the acid surface site with 
deuterium and then comparing the time of appearance of deuterium effects in the nmr and esr spectra. Isotopic 
exchange effects are first observed in the nmr spectrum, then after a time delay dependent on the aromatic con
centration, esr effects are also observed. This result demonstrates the difference in the rates of isotopic ex
change for the weakly adsorbed neutral molecules and the more strongly adsorbed radical cations and hence is 
consistent with the hypothesis offered in a previous paper in this series concerning the pathway for the transfer 
of hydrogen atoms from the surface to the adsorbed molecule. The success of the experimental method reported 
here is thought to arise because of the hindered diffusion of the adsorbed aromatic ions due to the relative im
mobility of the surface counterion. Hence the method may be generally applicable to the study of problems in 
heterogeneous catalysis.

In the two previous papers in this series,1'2 here
after referred to as I and II, an analysis was presented 
of the electron spin resonance (esr) spectrum of pery- 
lene and anthracene adsorbed on silica-alumina. With 
both systems it was found that the larger proton 
hyperfine coupling constants differed from the values 
observed when the radical cations are generated with 
sulfuric acid. This result, coupled with an analysis 
of the line width variations, suggested the presence 
of an ion pair. In the case of anthracene, an analysis 
of the exchange effects as a function of aromatic con
centration showed that the radical cation is formed 
first, then after a relatively long interval of time, 
isotopic exchange with surface protons occurs.

To explain the exchange results, a hypothesis was 
developed2 that involved the transfer of a proton from 
the surface to a neutral molecule, presumably through a 
carbonium ion intermediate, with the subsequent con
version of this neutral molecule to a radical cation 
by an electron exchange process. With the esr tech
nique used, only paramagnetic species could be directly 
observed. Hence confirmation of the hypothesis was 
not possible.

In the present work, a combination of the nuclear 
magnetic resonance (nmr) and esr techniques are used to 
follow the isotopic exchange processes as functions of 
time and aromatic concentration. As will be seen, this 
approach demonstrates clearly the difference in the rates 
of isotopic exchange between the weakly adsorbed 
neutral molecules and the more strongly adsorbed 
radical cation. This latter point is of particular inter
est in the theory of the surface action of this catalyst.3

The success of the technique used here is thought to 
arise because of the difference in the diffusion rates of

the various molecular species involved. These differ
ences are expected to be accentuated on a catalyst 
surface when charged species are involved in ion-pair 
formation with a relatively immobile surface site acting 
as the counterion. In essence, the method used in
volves the “ labeling” o: the molecule with deuterium at 
the carbonium ion site and then comparing the time of 
appearance of deuterium effects in the nmr and esr 
spectra. Since isotopic exchange processes are usually 
diffusion controlled,4 and since diffusion on a surface 
may be quite slow under some conditions,5 one might 
expect that this magnetic resonance approach may be of 
general applicability ir_ the study of heterogeneous sys
tems, and hence deserves further consideration in this 
respect. A limited num oer of studies6 on other types of 
catalyst has thus far shown this expectation to be true.

Results
The esr and nmr spectra obtained from samples with 

varying concentrations c f anthracene in contact with a 
silica-alumina catalyst are shown in Figure 1. These 
spectra were recorded with standard Varian esr and 
nmr spectrometers. The nmr spectra were calibrated 
by using a coaxial cell, the inner tube of which contained

(1) G. M. Muha, J. Phys. Chen., 71, 633 (1967).
(2) G. M. Muha, ibid., 71, 640 (1967).
(3) For example, see the summary of arguments pertaining to the 
various aspects of this questior given by A E. Hirschler, J. Catal., 5, 
390 (1966), and W. K. Hall and R. P. Porter, ibid., 5,544 (1966).
(4) V. Gold in “ Friedel-Crafts and Related Reactions,”  Vol. II, 
Part II, G. A. Olah, Ed., Interscience Publishers, Inc., New York, 
N. Y., 1964, p 1253.
(5) J. H. DeBoer, “The Dynamical Character of Adsorption,” Ox
ford University Press, London, 1953, Chapter VI.
(6) G. M. Muha, unpublished results.
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Figure 1. Typical resolution obtained in the X-band esr 
spectra (left column) and the corresponding 100 MHz nmr 
spectra (right column) as a function of the concentration ratio 
R. The spectrometer power level and amplifier gain vary 
among the different spectra, hence sensitivities 
are not directly comparable.

tetramethylsilane (TMS). The catalyst and aromatic 
solutions were prepared as described previously.1 Car
bon disulfide was used as a solvent for all work reported 
here.

The aromatic hydrocarbon concentration is reported 
in terms of the ratio (R) of the number of diamagnetic 
species (D) to numbers of paramagnetic radical cations 
(P) normalized to a unit weight of catalyst. This 
variable was chosen because in the concentration range 
used, the catalyst is saturated in its radical generating 
capacity2 and hence P — 1.8 X 1017 spins/g. This 
value of P  was determined in an independent experi
ment using standard techniques.1,7

At the two highest values of R that are shown in 
Figure 1, both electron-exchange narrowing in the esr 
spectrum and line broadening in the nmr spectrum are 
evident. These line-width effects are diminished at the 
lower three concentrations; indeed as discussed below, 
the nmr line widths are essentially constant provided 
that electron-exchange narrowing is absent in the esr 
spectrum.

It is easily demonstrated that the nmr spectra shown 
in Figure 1 arise from molecules at the surface rather 
than in the bulk of solution by adjusting the insertion 
depth of the sample tube into the receiver coil. Thus 
the spectrum from either the catalyst slurry (which set-

Figure 2. 100-MHz spectrum of anthracene adsorbed on the
catalyst (top) and in the supernatant liquid (bottom). The 
two spectra are obtained on the same sample by adjusting 
the depth of insertion of the sample tube into the receiver 
coil. Relative sensitivities cannot be judged directly from 
these spectra, for the rf power and amplifier gain vary for 
the two cases.

ties to the bottom portion of the tube) or the superna
tant liquid can be recorded. The results (Figure 2) are 
so markedly different that there can be little doubt that 
the contribution from aromatic molecules in the bulk 
solution phase makes a negligible contribution to the 
nmr spectra shown in Figure 1.

This same technique of manipulating the insertion 
depth of the sample tube allows a measurement of the 
relative integrated nmr intensities of the adsorbed and 
solution phases by comparison with a signal from a 
cyclohexane reference included in the TMS capillary. 
Thus it is found that if electron-exchange effects are 
absent in the esr spectrum, the intensity of the signal 
from the adsorbed phase is roughly proportional to that 
from the solution phase, the proportionality constant 
being of the order of 0.1.8,9

The loss of resolution in the nmr spectrum (Figure 1) 
is a reversible phenomenon in the sense that varying the 
value of R for a given sample (e.g., by adding solid 
aromatic or decanting the supernatant liquid and re
placing it with a solution of lower aromatic concentra
tion) causes the spectrum to change in the expected 
fashion. Thus in this respect, these nmr results parallel 
a similar reversible behavior observed in the esr spec
trum.2

Before discussing the spectra obtained when deuter- 
ated samples are used, it is useful to summarize certain

(7) The actual weight of the catalyst used is chosen between 0.1 g 
and 0.3 g depending on the desired radical concentration. The 
concentration of the diamagnetic species is then adjusted by varying 
the volume (usually 1.00 ml) and the molarity of the aromatic solu
tion (5 X 10 ~3 M to 1 M). The choice of weight and volume are not 
entirely independent for the resulting mass must fit into a coaxial nmr 
sample tube.
(8) The nature of the present work does not require high accuracy in 
the measurement of this constant and only an approximate value is 
quoted. However, by using precision-bore coaxial cells and taking 
sufficient care in experimental technique (particularly with regard to 
saturation), the nmr method could be conveniently expanded to mea
sure adsorption isotherms of single or multicomponent solution-solid 
systems. In this connection, see further remarks in the next footnote 
reference.
(9) G. M. Muha and D. J. C. Yates, J. Chem. Phys., 49, 5073 (1968).
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Figure 3. Time development of the X-band esr spectrum 
(left column) and corresponding 100-MHz nmr spectrum (right 
column) for perdeuterioanthracene adsorbed on silica-alumina 
with R =  260. The first proton effects are observed within 
1.5 min in the nmr spectrum (A) but not for 3.5 min 
in the esr spectrum (see text). The bottom spectrum (D) 
is the typical result obtained in a control experiment using a 
deuterated surface as well as perdeuterioanthracene in the 
sample preparation.

of the results reported in II. Specifically, it was shown 
that (a) isotopic exchange effects are not a part of 
radical cation formation, (b) the source of hydrogen in
volved in the chemical exchange is the silica-alumina 
surface, and (c) there is no direct exchange interaction 
between the carbonium ion and the radical cation. 
These three results suggest the form of the experiment 
to be undertaken and are necessary in developing an 
understanding of the results obtained.

If perdeuterioanthracene is used as a starting material, 
it is possible to follow the appearance of hydrogen in the 
nmr spectrum and compare this result with the length 
of time required for the appearance of proton hyperfine 
structure in the esr spectrum of the radical cation. A 
typical spectrum obtained using this approach is shown 
in Figure 3A. Note that the fact that a proton nmr 
spectrum is observed necessarily implies that by some 
mechanism, a hydrogen has been exchanged between 
the surface and a neutral molecule; the absence of any 
corresponding hyperfine structure in the esr spectrum 
implies that the exchange reaction involving the radical 
cation has not yet occurred and hence must proceed at 
a slower rate than that involving the neutral mole
cules.10

To eliminate the possibility that the proton spectrum 
may arise directly from the surface proton or from an 
impurity, a control experiment using a deuterated sur
face as well as perdeuterioanthracene was run. The

absence of any nmr spectrum in this case (Figure 3D) 
demonstrates the correctness of the assertions in the 
preceding paragraph as well as furnishing a second 
independent proof that the source of hydrogen for 
isotopic exchange is the silica-alumina surface.

It is possible to verify these results by starting with a 
deuterated surface,2 adding anthracene, C14H10, and 
observing the disappearance of proton effects in the esr 
and nmr spectra. Such experiments were carried out 
and the expected results were obtained. However, the 
spectra obtained in this case are quite complicated and 
hence more troublesome to assign.11

By waiting a sufficient length of time, the proton 
hyperfine effects are, of course, observed in the esr spec
trum provided that R is low enough so that electron 
exchange effects do not interfere with the spectral 
resolution. If electron exchange effects dominate, no 
definite statement can be made concerning the relative 
chemical exchange rates.

The time development of the isotopic exchange is 
shown in Figure 3C which corresponds to a rerun, 17 
hr later, of the sample used to obtain Figure 3A. The 
general appearance of both the esr and nmr spectra 
suggest that complete protodedeuteration has occurred. 
However, the integrated area in the nmr spectrum in
dicates an average composition of approximately 
Ci4H8D2; hence, the exchange is not complete. Since 
the deuterium is expected to be statistically distributed 
among the various ring positions, the overall effect on 
the nmr and esr spectra is small and hence easily over
looked upon cursory examination.12

The failure to obtain isotopic exchange in the nmr 
spectrum is understandable in terms of the stoichiom
etry of the system.12 For the sample size used, the 
total available surface hydrogen is ~ 1 0 20 atoms. A 
total of 5 X 1018 aromatic species are present; hence 
5 X  1019 hydrogen atoms are required for complete 
chemical exchange. Since a distribution in deuterium 
among the various species and surface sites is expected, 
complete chemical exchange is not possible.

It has not been possible to make quantitative mea
surements of the chemical exchange rates in the experi
ments described, for even in the most favorable cases,

(10) At the value of R for this particular experiment, the esr spectrum 
is expected to show a hyperfine triplet if nmr and esr exchange effects 
were observed simultaneously. For the expected spectrum and fur
ther discussion see II, especially Figure 5.
(11) For an example of a typical esr spectrum obtained, see Figure 2e 
in II.
(12) W. K. Hall in a private communication to the author (1967) 
noted that, based on stoichiometric considerations, some of the con
clusions in II concerning the complete isotopic exchange of the radical 
cation must necessarily be incorrect. The experimental technique 
used by the author to establish the conclusion was difficult (see foot
note 24 in II) and certainly contributed to the error; also failure to 
pay sufficient attention to small observable difference in the esr spec
tra was a contributing factor. The present result bears out the con
tention by Hall. Hence the conclusion in II concerning the complete
ness of isotopic exchange requires revision. This partial invalidation 
does not affect any of the other conclusions in the paper.
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the first steps in the isotopic exchange are completed 
within 2 or 3 min after the sample is prepared. 
An appreciable fraction of this time is required to lock 
the spectrometer mode of operation and to sweep 
through the spectrum.

Discussion

The most important result obtained from the present 
work arises from the demonstration that the neutral 
molecules undergo isotopic exchange more rapidly than 
radical cations. This result is consistent with the 
hypotheses offered in II concerning a carbonium ion as a 
kinetic intermediate in the isotopic exchange process, 
but clearly does not constitute a proof. Questions 
concerning the sensitivity of the detection scheme used 
and the complications introduced by surface diffusion 
effects render definite conclusions concerning precise 
details of the kinetic mechanism involved too hazard
ous.13 Also a mechanism based on electron-accepting 
acidic sites14 could be suggested.13 Hence, further 
consideration of the difference between one-electron and 
two-electron transfer reaction on the silica-alumina 
surface15 is not warranted at this time.13 Neverthe
less, the net effect of the various exchanges processes 
involved is clear.

The overall process involved is depicted in Figure 4. 
In this diagram, dotted lines indicate interaction spe
cifically ruled out by experimental evidence; solid lines 
indicate the overall pathway for hydrogen transfer from 
the surface to the radical cation. The diagram is not 
meant to imply a mechanism in the kinetic sense, for the 
magnetic resonance technique, as practiced here, only 
permits observation of the relative long-lived species 
present.

In this figure, the step involving the carbonium ion 
has not been directly observed by a magnetic resonance 
method. The evidence for the inclusion of this step2 
rests upon a wide range of chemical studies of acidic 
systems,4•16 including silica-alumina.17 The presence of 
the carbonium ion on silica-alumina has, of course, been 
directly verified by optical spectroscopy;18 the inability 
to observe the species in the present nmr work19 pre
sumably arises because the line is too broad (e.g., due to 
a short lifetime) or may be obscured by other more in
tense lines due to the adsorbed neutral molecules.

The possibility of observing different exchange rates 
with radical cations and neutral molecules may arise 
because the isotopic exchange phenomena is a diffusion- 
controlled process.4 In a homogeneous system, the 
exchange rates are expected to be much faster since 
mutual diffusion of the two species involved is possible. 
On a catalyst surface a slower rate is expected since the 
charged species are restricted to the vicinity of the sur
face where the immobile counterion is located. Hence 
isotopic exchange in this case necessarily involves diffu
sion to and from the surface or across the surface by the 
neutral molecules.

Figure 4. Diagram illustrating the pathway for transfer of 
surface hydrogen the anthracene radical cation. The symbol 
( —) represents the conjugate base of the acid surface site; 
the symbol E -  represents the electrophilic surface site.
Dotted lines indicate interactions specifically ruled out by 
experimental evidence. For clarity, dotted lines between the 
solvent and the neutral and paramagnetic species are omitted.

In this connection, simple calculations are quite in
structive concerning the state of affairs on the surface. 
The silica-alumina catalyst used has a surface area of 
~300 m2/g . If the radical cations are uniformly dis
tributed over the surface, the interradical distance is °
~400 A. There is no evidence of spin exchange,2 
hence these sites are independent. From the concentra
tion data included in Figure 1, and assuming the specific

o

area20 of an anthracene molecule is 54 A2, the intermo- 
lecular distance corresponding to the onset of electron 
exchange is ~ 8  A, if it is assumed that all the diamag
netic molecules are adsorbed on the surface. How
ever, as noted in connection with Figure 2, only approxi
mately 10% are adsorbed; hence the corresponding 
intermolecular distance is ~  26 A. For comparison, 
consider a homogeneous system involving free radicals 
in solution. In this case, to avoid electron exchange 
effects, solution concentrations of the order of 10~SM or 
less are usually used, a concentration which corresponds

(13) The writer is indebted to the reviewers of the original version of 
the manuscript for helpful criticisms and suggestions in this regard.
(14) A. E. Hirschler, J. Catal., 5, 196 (1966).
(15) B. D. Flockhart and R. C. Pink, ibid., 8, 293 (1967).
(16) A. I. Shatenshtein, “ Isotopic Exchange and the Replacement of 
Hydrogen in Organic Compounds,” Consultants Bureau, New York, 
N. Y „ 1962, Chapter 2.
(17) Cf. H. H. Voge in “ Catalysis,” Vol. 6, P. P. Emmett, Ed., 
Reinhold Publishing Corp., New York, N. Y., 1958, p 407.
(18) W. K. Hall, J. Catal., 1, 53 (1962); D. M. Brouwer, ibid., 1, 372 
(1962).
(19) For example of typical nmr spectra of carbonium ions see: C. 
Mac Lean, J. H. van der Waals, and E. L. Mackor, Mol. Phys., 1, 247 
(1958); H. H. Perhampus and E. Baumgarten, Angew. Chem., 3, 
776 (1964).
(20) Value estimated from bond angles and bond distances; see A. I. 
Kitargorodskii, “ Organic Chemical Crystallography,” Consultants 
Bureau, New York, N. Y., 1961, p 420.
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to an interradical distance of 22 k. By analogy with 
the solution case then, a diffusion-controlled situation in 
the case of silica-alumina is consistent with the concen
trations involved.

The observed nmr line width dependence also sup
ports this explanation. As seen in Figure 1, the line 
widths are essentially constant when electron exchange 
effects are absent. T2 is of the order of 20 msec, a 
value comparable to that found for olefins9 and aromatic 
hydrocarbons21 adsorbed on other types of surfaces on 
which paramagnetic species are not present. Hence it 
can be argued that at low values of R, the adsorbed 
species are sufficiently far apart so that any contribution 
to T2 in the nmr spectrum due to the presence of para
magnetic cations is negligible compared to that due to 
the interaction between the molecule and the surface. 
When electron exchange effects dominate, the situation 
becomes more complicated, for then an additional con
tribution to T2 dependent on surface coverage is also 
observed.6,21,22

The argument offered in the preceding paragraph 
would only be valid if the line-width effects that are 
observed are reversible with changes in the aromatic 
concentration. This reversible behavior has been noted 
in the preceding section.

The observed difference in the isotopic exchange rate 
for the radical cations and the neutral molecules also 
explains an observation in II that was not previously 
understood. Namely, in the protodedeuteration of the 
radical cation, it is found that the first hyperfine effects 
observed in the esr spectrum always corresponds to the 
exchange of two hydrogens into the ring.10 Based on 
the evidence presented above, the explanation simply 
requires that, at the concentrations used in the experi
ment, the differences in the isotopic exchange rates are 
such that both meso positions in the neutral molecules 
are exchanged before the first interaction (i.e., electron 
exchange) between the radical cation and the neutral 
molecule.

We have at present no explanation as to why the 
diffusion processes involving radical cations are slower 
than those involving carbonium ions. Since isotopic 
exchange involves the net transfer of an electron in one

case and a proton in the other, no serious kinetic barriers 
are expected. The observed difference in behavior 
may reflect some peculiarity of the surface site involved, 
e.g., the redox site may be less accessible than the acid 
site. Clearly, further information on the nature of the 
counterion involved and a direct means of observing the 
carbonium ion reactions are necessary before further 
comment on this question is possible.

In this connection, we have expended considerable 
effort in this laboratory _n the study of the adsorption of
9,10-dihydroanthracene on silica-alumina. The partic
ular interest in this compound arises because in the 
neutral molecule both sites for the formation of a stable 
carbonium ion are initially blocked, while to form the 
oxidized product (which is the anthracene radical 
cation2) two hydrogen atoms must be rejected to the 
surface or to other chemical species present. Thus the 
formation of either the carbonium ion or the radical 
involves the net transfer of at least one hydrogen.

Unfortunately, in the work to date, neither the esr2 
nor the nmr spectrum6 has proved illuminating. Since 
the system turns an orange color upon addition of the 
hydrocarbon to the catalyst, while under similar circum
stances the addition of anthracene results in a green 
color, a study using optical spectroscopy may be useful. 
This experimental approach has not been undertaken.

Finally, we note that the magnetic resonance tech
nique offers a method for measuring the rate constants 
for the exchange reactions involved as well as a means 
(in favorable cases) of identifying the reaction inter
mediates.23 To accomplish this however, will require 
improvements in sample handling techniques and in
strumentation. We aie attempting to pursue this 
approach at present.
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(23) Cf. E. De Boer and H Van Willigen in “ Progress in NMR 
Spectroscopy,”  Vol. 2, J. W. Ernbley, J. Feeney, and L. H. Sutcliffe, 
Ed., Pergamon Press, Long Island City, N. Y., 1967, p 111.
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Interactions between Surface Hydroxyl Groups and Adsorbed 

Molecules. I. The Thermodynamics of Benzene Adsorption

by J. A. Cusumano and M . J. D. Low

Departm ent o f  Chem istry, N ew  Y ork University, N ew  York, N ew  Y ork  101,63 (Received January 20, 1969)

Isotherms of benzene adsorption on porous glass were measured with a recording vacuum microbalance. Heats 
of adsorption and entropies derived from the data were compared with theoretical values computed for mobile 
and immobile adsorption. The thermodynamic considerations suggest a model for which benzene molecules 
are localized and quite strongly bound at low degrees of coverage. The benzene molecules become mobile as 
the coverage is increased, the adsorbed benzene molecule lying flat with the plane of the ring parallel to the sur
face and rotating freely in the ring plane. Filling of the micropore structure begins at 6 «  0.6, increasing inter
action between adsorbate molecules hindering some of the motion of adsorbed benzene.

Introduction

It is widely recognized that hydroxyl groups play an 
important role in determining the properties of silica 
surfaces, and consequently much work has been done to 
characterize the nature, number, and distribution of the 
hydroxy] groups themselves.1-3 Gas adsorption 
studies have had a prominent role in such work, partly 
because in recent years it has been possible to obtain 
direct information not only about the amount and rate 
of gas take-up per se, but also about the influence of 
adsorbate and adsorbent upon each other. The 
adsorption of cyclic aromatics would appear to be of 
special interest for this purpose because the 7r-electron 
density, and hence the reactivity, of the adsorbate can 
be varied over an extended range. Using suitable 
techniques to measure the adsorbate-adsorbent interac
tion, the aromatic adsorbate could be taken as a variable 
probe of molecular dimensions.

There have been a number of studies concerned with 
the adsorption of aromatics on pure silicas.4-12 In
frared spectroscopic9’11 or gravimetric6-8’12 methods 
were employed, but these two complementary tech
niques were rarely4 ’6 used together. The adsorptions of 
various aromatics on porous glasses have also been 
examined13-21 (much of the work was reviewed by 
Little1), but these studies were not at all extensive. 
Much of the infrared work was carried out in the over
tone region and, as pointed out by Kiselev and Lygin,22 
consequently is of limited utility. Also, the modifying 
effects of boria and other contaminants on the prop
erties23 of the porous glass were not then known, and 
much of the work can be considered inadequate with 
respect to sample preparation and spectrometric tech
niques.

Although the number of studies dealing with the 
adsorption of aromatics on siliceous surfaces is rela
tively large, additional information is desirable. We 
have therefore carried out detailed studies, using both

gravimetric and infrared techniques, of the interactions 
of cyclic aromatics with highly degassed porous glass 
surfaces with the intent of providing qualitative and

(1) L. H. Little, “ Infrared Spectra of Adsorbed Species,” Academic 
Press, New York, N. Y., 1966.
(2) E. A. Hauser, “ Silica Science,” D. Van Nostrand and Co., Inc., 
Princeton, N. J., 1953.
(3) W. Eitel, “ The Physical Chemistry of Silicates,” University of 
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quantitative information about the tr-OH interaction. 
Specifically, part I of the present series of three papers is 
concerned with a detailed analysis of the thermodynam
ics of the adsorption of benzene on porous glass. Part 
II considers the same adsorbate-adsorbent system from 
the point of view of detailed infrared spectroscopic 
measurements. The results of additional, extensive 
gravimetric and spectroscopic measurements for the 
adsorption of a variety of suitably substituted benzenes, 
as well as the mechanism of the 7T-OH interaction, are 
taken up in part III.

Experimental Section

Spectral grade benzene (Matheson Coleman and Bell) 
was triply distilled in vacuo over P2O5. Water used for 
hydroxylation was doubly distilled in vacuo. Both 
benzene and water were freed from gas by freeze-pump- 
thaw cycles. Oxygen was prepared by the thermal 
decomposition of K M n04 in vacuo. The adsorbent 
specimens were 1 X 2-cm pieces of a 1-mm thick sheet 
of Corning Code 7930 porous glass. Prior to adsorption 
experiments, a sample was alternately degassed and 
hydroxylated at 700° seven or eight times in order to 
obtain a reproducible surface. The sample was then 
subjected to the following “ standard”  treatment: (a)
heating in 100 Torr of oxygen at 600° for 4 hr; (b) de
gassing at 700° for 1 hr; (c) exposure to 4 Torr of water 
vapor at 25° for 0.75 hr; (d) degassing for 12 hr at 500 
or 750°; (e) cooling in vacuo to the temperature at which 
the adsorption isotherm was to be measured.

A Cahn RG recording vacuum microbalance (1 p.g 
sensitivity, modified by the manufacturer for use with 
acetone and other condensable vapors) was used in 
conjunction with a conventional vacuum system 
capable of producing a dynamic vacuum of better than 
10 “ 6 Torr. Sections of the system exposed to the 
adsorbates were fitted with Teflon high-vacuum stop
cocks. The sample was suspended from the balance 
beam by quartz fibers. During an adsorption experi
ment the sample temperature was controlled to ±0.5° 
by immersing the sample “ leg”  in a thermostat. A 
calibrated iron-core, Nichrome-wound furnace held the 
temperature to ± 5 °  during the degassing steps.

The gravimetric work showed (a) that benzene 
adsorption on a sample which had been subjected to the 
standard treatment was reversible and reproducible; 
(b) reproducible results were obtained after a sample 
had been subjected to several adsorption-desorption- 
standard treatment cycles; and (c) identical isotherms 
were obtained with different samples which had been 
subjected to the same standard treatment. The 
infrared work, which will be described in part II, 
showed that the optical density and integrated area 
data for the bands of the surface hydroxyl groups were 
reproducible, i.e., samples having the same surface 
hydroxyl group concentrations could be prepared by 
means of the standard treatment. Also, a series of

Figure 1. Adsorption isotherms. A, adsorption-desorption 
isotherm at 31.5°, sample degassed at 750°; B and C, 
isotherms at 42°, samples degassed at 500° (B) or 750° (C).

experiments was carried out with the pure silica, 
Cab-O-Sil (G. Cabot Co., Boston, Mass.), using the 
above standard treatment. As with porous glass, 
the results obtained with Cab-O-Sil were reproducible, 
suggesting that the standard treatment was effective in 
permitting the preparation of reproducible surfaces.

Experiments and Results

Isotherms. Porous glass samples which had been 
subjected to a final degassing of 500 or 750° were 
prepared. Benzene adsorption-desorption isotherms 
were measured at each of three temperatures with each 
type of sample. The pic ts of Figure 1 are characteristic 
of the type of data obtained. The adsorption was 
entirely reversible, the amounts of benzene adsorbing at 
any particular relative pressure, P/Po, decreasing with 
increasing adsorption temperature, as expected. In
dividual isotherms exhibited Brunauer Type IV 
behavior;24 e.g., plot A Figure 1. The samples de
gassed at 500° adsorbed somewhat more benzene than 
those subjected to more severe dehydroxylation by the 
750° degassing; e.g., plots B, C, Figure 1. As the re
sults obtained with the two types of samples were 
similar, only the data obtained with the 750° sample 
will be considered.

The area of the adsorbed benzene molecule has 
previously been taken to be 32.3 A2, 26a 40 A2, 26b 41 A2 250 
but more generally as ^2 A2,7'16'26d~f so that it seems 
difficult to choose the best value. However, if the 
BET26 method is applied to our adsorption data,

(24) S. Brunauer, “ The Adsorption of Gases and Vapours,”  Claren
don Press, Oxford, 1945.
(25) (a) H. K. Livingston, ,/. Colloid Set., 4, 447 (1949); (b) A. V. 
Kiselev and V. I. Lygin, Collo'id J. USSR, 23, 478 (1961); (c) P. G. 
Menon and P. Ramamurthy, Kolloid-Z. Z. Polym. 206, 159 (1965); 
(d) J . Smith, R. Pierce, and B Cordes, J. Amer. Chem. Soc., 72, 5595 
(1950); (e) J .  M. Thorp and J . B. Woulf, Trans. Faraday Soc., 63, 
2068 (1967); (f) ref 29, p 255.
(26) S. Brunauer, P. H. Emm 3tt, and E. Teller, ./. Amer. Chem. Soc., 
60, 309 (1938).
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Figure 2. Surface coverage vs. relative pressure. The 
apparent surface coverage 6  for adsorption at 32° as function 
of the relative pressure; the sample was degassed at 750°.

monolayer coverage occurred at 5.13 X 10-4 mol of 
benzene/g of sample. The nitrogen BET surface area 
of the samples was 135 m2/g. Then, assuming a cross- 
sectional area of the benzene molecule of 42 A2 for 
benzene lying “ flat”  on the surface (other data including 
the spectra of part II show this configuration to be the 
most probable one), the theoretical monolayer (0 — 1) 
is estimated to occur at a surface concentration of
5.33 X 10-4 mol of benzene/g of sample (0 is the con
ventional fractional surface coverage). The choice of 
42 A2 would thus seem reasonable. It should be noted 
that, as shown in Figure 2, the amount of benzene ad
sorbed was almost a linear function of P/Po up to the 
monolayer point.

Experimental Thermodynamic Functions. The meth
ods of de Boer27 were used to estimate the thermody
namic functions from the adsorption data. For these 
calculations, the adsorbate gas phase at a pressure of 
760 Torr was chosen as the initial standard state. 
Corresponding values for the equilibrium pressures 
Pi and Pi relative to the same degree of surface coverage 
were then selected from isotherms obtained at tempera
tures Ti and T2. The isothermal change in the Gibbs 
free energy, A6/, in going from the three-dimensional 
gas standard state at a pressure P° of 760 Torr to the 
adsorbed state with equilibrium pressure Pi at tem
perature Ti, is given by AG/ =  — RT, In (P°/P1) . The 
value of AG2 was calculated in a similar manner. Val
ues of the differential heat of adsorption, AH&, were 
obtained from the temperature variation of the adsor
bate vapor pressure at constant coverage, and those of 
the molar differential entropy of adsorption, ASa, were 
then obtained from the relation AG/ =  AH& — TiASa. 
The values of these functions and their relations are 
shown in Figure 3.

Experimental AS,, Values for Two Limiting Models. 
In considering the thermodynamic aspects of a gas-

Figure 3. Thermodynamic functions. H indicates the surface 
coverage at which adsorption hysteresis begins; 750°-degassed 
sample. The values for liquid benzene are also shown.

solid interaction, it is frequently beneficial to compare 
the experimentally derived values of the adsorption 
entropy with theoretical values for both mobile and 
immobile adsorption. To permit the comparison with 
the two limiting models to be made, it is necessary that 
identical initial and final standard states be used in 
both sets of data. In the present work, the adsorbed 
state at half-monolayer coverage was arbitrarily but 
conveniently chosen as the adsorbed standard state for 
the immobile model, and that state which corresponds 
to a distribution of the adsorbate on the surface with an 
intermolecular distance equal to that of the three-dimen
sional gas phase at 0° and 760 Torr was chosen as the 
adsorbed standard state for the mobile model. The 
experimental entropy changes in going from the initial 
standard state (gas phase, 760 Torr) to the adsorbed 
standard state are,27 then

— AS°je = —AS -  R In [0/(1 -  0)]
(immobile model) (1) 

— AS°mc — — AS — R In [A0/A] (mobile model) (2)

where AS is the entropy of adsorption derived from the 
isotherm data. Values of A, the area available to each 
molecule at a given surface coverage 0, could readily be 
obtained from the surface area, cross section, and 0. 
The value of A°, the area available to each molecule in

(27) J. H . de Boer and S. Kruyer, Proc. Koninkl. Ned. Akad. Wetten- schap, 55,451 (1952); ibid., 56, 67 (1953); ibid., 56 ,238 (1953); ibid., 57, 92 (1954); ibid., 58, 61 (1955); ibid., 65, 17 (1961).
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the adsorbed standard state for the mobile model, was 
obtained by applying the two-dimensional equation of 
state, FA = kT, to the standard-state conditions. The 
average distance between gaseous benzene molecules at 
0° and 760 Torr is 3.339 X 10-7 cm, so that

F° =  kT/A° =  0.338 dyn/cm

and the standard molecular area is 4.08T X 10~16 cm2, 
T being taken as the average of the two isotherm tem
peratures. In the present study, A° =  1.265 X 10-13 
cm2. Figure 4 shows the values of the experimental 
entropy changes, obtained by means of eq 1 and 2, as 
functions of coverage.

Theoretical ASa Values for Two Limiting Models. 
The theoretical value of the entropy of adsorption for 
the immobile model is given by

— AS0 it =  gS°tr +  gS°rot +  gS°vib +  gS0Ivib —
aS°config — a<S°rot — a<S01vib _  a'S°vib (3)

and for the mobile model, by

— AS°mt =  gS°tr +  gS°rot +  gfS’ vib +  gS0Ivib —
aS°tr -  aS°rot ~  a-S°vib' -  aS01vib (4)

where the subscripts g and a signify gas and adsorbed 
state, respectively, and the superscript 0 signifies the 
standard state. Also, tr stands for translation, rot for 
rotation, config for configuration, and vib for vibration. 
Concerning the vibrational contributions, the super
script (01) refers to the internal modes, whereas (°) 
refers to the symmetrical vibrations of the entire 
adsorbed molecule with respect to the surface plane. 
The assumption is made that gS01Vib = aS0IVib, i.e., that 
adsorption does not affect the internal vibrations of the 
benzene molecule. That assumption is not unreason
able, because infrared spectra showed (part II) that the 
perturbation of the C -C  and C-H  stretching modes 
caused by adsorption was very small. All entropies 
were calculated for the mean of two isotherm temper
atures.

Each of the contributions to the total entropy change 
was calculated using the ensemble approach of statis
tical mechanics where the general expression relating 
the partition function Q of a system to its entropy can 
be shown to b e 28

S = kT(b In Q/bT)vm +  k In Q (5)

The partition functions were calculated by conventional 
techniques,28 and found to be

gQtr =  [<W(E nii)kT/h2]'/2V° (6)
' %

aQtr = [2tt(E  mi)fcTA2]LAA° (7)
i

gQrot =  —  [87r3(JA/ 7 2B)v ,f c T A 2],/> (8 )
7T <T

aQrot =  —  [8*3(1 A)kT/h*]l/' (9)7T(T
(for one axis of rotation)

aQrot =  —  [8*3(1 J ^ k T / h * ]  (10)7Td
(for two axes of rotation)

aQvib = exp[—hv/2kT]/[l — exp(—hv/kT)] (11)

In these equations V° is the volume of a mole of gaseous 
benzene, LA is Avogadr Js number, I A and I B are molec
ular moments of inertia, a is the symmetry number, 
and the rest of the symbols have their usual meaning. 
v in eq 11 was taken to be 135 cm-1 as suggested by 
Ron, et al.16 The application of eq 5 to eq 6-11 
gives the final expressions

gS°tT = R la [M'hTth) -  2.30 (12)

8<S°tr =  2/3g5ctr +  1.52 log T -  2.38 (13)

gS°rot =  R{In (1 /™ ) [8*3(1 AP s)'/3kT/h2]^  +  8/ 2} (14)

aS°rot =  « { in  (1 / * c )  [8*3(1 A)kT/h2]'^ +  »/,} (15)

aS°rot =  « { in  (1/cr)[83(LA7B)'/2fcT//i2] +  1} (16)

aS°vib =  R{(hv/kT)[exp(hv/kT) -  l ] - 1 -
In [1 — exp (—hv/kT)]} (17)

a*S°config was calculated from Boltzmann’s equation, 
S = k In W, where W = M\/N\(M — N) \ for M  sites 
and N molecules. By bhe usual statistical techniques 
this leads to

aS°config =  - « I n  [6/(1 -  0)] (18)

The theoretical entropy changes for the two limiting 
physical models in their standard states were calculated 
using eq 12-17; the values are given in Table I.

Table I  : Theoretical Contributions to the Entropy of 
Adsorption by Various Degrees of Freedom

Immobile model Mobile model
Entropy mode (eu) (eu)

gS°tr 3 9 .2 3 9 .3
gS°r„t 20.1 2 0 .9

ÇJOa*-> config 
- aS°tr

0.1
- 2 9 . 6 “

a$°vib - 3 . ) - 3 . 0
-a8°rot - 4 . )  ( - 1 1 . 1 ) “ - 4 . 0  ( - 1 1 . 1)1

- A  S°t 5 3 .2  (4 2 .1 )° 2 3 .6  (1 2 .5)6

a  The theoretical integral and differential entropy terms are of 
equal value for the immobile model, but — aS°tr differs by R  for 
the mobile model. To permit comparison with experimental 
values, which are differential ones, — aS°b has been corrected and 
all terms in the table can be taken as differential entropies. 
b Values in parentheses refer to two modes of surface rotation as 
described by eq 16.

(28) T . L. Hill, “ Introduction to Statistical Therm odynam ics,”  Addi
son Wesley, New York, N . Y ., 1962, p 19.
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Figure 4. Entropy changes. Experimental entropy changes 
estimated for immobile (AiS°ie) and mobile (AS°me) surface 
species; 750°-degassed sample.

Discussion
The hysteresis loops observed are of the general type 

E of de Boer’s classification29 and could be caused by 
the presence of tubular capillaries with short necks 
and wide, sloping bodies or by chains of similar pores 
which would form longer tubular capillaries having 
wide parts of various radii. However, as pointed out 
by de Boer,29 type E loops could be caused by other pore 
assemblies, and the sloping part of the desorption 
branch in the low-pressure region (e.g., ~40-20 Torr of 
trace A, Figure 1) suggests that a group of pores of 
widely varying neck dimensions makes a minor con
tribution to loops such as that shown in Figure 1. In 
view of the nature of the adsorbent and its method of 
manufacture, however, it is not unlikely that the ma
jority of the pores active in benzene adsorption are of 
shape-group XV, i.e., tubular capillaries with widened 
parts, shaped much like a string of uneven-sized beads. 
Such an interpretation is compatible with a model of 
porous glass as a random packing of approximately 
uniform spheres recently proposed by Cadenhead and 
Everett on the basis of benzene adsorption on heat- 
treated porous glass.30

The weak, reversible adsorption process itself is 
taken as a physical adsorption, in part caused by an 
interaction of the benzene with surface hydroxyls. The 
occurrence of this interaction is merely suggested by the 
decreased adsorption of the more dehydroxylated 750°- 
degassed samples—e.g., traces B, C, Figure 1—but is 
definitely established by the infrared data (part II). 
Multilayer formation and condensation occurred at 
the higher pressures, as indicated by the isotherms.

With increasing adsorption it is apparent that A //a 
and A&a values decreased rapidly and, after passing 
through a small maximum near 6 = 0.75, approached 
the values for pure liquid benzene (Figure 3). In 
judging the validity of these changes it should be noted 
than an error of ± 1 %  in the pressure measurements,

larger than the error normally experienced, would lead 
to a corresponding error of ±0.30 kcal/mol for A7/a and 
± 1  cal/mol deg for ASa. Such maxima in heats of 
adsorption have been observed previously, as with ben
zene adsorption on porous Aerosil.6 For example, 
Boulton, et al.,7 attributed a maximum in A //a for ben
zene adsorption on porous silica gel to a compression 
of the liquid within the filled pores resulting from a 
decrease in curvature of the menisci near saturation. 
In the present case, the A //a maximum near 9 =  0.75 
occurred near the onset of adsorption hysteresis (the 
broken line marked H in Figure 3), so that it seems 
probable that it was brought about by enhanced cooper
ative interactions of adsorbed benzene within the 
micropore system of the glass.

The behavior of A<Sa paralleled that of A //a. As 
might be expected, the entropy loss was very high at 
low degrees of coverage, indicating a high degree of 
localization of the adsorbate. ASa values decreased 
rapidly with increasing coverage, however, suggesting an 
increase in the mobility of the adsorbed benzene mole
cules. The A<Sa maximum near the onset of hysteresis 
can be explained by a change in molecular mobility 
caused by a variation in the degree of surface-adsorbate 
interaction in the pore system. Conversely, the Gibbs 
free energy A(?a decreased continuously with increasing 
coverage, no maximum arising because of compensation 
between the A //a and ASa terms of the free energy 
expression. Such compensation of enthalpy gain by 
entropy loss is well known for hydrogen-bonded sys
tems.31

Complementary to these interpretations is the fact 
that the maxima of the thermodynamic functions 
occurred at surface coverages at which there were 
distinct changes in the values of the various spectro
scopic parameters, e.g., frequencies and optical densities 
of the hydroxyl bands, and C-H band extinction coeffi
cients. Those changes, which have not been found with 
adsorption on nonporous silicas, will be considered in 
part II. In contrast to the behavior found with the 
present porous adsorbent, AHa and A<S'a values have 
been found to decrease monotonically with increasing 
coverage for adsorption on nonporous systems as, for 
example, with Kiselev’s32 data on the adsorption of 
benzene on nonporous Aerosil silica.

Comparison of the experimental and theoretical 
entropy values estimated for the mobile and immobile 
models provides further information about the adsorbed 
benzene, although, as pointed out by Everett,33 the

(29) J. H. de Boer, in “ The Structure and Properties of Porous 
M aterials,”  Vol. X , Colston Papers, D . H . Everett and F. S. Stone, 
Ed., Butterworth and Co., Ltd., London, 1958, p 68 ff.
(30) D . A . Cadenhead and D. H . Everett, J. Phys. Chem., 72, 3201 
(1968).
(31) G. C. Pimentel and A. L. M cClellan, “ The H ydrogen B on d ,”  
W . H. Freeman and Co., San Francisco, Calif., 1960, p 220.
(32) A . V. Kiselev and D . P. Poshkus, Dokl. Akad. Nauk SSSR, 120, 
834 (1958).
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difficulties in differentiating between mobile and im
mobile adsorption are severe when complex molecules 
are adsorbed on very heterogeneous surfaces. How
ever, the good agreement between the gravimetric and 
infrared effects, i.e., the occurrence of maxima in the 
thermodynamic functions at the surface coverages at 
which distinct changes were observed in infrared spec
tra, suggests that some use can be made of the ther
modynamic treatment. The theoretical values of 53.2 
and 42.1 eu are much too high in comparison to the 
experimental value of 28.0 eu for an immobile species, 
and the theoretical value of 12.5 eu (for two modes of 
surface rotation) is too low for the mobile model (Figure 
4 and Table I). For the mobile model, however, the 
theoretical value of 23.6 eu, estimated on the basis of 
one degree of rotational freedom about an axis perpen
dicular to the surface and to the plane of the benzene 
molecule, is close to an experimental value of 22.6 eu 
(taken from Figure 4). The 1 eu difference can easily 
be accounted for by a small amount of additional libra- 
tional freedom and/or a small degree of vibration of the 
adsorbed molecule perpendicular to the surface, or by 
the 1 eu experimental error.

The mobile model is less suitable at coverages lower 
than 6 =  0.5. At 6 =  0.1, for example, — AS°h =  51.2 
eu, — AiS°ie •■= 52 eu, and — AiS°me =  43.4 eu, whereas 
— AS°mt =  23.6 or 12.5 eu, depending on the number of 
degrees of rotational freedom, so that the immobile 
model appears to provide a better description at low 
coverages.

The thermodynamic considerations therefore lead 
to the following model for the state of benzene adsorbed 
on hydroxylated porous glass. At low degrees of cov
erage the benzene molecules are localized and quite 
strongly bound, as suggested by the high enthalpy and 
entropy values. As the coverage is increased, the

benzene molecules become mobile, the adsorbed benzene 
molecule lying flat with the plane of the ring parallel 
to the surface and rotating freely in the ring plane. In 
diffusing over the surface, the spinning adsorbed mole
cule may move slightly ;oward and away from the sur
face and may occasionally have an additional 180° ro
tation, much like a flat stone skipping over water and 
occasionally flipping over onto its back. Filling of the 
micropore structure begins at 0 «  0.6, increasing inter
action between adsorbate molecules and hindering some 
of the motion of the adsorbed benzene.

The Frenkel equation34

r = T0 eKp(-AHJRT)

where r0 is of the order of 10~13 sec and r is the residence 
time of the adsorbed molecule, is also useful in consider
ing the present system. For benzene at low coverages, 
AHa «2 0  kcal/mol so that r «100  sec, the benzene ad
sorption approaching the behavior expected in a chemi
sorption. However, at increasing coverages, AH& falls 
rapidly to about 8 kcal/mol, at which point r «  10 ~8 sec. 
This change in residence times of over 10 orders of 
magnitude implies a change in adsorbate from a tightly 
bound to a quite loosely bound state. This is expected 
for a physical adsorption and is thus congruent with the 
model of adsorbed benzene based on the thermodynamic 
parameters.
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(34) J. H. de Boer, “ The Dynamical Character of Adsorption,” 
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Rotational Isomerism in Dichloroacetyl Halides

b y  A .  J .  W o o d w a r d  a n d  N e v i l l e  J o n a t h a n

Chemistry Department, The University, Southampton S09 5NH, England (Received September 10, 1969)

Infrared and Raman spectra are reported for the acid fluoride, chloride, and bromide derivatives of dichloroacetic 
acid. Data are given for vapor, liquid, and solid state spectra. It is concluded that two molecular forms exist 
in the vapor and liquid phases of the acid halides of which the more polar form is present in excess in the solid 
state. The enthalpy difference between these isomers has been measured for CHChCOCl and CHCl2COBr in 
the vapor phase and is less than 500 cal/mol in each case. The nature of the stable conformations is discussed 
with the help of (a) a vibrational analysis based on a Urey-Bradley potential function and (b) calculations of the 
conformational potential energy as a function of the internal rotation angle.

I n t r o d u c t i o n

Previous studies in this laboratory1'2 have shown that 
the monohaloacetyl halides exist as a mixture of two 
rotational isomers in the liquid and vapor states and 
that the more polar form is the only conformer present 
in the solid state. The present study has used the same 
techniques to investigate the dichloroacetyl halide series 
of compounds of which only the acid chloride has been 
studied previously.3

The object of the work was to establish the conforma
tions of the rotational isomers of each member of the 
series. In the previous study3 the enthalpy difference 
between the isomers of dichloroacetyl chloride was 
found to be about 200 cal/mol in the vapor phase, the 
less polar form being the more stable. We have at
tempted to make such measurements for the acid chlo
ride and the acid bromide in the vapor phase. Similar 
measurements were not attempted for the liquid phase 
since we believe such data have a limited value because 
the factors which influence stability in the liquid phase 
are not solely of an intramolecular nature. The data 
obtained for dichloroacetyl chloride are largely similar 
to those previously published, but are reproduced here 
for the sake of completeness.

E x p e r i m e n t a l  S e c t i o n

The three compounds were prepared as follows, all 
samples being fractionally distilled two or three times 
before use: (a) CHCl2COF (bp 70-72°; lit. bp 
71-72°4) by refluxing dichloroacetyl chloride with anti
mony trifluoride; (b) CHCl2COCl (bp 108°; lit. 
bp 107-107.503) by reaction of the parent acid and excess 
thionyl chloride in the presence of a trace of dimethyl- 
formamide; (c) CHCl2COBr (bp 125-128°; lit. 
bp. 125-129°6) by reaction of the acid with phosphorus 
tribromide.

Infrared spectra were recorded in the range 450-4000 
cm-1 using a Grubb-Parsons GS2A grating spectrometer 
and a Perkin-Elmer Model 225 spectrometer was used 
from 200 to 450 cm-1. Liquid Raman spectra were

measured with a Spex Raman spectrometer (Model 
1401) equipped with an argon ion laser.

Vapor phase spectra were recorded using a 10-cm gas 
cell equipped with potassium bromide windows. In 
order to determine enthalpy differences, an infrared 
band unique to each isomer was recorded three or four 
times at each of a number of different temperatures. 
The mean of the areas under the optical density curves 
was taken as the correct value of the absorbance for 
each band. The cell was heated by means of an exter
nal heating jacket, the temperature being controlled 
to ± 1 °  using an Ether 12-91 anticipatory controller 
and iron-constantan thermocouple.

Several techniques have been used to obtain solid 
spectra, viz., (a) formation of the solid either by cooling 
a liquid film or by condensing the appropriate vapor 
onto a cooled KBr or Csl plate, (b) variation of the rate 
of cooling of the liquid or vapor, and (c) “ annealing” 6 
the solid after its formation. It has, however, only 
been possible to reduce the spectrum of solid CHC12- 
COF to that due to a single conformation of the mole
cule. Spectra of the solid acid chloride and acid bro
mide show only a partial reduction in the bands due to 
the less stable isomer.

R e s u l t s

The spectral data for the three compounds are given 
in Table I together with suggested vibrational fre
quency assignments.

D i s c u s s i o n

The expected number of fundamental vibrations for 
each molecule is fifteen, including one carbonyl and two

(1) A. Y. Khan and N. B. H. Jonathan, J. Chem. Phys., SO, 1801 
(1969).
(2) A. Y. Khan and N. B. H. Jonathan, ibid., in press.
(3) S. Mizushima, etal., Spectrochim. Acta, 13,161 (1958).
(4) W. Miller and A. Dittman, J. Amer. Chem. Soc., 78, 2797 (1956).
(5) F. King and P. Spensley, J. Chem. Soc., 2144 (1952).
(6) J. K. Brown and N. Sheppard, Discussions Faraday Soc., 9, 144 
(1950).
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carbon-chlorine stretching vibrations. However, two 
bands were observed in the region around 1800 cm-1, 
and three to four bands in the 700-850 cm“ 1 region, in 
all liquid and vapor spectra. These results indicate 
that, as in the case of the chloroacetyl halide series, each 
of the acid halides exists as an equilibrium mixture of at 
least two isomers, at normal temperatures. However, 
there is no evidence to suggest the presence of more than 
two isomers.

A study has been made of changes in the relative 
intensities of the spectral bands with changing solvent 
polarity and on passing from the liquid to the solid 
state. From this an assignment o: bands either to the 
more polar or to the less polar conformation of the 
molecule has been possible for all except the low-fre
quency bands of CHCl2COBr (assignments for which 
are discussed below). All assignments are listed with 
the spectral data.

The assignment of bands to vibrational modes of 
the acid fluoride are considered only approximate since 
the calculation of the normal vibrations indicated that 
significant mixing occurred in certain cases. Unless 
otherwise stated the values given in the following text 
will be taken from the infrared liquid-state data.

Carbonyl Stretching Frequencies Two bands were 
observed for each compound in the 1800-cm“ 1 region. 
In each case the high-frequency band increased in inten
sity at the expense of the low-frequency band with in
creasing solvent polarity and it was therefore attributed 
to the more polar conformation of the molecule.

It is interesting to note the displacement of the 
carbonyl frequency of each isomer from that of the 
corresponding acetyl halide (see Table II). Bellamy 
and Williams7 have studied many a-halogenated ketones 
in which rotational isomerism occurs and associated the 
higher carbonyl stretching frequency with the confor
mation in which oxygen and halogen are close together. 
The interaction of the carbon-halogen and carbon- 
oxygen dipoles causes a decrease in polarization of the 
carbon-oxygen bond and increases the vibrational 
frequency. This is in agreement with the conforma
tions considered later in the text. The carbonyl fre
quency may, however, be lowered by interaction of the 
a-chlorine atoms with the carbonyl halogen,8 so that no 
quantitative significance may be attached to these 
relatively small frequency shift values. One might, 
however, conclude that for the acid chloride and bro
mide at least, the rotational isomers have similar con
formations.

Carbon-Chlorine Stretching Frequencies. The two 
bands occurring in the region 700-850 cm-1 for each 
isomer studied are readily attributed to the asymmetric 
and symmetric stretching modes of the -CHC12 group. 
They show the expected decrease in frequency with 
decreasing electronegativity of the carbonyl halogen 
and for each vibration the band due to the more polar 
isomer has the higher frequency.

Table II : Values for ><(C=0) in the Vapor Phase (cm-1)

M olecule q c = 0) A v

CH3COF“ 1879
1851

CHCbCOFM 1876 + 1 1
CHCbCOF L 1859 - 6
CH3COCI6 1822
CHCbCOCl M 1818 - 4
CHCbCOCl L 1786 -3 6
CHaCOBT 1821
CHCUCOBr M 1815 - 6
CHCbCOBr L 1786 -3 5

a  B. P. Susz and J. J. Wuhrmann, H e b .  C k i m .  A c t a ,  40, 722 
(1957). 1 J. Overend, R. A. Nyquist, J. C. Evans, and W. J. 
Potts, S p e c t r o c h i m .  A c t a ,  17, 1205 (1961). 'L . C. Hall and J. 
Overend, i b i d . ,  23,2535 (1967).

Carbonyl-Halogen Stretching Frequencies. The in
frared spectrum of the acid fluoride shows intense ad
sorptions at 1205 and 1112 cm“ 1 suggesting that the 
modes responsible have considerable C (0 )-F  stretching 
character. The results of the vibrational analysis, how
ever, indicate a degree of mixing of the mode with the 
carbon-hydrogen and carbon-carbon stretching vibra
tions. The corresponding C(0)-C1 and C (0 )-B r 
stretching vibrations of the acid chloride and acid 
bromide occur at 631, 575 cm“ 1 and 605, 571 cm-1, 
respectively. In all cases the higher frequency is 
attributed to the less polar conformation of the 
molecule.

Carbon-Hydrogen Vibrations. The assignment of the 
carbon-hydrogen bending modes for each isomer of 
dichloroacetyl fluoride is only tentative since the region 
is overlapped by the C (0 )-F  stretching mode of the less 
polar conformation. The assignment of the other 
carbon-hydrogen modes is straighforward.

Skeletal Vibrations. The assignment of these bands 
has been made according to the solvent effect of the 
Raman spectra. For the acid fluoride and chloride this 
is relatively straightforward but for the bromide the 
change in the relative intensities of Raman bands from 
solution in a nonpolar solvent to those in a polar sol
vent was negligible.. The assignment of the low- 
frequency bands for dichloroacetyl bromide is therefore 
tentative since it is based on a comparison with the 
acid chloride. However, there is sufficient evidence to 
justify such a comparison. For example, the shifts of 
the carbonyl frequency from that of the corresponding 
acetyl halide suggest that the stable conformations of 
these two compounds are approximately the same. 
This is supported by the calculation of the conforma
tional potential energy. If this is the case the cal
culated frequencies for each molecule indicate that

(7) L. J. Bellamy and R. L. Williams, J. Chem. S o c 4295 (1957).
(8) L. J. Bellamy and R. L. Williams, ibid., 3465 (1958).
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their spectra should be very similar. Such similarity is 
observed in the low-frequency band shapes and fre
quency displacements, and in the high-frequency con
formational assignments.

Certain low frequencies were not observed, namely, 
the torsional bands for each molecule and, for the acid 
fluoride and chloride, bands apparently due to a defor
mation of the (CH-C12) group.

The frequencies for out-of-plane deformation of the 
X N

-C
\

group (7r bands) in dichloroacetyl fluoride

0 ;
and chloride are tentatively assigned at 477 and 456 
cm-1, and 490 and 450 cm -1, respectively, but were 
not observed for the acid bromide.

Our final assignment for dichloroacetyl chloride is in 
agreement with that of Mizushima, et al., except that we 
find no evidence for a doublet at 407 cm-1. The valid
ity of the frequency assignments was tested by applica
tion of the Mizushima sum rule9 to the observed fre
quencies of Table VI. The results are summarized in 
Table III and it may be seen that the agreement is good.

Table HI : Mizushima Sum Rule Agreement for the 
Dichloroacetyl Halides

M olecule
M ore polar 

S¡vi2 X IO "’
M ore polar 

Si*!2 X IO "’
%

Difference

CHCfiCOF 1.964 1.970 0.00
CHCfiCOCl 1.840 1.851 0.06
CHCbCOBr 1.824 1.835 0.06

Enthalpy Differences. The vapor phase enthalpy 
difference for the equilibrium “ less polar”  ^  “ more 
polar”  has been calculated for CHC12C0C1 and CHC12- 
COBr from the usual relation

=  constant X  exp(—AH°/RT)
A mp

where A lp and A mp are the areas under the optical 
density plots of a band unique to the less polar and more 
polar conformations, respectively. The bands which 
have been assigned as being approximately due to the 
carbon-carbon stretching mode were studied for both 
compounds. No enthalpy difference measurements 
have been made for the acid fluoride for each infrared 
band overlaps a neighboring band to some extent. This 
adds an additional uncertainty to an already large 
experimental error. Hence from the data obtained 
it is only possible to say that for CHCl2COCl the en
thalpy difference between the two stable forms is in the 
range 100-500 cal/mol (Mizushima, et al.,3 give a value 
of “ about 200 cal/mol” ). For CHCl2COBr the dif

ference is calculated to be less than 100 cal/mol. In 
both cases the less polar form is the more stable in the 
vapor phase.

Although no determinations of the enthalpy differ
ence in the liquid state have been made in this work, the 
previous workers state "hat the relative intensities of 
their two bands for CHCl2COCl remain almost con
stant between room temperature and —150° indicating 
that in the liquid the enthalpy difference is negligibly 
small. This would explain why it has not been possible 
to isolate a one-isomer spectrum for the compound 
(although such a spectrum is claimed by Mizushima, 
et al.). The partial reduction in intensity of bands 
due to the less polar isomer on passing from the liquid 
to solid state suggests, however, that, although very 
small, the enthalpy difference is finite. The situation 
for dichloroacetyl bromide would appear similar to the 
above, whereas the one-isomer solid spectrum of the 
acid fluoride indicates a significant enthalpy difference 
in the liquid state of this compound.

Another possible explanation of the two-isomer spec
tra has been put forward by Crowder and Northam10 
when discussing a similar problem in 2-bromo-2-methyl- 
propionyl bromide. They attribute the spectrum to a 
lack of crystallinity in the solid sample studied. We 
consider the initial explanation more satisfactory in 
this case.

The Stable Conformatiors

The subsequent discus rion will assume the definition 
of the azimuthal angle 9 indicated in Figure 1, i.e., the 
angle 6 is taken to be zero when the carbon-oxygen bond 
and the carbon-hydrogen bond are eclipsed.

Mizushima, et al., have calculated the dipole moment 
of CHCl2COCl for various azimuthal angles. Their 
data are plotted in Figure 2. Since the bond dipoles 
for C-F, C-Cl, and C-Br are very similar (C-F, 1.4 D ; 
C-Cl, 1.5 D ; and C-Br, 1.4 D, respectively (C-H 
0.4 D )11), a similar curve will apply to each molecule. 
Our previous explanation of the carbonyl frequencies 
is in agreement with these data since the nonbonded 
distance between the oxygen and a chlorine of the 
-CHC12 group decreases as the polarity of the molecule 
increases.

The Conformational Potential Energy
We have calculated the potential energy as a function 

of the internal rotation angle for each molecule, using 
the method of Scott anc Scheraga.12 This technique 
has proved reasonably successful in predicting the 
internal rotation barriers in the acetyl halides and in

(9) S. Mizushima, étal., J. Chen. Phys., 21, 215 (1953).
(10) G. A. Crowder and F. Northam, J. Mol. Spectrosc., 26, 98 (1968).
(11) J. W. Smith, “ Electric Dijole Moments,”  Butterworth and Co., 
Ltd., London, 1955.
(12) R. A. Scott and H. A. Scheraga, J. Chem. Phys., 42, 2209 
(1965).
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Figure 1. Definition of the azimuthal angle 8 .

Figure 2. Calculated dipole moment of CHCUCOCl. Data 
taken from Mizushima, e t  al.;3 ordinate, m (1018 esu); 
abscissa, 8 .

substituted ethanes. The potential function used is 
based on two effects, namely nonbonded interactions 
and exchange interactions of the electrons in the bonds 
adjacent to the bond about which internal rotation 
occurs. It takes the form

U ( w )  = 1/ i U o ( l  +  cos 3«)
m

+  exp(—bkrk) -  ck/rk6 +  dk/rk) (1)

where the first term on the right-hand side takes into 
account the electron exchange interactions and the sec
ond is a modified Buckingham potential for the non
bonded interactions. The parameters used for the 
nonbonded potential are listed in Table IV and were 
calculated according to the method of Scott and Scher- 
aga12 (some slight errors were' found in the data in this 
reference and they have consequently been recalcu
lated). The average value o i U o  = 1.11 kcal/mol used 
in the calculations is that given by Scott and Scheraga 
for this type of molecule. Figure 3 shows the resulting 
potential functions calculated assuming the molecular

Figure 3. Calculated conformational potential energies for 
the dichloroacetyl halides. Ordinate, U { 8 )  kcal mol-1; 
abscissa, 8 .

Table IV : Parameters for the Nonbonded, 
6-exp Potential Function

a, kcal c, kcal d, kcal
Interaction mol-1 5, À-1 mol-1 À6 mol-1A

o .- •H 3.46 X 104 4.57 121 0
0-- •Cl 2.59 X 10s 4.15 956 0
F- ■ •H 1.69 X 104 4.57 62.6 0
F- • •Cl 1 .35  X 106 4.15 526 4.09
Cl- • -H 4.68 X 104 4.13 322 0
Cl- -Cl 3 .12  X 106 3.75 2513 1 . 16
Br- ■H 1 .6 1  X 104 3.55 465 0
Br- ••Cl 9.55 X 104 3.23 3603 0

geometries used for the normal coordinate analyses. 
Although the calculated barrier heights and energy 
differences between the rotational isomers are of the 
right order, the application of the potential function to 
these molecules has some disadvantages. The assump
tion of a rigid geometry allows no relaxation of inter
actions when atoms of the two rotating groups are in 
or approaching an eclipsed position and the shape of 
the curves in the region 6 =  80-180° is particularly 
dependent on the geometry assumed for the molecule.

The Journal of Physical Chemistry
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Table V : Force Constants and Molecular Parameters Used in Calculations

-Force constants (mdyn/k)a~d-

K (C-C) = 2.8 H(H-C-Cl) = 0.05 FfCl- ■ -H) = 0.8
K(C-H) = 3.9 H(Cl-C-Cl) = 0.1 F(C l---C l) = 0.65
K(C-O) = 11.0 H(C-C-Cl) = 0.2 F(C ---C l) = 0.6
K(C-F) = 4 . 0 H(C-C-H) = 0.15 F(C-- -H) = 0 . 4
K(C-C1) = 1 . 7 5 H (C -C = 0 ) = 0.4

c-c=o
K(C-Br) = 1.5 H(C1-C=0) = 0.3 F(O---C) = 0 . 4

H(C-CO-Cl) = 0.1 F(Cl---O) = 1.0
H (B r-C =0) = 0.3 F(Br---C) =  0.7
B r-C =0

H(C-CO-Br) = 0.1 F;Br- • -O) = 0.65
H (F -C = 0) = 0.3 f ;f - - - c ) = 1 . 3
F -C = 0
H(C-CO-F) = 0.1 OHIIofa,

fa

C-CO-F
F' = -(1 /1 0 )F
K = 0.1

Bond lengths, Â Bond angles, deg

C-H = 1.09 CO-C-C = 125
C-C = 1.54 < F -C -0  = 125
C-Cl = 1.76 <F -C (0 )-C  = 110
C = 0  = 1.22 < C l-C -0  = 125
C-F = 1.37 <C1-C(0)-C = 110
C-Br = 2.00 <B r-C -0  = 125

<B r-C (0)-C  = 110 
other angles = 109° 28'

°  S. Mizushima, e t  a l . ,  S p e d r o c h i m i c a  A d a ,  13,161 (1968). h Nakagawa, e t  a l . ,  J .  C h e m .  P h y s . ,  20, 1723 (1952); °  T. Simanouti, i b i d . ,  

17, 848 (1949); 4  J. Overend and J. R. Scherer, i b i d . ,  32,1296 (1960); * Tables of interatomic distance and configuration in molecules and 
ions (The Chemical Society, London).

However, although these calculations are not sufficiently 
precise to determine the conformation of the more polar 
isomer, they serve a useful purpose in that they give 
strong evidence that one rotational isomer of each 
molecule has a conformation with 0»O° which from 
consideration of Figure 2 may be seen to be the less 
polar form. Evidence for the conformation of the more 
polar isomer must be sought from the calculation of 
normal vibrations.

C a l c u l a t i o n s  o f  N o r m a l  V i b r a t i o n s

Thirteen of the fifteen normal vibrations have been 
calculated for each compound studied, using a Urey- 
Bradley type potential function similar to that em
ployed by Mizushima, et al.,3 i.e.

V  = +  1/ r,K i (A r iy ]  +
X
E  [H  i / r ior jo(A a i}) +  1/ 2H iir i0r j0( A a ijy ]  +

E  [iy?yo(Ag.i) +  F i^ A q n )2 (2)
ij

where the r /s  and a{j’s and qt/s represent bond lengths, 
bond angles, and distances between nonbonded atoms, 
respectively, and the subscript o signifies an equilibrium 
distance.

The calculations have been made neglecting inter
actions between atoms in different rotating groups. This 
obviously does not give an ideal representation of the 
acid halides and any conclusion based on the results 
must be regarded as tentative. Table V gives the force 
constants and molecular parameters used in the analy
ses and the resulting frequencies are presented in Table 
VI for various values of the azimuthal angle. The 
agreement between observed and calculated frequencies 
is only fair and does not warrant an attempt to assign 
each isomer to a particular conformation of the mole
cule. The so-called product rule9 does, however, enable 
a determination of the conformation of rotational iso
mers from the product cf the normal frequencies, ac
cording to the equation

irvii2 (more polar isomer) _  |6r(flM)| 
irvi} (less polar isomer) [G'(0°)|

where G is the G matrix which is dependent only on the 
azimuthal angle 6.

It is assumed that oui assignment of the less polar 
isomer to a conformation 0 =  0° is correct and attempts 
are then made to determine the conformation 6m of 
the more polar isomer. Calculated values of the right-

V eltm e  74 , Number 4 February  19, 1970
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Table VI: Frequencies Calculated for Various Values of the Azimuthal Angle

-Observed frequencies-
0° 46°

--- Calculated frequencies—
90° 135° 180°

More
polar form

Less
polar form

2938 2937 2936
CHChCOF
2937 2937 2985 2985

1784 1786 1788 1785 1783 1876 1859
1255 1260 1267 1266 1258 1282 1250
1210 1202 1191 1205 1215 1214(?) 1250(?)
1165 1171 1177 1153 1141 1111 1214
917 924 935 943 946 901 873
775 816 841 825 782 826 826
758 722 703 714 760 784 769
664 655 637 644 650 671 647
418 416 405 405 409
383 367 369 376 383 398 422
277 274 267 267 274 284 268
227 213 192 226 240 238 187

2937 2937 2936
CHCljCOCl
2937 2937 3003 3003

1747 1748 1750 1747 1745 1818 1786
1254 1256 1260 1259 1255 1252 1242
1172 1173 1175 1179 1181 1212 1224
1086 1086 1080 1064 1054 986 1075
801 820 833 813 766 838 800
760 743 730 734 762 760 739
597 619 652 695 727 585 640
528 524 515 502 491 458 500
397 392 377 372 383
383 338 309 330 344 334 407
268 271 259 237 239 260 260
161 155 154 201 214 237 176

2937 2937 2936
CHCljCOBr
2937 2937 3000 3000

1745 1747 1748 1746 1744 1815 1786
1254 1257 1261 1260 1256 1242 1227
1173 1173 1175 1181 1185 1198 1218
1106 1107 1101 1083 1073 962 1042

804 823 835 815 765 794 774
760 745 736 740 762 744 704
604 621 649 694 736 571 604
467 465 453 431 405 451 517383 380 370 368 383 338 358364 314 285 313 339 319 371264 268 246 225 238 246 262
128 128 135 180 182 217 151

hand side of eq 3 for various values of 0M are given in 
Table VII together with the experimental values 
’t*'mV irrL2 calculated from the observed frequencies of 
Table VI. Although only 12 of the necessary 13 
frequencies are known for each isomer of the acid fluo
ride and acid chloride, the calculated frequencies of 
these unobserved bands show little variation with 
azimuthal angle and their neglect will have only a small 
effect on the value of irvn

The best fit between experimental and calculated 
values for dichloroacetyl chloride and dichloroacetyl

Table VII: Values of [|<?(0m)|/|G(O°)|]

0M, deg CHCljCOF CHCIaCOCl CHCljCOBr

0 1.00 1.00 1.00
45 0.78 0.77 0.76
90 0.57 0.57 0.58

135 0.82 0.91 1.00
180
Experimental

1.06 1.20 1.33

Jr I'M ï 1.63 0.86 0.86

The Journal o f  Physical Chemistry



E s r  S t u d y  o f  P u r i n e  a n d  P y r i m i d i n e  R a d i c a l  A n i o n s 805

bromide will be for an azimuthal angle 0M between 90° 
and 135°, and within the limitations of experiment and 
calculations one should not attempt to define the angle 
more precisely than this.

The previous workers decided on an angle of approxi
mately 90° for dichloroacetyl chloride and state that an 
electron diffraction investigation on gaseous dichloro
acetyl chloride3 may also be accounted for by the coex
istence of two forms with azimuthal angles of 0 and 90°.

The experimental values of fvj}  for dichloro
acetyl fluoride shows no agreement with the calculated 
values of Table VII and can only be explained in terms 
of a less polar conformation with 6 ~  90° and more polar

conformation with 9 ~  180°. This seems a surprising 
result in view of the conformational potential energy 
calculations. However, there is no way in which we can 
with any confidence or justification perform a major 
adjustment of the vibrational assignments to make the 
results conform with the acid chloride and bromide 
derivatives. This is particularly true in the present 
case because of the adiitional information which is 
obtained from studying a series of closely related mole
cules. Nevertheless, the result is unexpected and clearly 
the need for a further study using a different technique, 
perhaps that of electror diffraction, must be empha
sized.

An Electron Spin Resonance Study of Several Purine and 

Pyrimidine Radical Anions1

by Michael D. Sevilla
Atomics International Division of North American Rockwell CorpCanoga Park, California 91804 
{Received August 14, 1969)

Electron spin resonance spectra of purine, 6-eyanopurine, pyrimidine, and 5-methylpyrimidine anions were ob
tained during electrolysis in dimethylformamide solution at low temperature. These spectra were analyzed and 
reduced to hyperfine splitting constants. Analysis of the spectrum of the 5-methylpyrimidine anion aided in 
the complete assignment of splittings to positions on the pyrimidine structure. Interpretation of the spectrum 
of 6-cyanopurine enabled the assignment of the largest splitting to the 6 posit on on the purine structure. Mc- 
Lachlan SCF-MO calculations were performed for comparison to experiment and as an aid in the assignment 
of the remaining hyperfine splittings to molecular positions on the purines. For the purines the splittings and 
assignments are: purine A3N = 4.4 ±  0.3 G, A9H = 10.4 ±  0.2, A*H = 4.4 =  0.3, A2H = 1.8, A;(9>N = 1.2;
6-cyanopurine AiN = 2.43 ±  0.03 G, A 2(9)h = 0.18 ±  0.02, A3N = 3.81 ±  0.05, A 7(9)n = 0.74 ±  0.02, A 8h 
= 4.14 ±  0.05, A9(7)n = 0.99 ±  0.02, AnN = 1.55 ±  0.02. Good agreement between the magnitudes of the 
calculated and experimental hyperfine splittings is found for each anion. An aromatized dimer anion, 5,5'-di- 
methyl-2,2'-bipyrimidine_, is identified as a product of prolonged electrolysis of 5-methylpyrimidine.

The radical anions of nitrogen heterocycles have been 
the subject of numerous investigations by electron spin 
resonance (esr) spectroscopy.2a,b'c'd These investiga
tions have provided improved relations between spin 
density and the nitrogen hyperfine splittings as well as 
refined nitrogen coulomb and resonance parameters for 
use in molecular orbital calculations of the spin density. 
Past work has also shown that certain anions of nitrogen 
heterocycles dimerize when prepared by alkali metal 
reduction.3-5 The dimerization is often followed by 
aromatization (loss of hydrogen to form an aromatic 
system). Dimerization has also been suggested to occur 
during electrolysis of both pyridine and pyrimidine.28 
However, with this technique aromatization of the 
dimer has not been reported.

In this work the anions of pyrimidine, 5-methylpy- 
rimidine, purine, and 6-cyanopurine (Figure 1) produced 
by low-temperature electrolysis in dimethylformamide 
have been investigated b j esr spectroscopy. The anion 
of pyrimidine has been previously investigated in liquid

(1) This research was supported by the United States Atomic 
Energy Commission under Contract No. AT(04-3)-701.
(2) See the following and references therein: (a) J. C. M. Henning 
J. Chem. Phys., 44, 2139 (1966); (b) C. L. Talcott and R. J. Myers, 
Mol. Phys., 12 , 549 (1967) ; (c) O. H. Geske and G. R. Padmanabhan, 
/ .  Amer. Chem. Soc., 87, 1651 >1965); (d) T. Kubota, K. Nishikida, 
H. Miyazaki, K. Iwatani, and Y Oishi, ibid., 90, 5080 (1968).
(3) J. Chaudhuri, S. Kume, J. Jagur-Grodzinski, and M. Szwarc, 
ibid., 90, 6421 (1968).
(4) R. L. Ward, ibid., 83, 362S (1961).
(5) A. Carrington and J. dos Santos Veiga, Mol. Phys., 5, 21 (1962).
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Figure 1. The structure and numbering scheme for the 
molecules in this study. A. Pyrimidine (5-methylpyrimidine). 
B. Purine (6-cyanopurine) shown as the 9 H tautomer. The 
numbering scheme for 5,5'-dimethyl-2,2'-bipyrimidine is based 
on that of 5-methylpyrimidine.

ammonia; however, this paper reports results which 
provide for a more complete assignment of splittings. 
An esr study of the purine anion has not been reported 
previously. The results found here should aid in the 
description of the electronic structure of this biologically 
significant molecule. Finally, strong evidence is 
found for dimerization and aromatization of the 5- 
methylpyrimidine anion.

E x p e r i m e n t a l  S e c t i o n

Materials. Reagent grade dimethylformamide was 
dried and purified by shaking with potassium hydroxide, 
then with calcium hydride, and finally by vacuum dis
tilling.

Compounds used for anion generation and their 
sources were: purine, Waldhof and Aldrich; 6-cyano- 
purine, Waldhof and Cyclo Chem. Co.; pyrimidine, 
Aldrich Chem. and Cyclo Chem. Co.; 5-methylpyrimi
dine, Schwarz Bioresearch. Pyrimidine was purified 
by gas chromatography. The other compounds were 
used without further purification.

Electrolytic Generation of Anions. Anions studied in 
this work were produced by electrolysis. The electro
chemical cell used was similar to that used by previous 
workers.23,6 A tungsten electrode sealed in a 3-mm 
capillary acted as the cathode. A thin platinum plate 
acted as the anode. A fritted glass disk separated the 
cathode and anode. The cell was filled with a 0.1 M 
solution of the supporting electrolyte, n-tetrabutyl- 
ammonium iodide, in dimethylformamide. Typically 
the concentration of the substance to be reduced was 
from 1 to 5 m l .  To purge oxygen from the cell the 
solution was “ bubbled”  with argon, evacuated, and 
filled with nitrogen.

The voltage used in electrogeneration of anions was 
varied for adequate signal with the lowest possible 
voltage. Voltages used varied from 3.5 to 10 V. The 
temperature at which electrolysis took place was varied 
between — 55 and 25°. At lower temperatures a drop in 
ion current took place. This was often more than com
pensated for by increased radical lifetime. Also at

lower temperatures the concentration of solute can often 
be increased while maintaining resolution.

A Varian V4510 esr spectrometer equipped with a 
Fieldial magnetic field regulator, 100-kc modulation,
6-in. ring shim magnet, and a dual cavity was utilized 
in this work. Measurements of hyperfine splittings 
were made vs. Fremy’s salt whose spacings were taken as 
12.97 and 13.03 G. Esr spectra were reconstructed for 
comparison to experiment by use of the g old  pro
gram.7

The experimental hyperfine splitting (Aexp) in G is 
related to the radical g value (gmoi) by the relation 
A exp = f/e/f/rnoi A true- No attempt was made in this
work to obtain accurate g values. However, g values 
for the molecules reported herein are within the range
2.002 to 2.005; thus the deviation of the experimental 
hyperfine splitting from the true value is negligible.

R e s u l t s  a n d  D i s c u s s i o n

Pyrimidine Anion. Electrolysis of a 3 X 10 “ 3 M  
solution of pyrimidine in dimethylformamide at —55° 
yielded a well-resolved spectrum of the pyrimidine 
anion (Figure 2). This spectrum differs slightly from 
that previously reported by Talcott and Myers.2b 
They obtained the anion by electrolysis in liquid am
monia and found that the largest hydrogen splitting 
was a multiple of the nitrogen splitting. In dimethyl
formamide this condition was not found. We therefore 
have been able to make an unequivocal determination of 
these splittings which verifies the conclusions of Talcott 
and Myers. The results of the spectral analysis are 
reported in Table I along with those previously re
ported. The differences between the two results are 
small but beyond the limits of error and must therefore 
be attributable to a solvent effect.

Since the 9.54-G splitting arises from two equivalent 
protons and the 3.34-G splitting arises from two equiva
lent nitrogens they may be unequivocally assigned to 
the 4,6 and 1,3 positions, respectively. The smaller 
splittings have been assigned by analysis of the spectrum 
of 5-methylpyrimidine.

Continued electrolysis of 10~2 M solutions of pyrimi
dine in DM F at —30° resulted in a secondary spec
trum. The spectrum consisted of 15 broad lines each 
separated by approximately 1.5 G. The same esr 
spectrum was found by reaction of a tetrahydrofuran 
solution of pyrimidine with a potassium mirror at 
room temperature.8 Due to the reported occurrence of 
aromatized dimer anions for similar molecules and the 
results found for 5-methylpyrimidine (see below), it is 
possible that this spectrum is due to a “ dimer”  anion or

(6) C. P. Poole Jr., "Electron Spin Resonance,”  Interscience Publish
ers, New York, N. Y., 1967, p 620.
(7) W. A. Young, J. Appl. Phys., 35, 460 (1964).
(8) However, a more complex spectrum has been previously reported 
as the product of alkali metal reduction. See R. L. Ward, J. Amer. 
Chem. Soc., 84, 332 (1962).
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Table I : Experimental Hyperfine Splittings for the 
Pyrimidine and Purine Anions

Anion Position“ Splitting, G

Pyrimidine 1 (N) 3.34 ±  0.01 (3.26)*
2 (H) 0.72 ±  0.01 (0.72)»
4 (H) 9.54 ±  0.03 (9 .78)6
5(H) 1.24 ±  0.01 (1.31)»

5-Methylpyrimidine 1 (N) 3.34 ±  0.02
2(H) 0.67 ±  0.02
4(H) 9.26 ±  0.03
5 (CH3) 1.56 ±  0.02

5,5 '-Dimethyl-2,2 '- 1 (N) 1.92 ±  0.01
bipyrimidine 4(H) <0.14

5 (CHa) 3.19 ±  0.01
Purine 3 (N) 4.4 ±  0.3

6 (H) 10.4 ±  0.2
8 (H) 4.4 ±  0.3
2 (H) (1.85)“
1 (9) (N)d (1.25)“

6-Cyanopurine 1 (N) 2.43 ±  0.03
2 (9) (H)d 0.18 ±  0.02
3 (N) 3.81 ±  0.05
7 (9) (N)d 0.74 ±  0.02
8 (H) 4.14 ±  0.05
9 (7) (N)d 0.99 ±  0.02

11 (N) 1.55 ±  0.02

T, °C 

-5 5

-5 8

-2 4

-5 5

25

“ For equivalent positions see Figure 1. » Liquid ammonia 
solvent (ref 2b). “ Line components from these splittings are not
completely resolved. The splittings were inferred from spectrum 
simulation. d Numbers in parenthesis refer to possible sites for 
this splitting.

a mixture of “ dimer”  anions. A possible “ dimer,”  
2,2' bipyrimidine anion, has been previously reported;20 
however, this spectrum does not correspond to that 
found here.

5-Methylpyrimidine Anion. The anion of 5-methyl- 
pyrimidine was investigated to aid in the assignment of 
splittings to positions in the pyrimidine anion. The 
spectrum of 5-methylpyrimidine anion prepared by 
electrolysis of a 2 X 10~3 M solution at —55° is de
picted in Figure 3. A straightforward analysis of the 
spectrum gave the hyperfine splittings reported in 
Table I.

From the results for the 5-methylpyrimidine anion it 
can be seen that the methyl group has replaced the 
proton of 1.24-G splitting in pyrimidine. The possi
bility that the proton of 0.7-G splitting has been re
placed and that the 1.24-G splitting has been reduced to 
0.67 G is considered unlikely owing to the small effect of 
the methyl group on the larger splittings and the corre
spondence of the magnitude of the smaller splittings in
5-methylpyrimidine and pyrimidine. The smaller split
tings in pyrimidine have therefore been assigned accord
ingly. The assignment of splittings to positions for 5- 
methylpyrimidine is, of course, unequivocal.

Upon prolonged electrolysis of 10~2 M solutions of 5- 
methylpyrimidine at temperatures greater than —303

Figure 2. Approximately one-half the first derivative esr 
spectrum of pyrimidine anion in dimethylformamide at 
— 55°. (Dot marks center.)

Figure 3. Approximately one-half the first derivative esr 
spectrum of 5-methylpyrimidir.e anion in dimethylformamide
at -5 8 ° .

Figure 4. Upper curve, approximately one-half the first 
derivative esr spectrum of 5,5'-dimethyl-2,2'-bipyrimidine at 
— 24°; lower curve, calculated spectrum using a 3.19-G 
splitting arising from 6 hydrogens and a 1.92-G splitting arising 
from 4 nitrogens. The line width for the computed spectrum 
is slightly larger than the experimental.

a secondary spectrum appeared (Figure 4). The 
spectrum extends over 30 G and the intensity is sufficient 
to resolve all line components except for the end com
ponent (as interpreted). This always leads to some 
uncertainty in the interpretation, but several factors 
indicate that the spectrum is due to an aromatized 
anion. First, the spacing, regularity, and intensity 
ratios indicate a large number of equivalent protons 
such as would be found for two equivalent methyl 
groups. Second, the fact that this spectrum appeared at 
higher concentrations of 5-methylpyrimidine and only 
after prolonged electrolysis is consistent with “ dimer” 
formation. Of the several possible aromatized dimers 
of 5-methylpyrimidine the only one that could yield 
such a regular spectrum is 5,5'-dimethyl 2,2'-bipyrim- 
idine. Analysis of the spectrum on the basis of this 
structure yielded the splittings reported in Table I. 
The splitting due to the four meta protons is not resolved
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and is therefore less than the line width (ca. 0.14 G). 
A spectrum computed on the basis of this analysis is 
shown in Figure 4. The good fit between theory and 
experiment is considered strong evidence for a 2,2' 
dimer.

The preferential observance of the 2,2' aromatized 
dimer is most likely explained by the fact that dimeriza
tion at the 4 position to produce 2,4' or 4,4' dimers is 
less likely due to steric interactions. Also, even if such 
species are formed and subsequently aromatized they 
would have many more hyperfine components than 
the 2,2' anion and therefore would be more difficult to 
observe.

Purine. Purine anion was formed by electrolysis of
0. 001 M solutions of purine at temperatures between
— 34 and —55°. The esr spectrum observed for this 
radical is only moderately resolved, A //ms. £= 0.9 G 
(Figure 5). The large line width is most likely a result 
of unresolved hyperfine splittings. There is also evi
dence for a second radical species, present in lower con
centrations, in the spectrum. It is possible that the 
second radical is associated with one of the two possible 
tautomeric forms of purine, i.e., the hydrogen can be at 
the 7 or 9 position. Analysis of the spectrum in Figure 
5 yields 10.4 and 4.4-G splittings due to one proton each 
and a 4.4-G nitrogen splitting. Owing to the poor reso
lution the two 4.4-G splittings could differ by as much 
as 0.6 G and still not be resolved. Two smaller split
tings of approximately 1.8 G (proton) and 1.2 G (nitro
gen) are inferred from analysis of the end portion of the 
spectrum. These splittings account for only 5 of the 8 
possible. The remaining three splittings must be less in 
magnitude than the line width, 0.9 G. A computer 
reconstruction using the above splittings is shown in 
Figure 5. The excellent agreement between the experi
mental and theoretical spectra suggests that the analy
sis is correct. Assignment of the splittings to positions 
on the purine molecule is not possible from the experi
mental results, since all positions cn the purine molecule 
are unequivalent. The splittings have therefore been 
assigned where possible by recourse to McLachlan 
SCF-MO theory (discussed below) as shown in Table
1.

6-Cyanopurine. The anion of 6-cyanopurine was 
prepared to aid in the analysis of the purine anion spec
trum and to confirm the assignment by theory of the
10.4-G splitting to the 6 position. This compound was 
chosen since the cyano group has been shown to have a 
relatively small electron withdrawing effect,9 i.e., in 
electron withdrawing power CN <  COOCH3 <  COCH3 
<  CHO <  N 02. It is therefore reasonable to assume 
for the case of 6-cyanopurine anion that the cyano group 
will have only a modest effect on the spin density dis
tribution.

The spectrum of 6-cyanopurine was observed from
— 50 to +25°. Best resolution occurred at 25° (Figure
6). Analysis of this spectrum is complicated due to

Figure 5. Upper curve, one-half the first derivative esr 
spectrum of purine anion at —55°; lower curve, calculated 
spectrum using 10.4, 4.4, and 1.85-G splittings arising from one 
hydrogen each as well as 4.4 and 1.25-G splittings arising from 
one nitrogen each (AH m ,  =  0.9 G).

Figure 6. Upper curve; one-half of the experimental esr 
spectrum of 6-cyanopurine anion at 25°; lower curve, computer 
simulated spectrum using hyperfine parameters 
discussed in text.

the fact that all positions on the molecule are unequiva
lent. In addition there are both nitrogen and hydrogen 
splittings, and there are a large number of theoretical

(9) M. Hirayama and T. Isobe, Bull. Chem. Soc. Jap., 41,1502 (1968).
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hyperfine lines. Interpretation of the spectrum pro
ceeded by examination of the end portion of the spec
trum. This yielded the splittings 0.18, 0.74, 0.99, 1.55, 
and 2.43 G. The spectrum shows that the0.8-G split
ting is obviously a proton splitting. The other splittings 
were all shown to be due to nitrogens by spectrum 
simulation. The remaining larger splittings were de
termined to be 4.14 G (proton) and 3.81 G (nitrogen) 
by an inspection of the central portion of the spectrum 
and many computer simulations. The reconstruction 
of the 6-cyanopurine spectrum with the above split
tings is shown in Figure 6 and is in excellent agreement, 
with experiment. The hyperfine splittings clearly 
show that the proton of 10.4-G splitting in purine 
has been replaced by the cyano group in 6-cyanopurine. 
The remaining proton splitting unaccounted for in 
the analysis must be less in magnitude than the line 
width of 0.13 G.

As in the case of purine, 6-cyanopurine also has 
two possible tautomeric forms, 9 H or 7 H. The 
clearly resolved spectrum for the anion shows that 
the concentration of one form is much greater than 
the other. Molecular orbital calculations performed 
for both of these possible species (see below) are used 
to assign the hyperfine splittings to positions on the
6-cyanopurine structure where possible (see Table
I).
Spin Density Calculations

McLachlan SCF-MO calculations* 10 have been per
formed for the radical anions in this study to aid in 
the assignment of experimental splittings to molecular 
positions, to compare experimental and theoretically 
calculated splittings, and possibly to indicate which 
of the tautomeric forms of the purine anions pre
dominate. The heteroatom coulomb and resonance 
parameters and hyperconjugation parameters used in 
these calculations are given in Table II. The param
eters for the aromatic nitrogen are considered to be 
the most critical to the calculation. The value of 
An was therefore varied between 0.4 and 1.0. The 
results are found to be relatively insensitive to the 
different values of An and no imprcvement in the overall 
agreement with experiment over that for AN =  0.8 
is found. The spin density calculations are reported 
in Table III. The comparison of theory with experi
ment is best accomplished by calculation of theoretical 
values of the hyperfine splittings. This requires re
lationships which relate spin density and isotopic 
hyperfine splitting. The relations A H = Qc^uupci
(Qhc11 12 13 = -2 4 .5 ) for ^ C -H ,2b A N = Qnnpn'  +  Qcnn

( p c '  +  P c H  ( Q n n  =  27.3, Q c n n  =  -1 .7 ) for ° '^ N ,2b 

A n  =  Q n n p n '  +  Q c n n p c '  ( Q n n  =  23.1, Q c n n  =  — 6 .8 ;  

fo r ^ C -C = N ,u and A CHa =  217 pH,' for ^C -C H 312a’b 
have been employed with good results in similar mole-

Table II : MO Parameters Used in Calculations

Group Param eters R e f

N 00oII 2 b
S  \ & c n  — 1.08

H
| An = 1.5 18

N & C N  — 1.0
/  \  

\  .
C -C = N & N  = 1.0 1 1

# & c = n  — 2 . 0  

k c - c  = 0.9

\  , Aa  = 0.5
C -C feH 3“ h e  — — 0 . 1

/ ĉ—H3 = 2 .5  
h c - c  = 0.93

R .  Bershon, J .  C h e m .  P h y s . ,  2 8 , 1188 (1958).

cules and are used in the calculation of hyperfine 
splittings. These results are fisted in Table III.

The results found for pyrimidine anion are in rea
sonable agreement with experiment and have been 
discussed elsewhere.2b,u The calculated splittings for 
5-methylpyrimidine are nearly identical with those cal
culated for pyrimidine discounting the methyl proton 
splitting. In agreement with theory the experimental 
results for these two anions show only a small effect 
of the methyl group. Methyl groups do not usually 
result in large shifts in spin density but such a small 
change is unusual.14 This can be understood from 
the form of the Huckel molecular orbital (HMO) 
occupied by the unpaired electron in pyrimidine. This 
MO has a node at position 5 where the methyl group 
is substituted and consequently the methyl group 
has no effect on the coefficients of this MO, but several 
of the MO’s associated with other energy levels do 
not have a node at position 5 and thus are affected 
by the methyl group. Although the HMO spin den
sities are unaffected by the methyl group, the Mc
Lachlan spin densities are altered slightly since they

(10) D. A. McLachlan, Mol. Phys., 3, 233 (1960).
(11) P. H. Rieger and G. K. Fraenkel, J. Chem. Phys., 37, 2795 
(1962).
(12) (a) D. Lazdins and M. Karplus, ibid., 44, 1600 (1966); (b) 
D. H. Levy, Mol. Phys., 10, 233 (1966).
(13) The calculated spin densities for pyrimidine reported here differ 
from those reported by Talcott and Myers (ref 2b). The same 
parameters are employed in each calculation. The difference arises 
in the computation of the atom-atom polarizabilities. Important to 
the computation of the polarizabilities is a sum which is taken over the 
filled and vacant orbitals. The problem arises that for a radical one 
orbital is half-filled. In this work this orbital is included as part of 
the filled set as recommended by McLachlan (ref 10). Talcott and 
Myers include the half-filled orbital with the vacant set and achieve 
better agreement with experiment; however, the improvement in 
results is not found to extend to computations for purine and 6-cya
nopurine where these methods give similar results.
(14) J. A. Valenzuela and A. J. Bard, J. Phys. Chem., 73, 779 (1969).
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Table III : T h eoretica l Spin  D ensities and H yperfine Splittings

Theoretical hyperfine E xperim en tal hyperfine
Anion Position M cL ach lan  spin density splittings, G splittings G

Pyrim idine I 0 .1 7 7 4 .2 3 3 .3 4
2 - 0 . 0 2 8 0 .6 9 0 .7 2
4 0 .3 7 5 9 .2 0 9 .5 4
5 - 0 . 0 7 8 1 .91 1 .2 4

5-M eth ylpyrim id in e 1 0 .1 7 7 4 .2 3 3 .3 4
2 - 0 . 0 2 7 0 .6 6 0 .6 7
4 0 .3 7 7 9 .2 4 9 .2 6
5 - 0 . 0 7 3
7 - 0 . 0 0 0
8 - 0 .0 0 8 2 1 .7 8 1 .5 6

5,5  '-D im eth y l-2 ,2  '- 1 0 .0 8 2 1.91 1 .9 2
bipyrim id ine 2 0 .2 1 0

4 - 0 . 0 1 3 0 .3 2 < 0 .1 0
5 0 .1 3 7
7 - 0 . 0 0 3
8 0 .0 1 8 0 3 .9 0 3 .1 9

9 H 7 H 9 H 7 H
Purine 1 0 .0 4 8 0 .0 8 2 0 .4 9 1 .6 3 1 .2

2 0 .0 4 8 0 .0 1 3 1 .1 8 0 .3 2 1 .8
3 0 .1 6 2 0 .1 5 6 4 .2 2 4 .0 6 4 .4
4 0 .0 7 0 0 .1 1 2
5 0 .0 0 7 - 0 . 0 3 4
6 0 .4 3 6 0 .3 91 1 0 .68 9 .5 9 1 0 .4
7 0 .0 1 7 0 .0 2 2 0 .0 7 0 .1 9  (N ) 

0 .5 5  (H )
8 0 .2 2 0 0 .2 7 4 5 .3 8 6 .7 2 4 .4
9 - 0 . 0 0 9 - 0 . 0 1 6 0 .6 4  (N ) 

0 .2 2  (H ) 1 .0 9
(1 .2 )

9 H 7 H 9 H 7 H
6-C yanopurin e 1 0 .0 9 0 p .1 0 7 1 .8 4 2 .3 6 2 .4 3

2 0 .011 - 0 . 0 0 3 0 .2 7 0 .0 7 0 .1 8  « 0 . 1 3 )
3 0 .1 5 2 0 .1 5 3 3 .9 9 4 .0 0 3 .8 1
4 0 .081 0 .1 1 2
5 0 .0 3 0 - 0 . 0 0 5
6 0 .3 5 3 0 .3 2 9
7 0 .0 0 2 0 .0 0 7 0 .2 8 0 .1 7  (N ) 

0 .1 8  (H )
0 .7 4  (0 .9 9 )  (N )°

8 0 .1 7 2 0 .2 1 7 4 .2 2 5 .3 1 4 .1 4
9 - 0 . 0 1 0 - 0 . 0 1 8 0 .7 2  (N ) 1 .0 5 0 .9 9  (0 .7 4 )  (N )

0 .2 5  (H ) < 0 .1 3  (0 .1 8 )
10 0 .0 3 2 0 .0 2 7
11 0 .0 87 2 0 .0 79 4 1 .7 9 1 .6 5 1 .5 5

°  T h e  0 .18-G  splitting cou ld  also arise from  this position .

are calculated using atom-atom polarizabilities which 
depend on the coefficients of all the molecular orbitals.

The stéric interaction of the pyrimidine groups of 
5,5'-dimethyl-2,2'-bipyrimidine is such that a non- 
planar structure would be expected. For biphenyl, 
a molecule with a similar molecular structure but 
perhaps more steric interaction from its ortho hydro
gens, the dihedral angle between the phenyl groups 
has been estimated to be approximately 40°.16 For 
this reason theoretical splittings for this 5-methyl- 
pyrimidine “ dimer” have been calculated as a function 
of the angle between the two aromatic planes. The 
angle of twist has been simulated in the calculation by a 
reduction in the resonance integral between the carbon

atoms joining the two rings. The relation k* = k cos 8 
describes the reduction in the resonance parameter k 
with the angle of twist 6 and has been both experimen
tally and theoretically justified.16 Results of the calcula
tions showed that the methyl proton splitting is nearly 
invariant with angle while the nitrogen splitting is more 
sensitive. Best results are found at k = 0.8, 8 = 37°. 
The results of this calculation are given in Table II I.  
The uncertainty in the value of 9 must be considered 
large due to the only moderate change in splitting with 
angle and the uncertainty in the calculation of the

(1 6 ) K .  M o b iu s ,  Z . N aturfor8ch., 2 0 a , 1 1 1 7  (1 9 6 5 ) .
(16) M. D. Sevilla and G. Vincow, J. Phys. Chem., 72, 3647 (1968).
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nitrogen hyperfine splitting constant; however, the 
results clearly suggest that the anion is nonplanar. I t  
should be noted that the good agreement between the 
calculated and experimental splittings is further evi
dence for the structure of this molecule and conse
quently the dimerization reaction.

The molecular orbital calculations for purine and
6-cyanopurine listed in Table I I I  are especially impor
tant since they must be used to assign hyperfine split
tings to molecular positions. Further, they may aid in 
the assignment of the correct tautomeric structure to 
the anions.17

The calculated hyperfine splittings for both the 7 H 
and 9 H tautomers of purine given in the table predict 
that positions 3(N), 6(H), and 8(H) are the positions 
of large splitting with the largest splitting arising from 
the 6 position. Since substitution of the cyano group 
at the 6 position of purine showed this position to be 
the site of the 10.4-G hydrogen splitting, the calculation 
is in agreement with experiment. The remaining larger 
splittings of 4.4 G due to a nitrogen and a hydrogen can 
therefore be assigned to positions 3 and 8 with confi
dence. Closer examination of the calculated splittings 
shows that the calculation for the 9 H tautomer is in 
much better agreement with the individual magnitudes 
of the larger splittings. The smaller splittings of
1.8 G (H) and 1.2 G(N) are also in better agreement with 
the calculation for the 9 H tautomer and have been 
assigned accordingly. The improvement for the 9 H 
calculation is sufficient to suggest that the 9 H tauto
mer may be the anion species which predominates in the 
spectrum of purine anion.

The calculated hyperfine splittings for the 6-cyano
purine 7 H and 9 H tautomers are quite similar; so 
similar that the same assignment of splittings to posi
tions results for each calculation. In addition, the 
agreement between the calculated results and experi
ment is excellent. The largest splitting is in better 
agreement with the calculation for the 9 H tautomer, 
but from the overall agreement it  is not possible to 
differentiate between the two calculations. A com
parison of the calculated results for purine and 6- 
cyanopurine predicts that the effect of the cyano group 
on the larger splittings is small. This is confirmed by 
the experimental results. The theoretical results 
predict that the splittings at positions 2, 3, and 8 will be 
lowered while that at position 1 will be raised by the

substitution of the cyano group. This is also in agree
ment with the experimental results.

I t  is apparent that in "his case an indication of which 
tautomer is the more stable cannot be obtained from 
the calculation of hyperfine splittings. Another method 
to obtain such an indication may be the calculation of 
the total HMO 7r-electron energy for the two tautomers. 
The total energy of such a system cannot be expected 
to be predicted accurately but simple MO theory often 
correctly predicts quaLtative differences in results18 
and might be expected to do so in this case. This cal
culation was performed and shows the 9 H tautomer is 
favored by 1.6 kcal (/3 = 50 kcal) over the 7 H tautomer.
Summary

Comparison of theory and experiment for purine and
6-cyanopurine shows that McLachlan MO computations 
of the spin density are in reasonable agreement with 
experiment. In addition, this comparison suggests 
that the 9 H tautomer may be favored for the purine 
anion. Simple HMO calculations of the total electron 
energy also suggest that the 9 H tautomer may be 
favored for 6-cyanopurine as well.19

The theoretical and experimental results for pyrimi
dine and 5-methylpyrimidine are also in reasonable 
agreement. The experimental results for 5-methyl
pyrimidine and possibly pyrimidine show that dimeriza
tion and aromatization can occur through electrolysis. 
The mechanism of aromatization is unknown; however, 
it is known that in alkali metal reductions an excess of 
alkali metal catalyzes the aromatization of the dimer.3 
In electrolysis, catalysis at the metal electrode surface 
must certainly be considered.

Acknowledgment. The author wishes to express his 
thanks to Richard Holrc yd for many helpful discussions 
and to Kay Medeiras fer her aid in programming the 
McLachlan SCF-MO theory.

(17) It should be noted tha a rapid conversion between the two 
tautomeric forms of the purines is not considered likely since an apro- 
tic solvent has been employed.
(18) A. Streitwieser, Jr., “ Molecular Orbital Theory for Organic 
Chemists,” John Wiley & Sons, New York, N. Y., 1961.
(19) It should be noted that in the crystalline state the neutral purine 
molecule has been shown to be the 7 H tautomer (D. G. Watson, R. M, 
Sweet, and R. E. Marsh, Ada Cryst., 19, 573 (1965)). The results 
found here are not considered to be in disagreement with those re
ported by Watson, et al., since the species observed here is the anion in 
solution, not the neutral molecule in a crystalline state.
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Substituent Effects on Aromatic Proton Chemical Shifts. VII. 

Further Examples Drawn from Disubstituted Benzenes1

by William B. Smith, Arthur M . Ihrig,2 and James L. Roark

Department of Chemistry. Texas Christian University, Fort Worth, Texas 76129 {Received August 1, 1969)

The nmr parameters for a series of 2-substituted anilines, 2-substituted toluenes, l-perdeuteriophenyl-2-X-ben- 
zenes, and several 9-substituted fluorenes have been determined. The chemical shifts are considered in relation 
to the Q parameters for the various substituents. Substituent interactions due to size and intramolecular 
hydrogen bonding are discernible in the ring proton spectra. The Q values for a variety of substituents are 
summarized, and some further insights into the meaning of the Q parameter are offered.

Introduction
Interest in the role which aromatic ring substituents 

play in determining the chemical shifts of protons at
tached to the ring has continued over the years in the 
hope that nmr data could be used to garner more infor
mation on ground state electronic properties and chemi
cal reactivities of these molecules. While a variety of 
rationalizations have been put forth to explain the 
nmr data,lc it would appear that ortho effects of the 
substituent are best correlated by means of the param
eter Q.

First defined as an empirical parameter, Schaefer and 
coworkers3 have suggested that Q is a measure of the 
paramagnetic shielding produced by the mixing of 
excited states of the substituent with the ground state 
of the electrons in the C-H bond. From the original 
definition one can calculate Q values only for hydrogen 
and the halogens. Subsequently, an experimental 
method for ascertaining Q values was developed, and a 
number of these are now available.lc,d I t  has been 
observed that groups which do not have cylindrical 
symmetry about the bond to the aromatic ring usually 
require two Q values to correlate completely their ortho 
effects; Q (1) values apply when the substituent is 
flanked only by hydrogens while the Q (2) values apply 
when an ortho substituent is present.

In a logical extention of the work previously reported 
on a series of ortfio-substituted phenols,Id the nmr param
eters for a similar series of anilines have been deter
mined in both carbon tetrachloride and in dimethyl 
sulfoxide (DMSO). Since the work in both the phenol 
and aniline series consisted of substituents to which 
the hydroxyl and amino groups might potentially 
hydrogen bond, a group of orf/io-substituted toluenes 
have been examined, and these nmr parameters are 
also reported below.

Finally, the role of substituent magnetic anisotropy 
in determining proton chemical shifts should be at a 
maximum at the ortho position. This effect has been 
proposed to account for the odd crtho effects of the

halogens.4 However, to date no consistent set of 
magnetic anisotropies has been produced for the 
halogens which lead to meaningful results in aromatic 
systems. Undoubtedly the group with most reliably 
known magnetic anisotropy is the phenyl group. Nmr 
results on a series of substituted biphenyls have been 
obtained and are reported here. As a complement to 
these data, a series of 9-substituted fluorenes have also 
been examined. Here the geometric relation between 
the two phenyl rings is fixed by the bridging carbon.
Experimental Section

Materials. The various anilines and toluenes used 
in this study were all commercially available. Those 
which gave any indication of impurities were distilled 
or recrystallized before use.

The method of Wanscheidt5 was used to prepare 9- 
iodofluorene, while 9-methoxyfluorene was synthesized 
by the method of Kliegel.6 Fluorene and the remaining
9-substituted fluorenes were commercially available. 
Dibiphenylene ethylene was prepared from 9-bromo- 
fluorene by the method of Bethell.7 A sample of 9- 
dichloromethylenefluorene was kindly provided by 
Dr. C. G. Venier.

The Elks, Hawthorne, and Hey modification of the 
Gomberg reaction was used to prepare a series of 1-

(1) For previous papers in this series see (a) W. B. Smith and G. M. 
Cole, J. Phys. Chem., 69, 4413 (1965); (b) W. B. Smith and S. Chiran- 
jeevi, ibid., 70, 3505 (1966); (c) W. B. Smith and J. L. Roark, J. 
Amer. Chem. Soc., 89, 5018 (1967); (d) J. L. Roark and W. B. Smith, 
J. Phys. Chem., 73, 1043 (1969); (e) J. L. Roark and W. B. Smith, 
ibid., 73, 1046 (1969); and (f) W. B. Smith and J. L. Roark, ibid., 73, 
1049 (1969).
(2) T. C. U. Research Foundation Postdoctoral Fellow, 1968-1969.
(3) (a) F. Hruska, H. M. Hutton, and T. Schaefer, Can. J. Chem., 43, 
2392 (1965); (b) T. Schaefer, F. Hruska, and H. M. Hutton, ibid. 
45,3143(1967).
(4) (a) H. Spiesecke and W. G. Schneider, J. Chem. Phys., 35, 731 
(1961); see also (b) J. S. Martin and B. P. Dailey, ibid., 39, 1722 
(1963).
(5) A. Wanscheidt, Ber., 59,2092 (1926).
(6) A. Kleigel, ibid., 62, 1327 (1929).
(7) D. Bethell, J. Chem. Soc., 666 (1963).
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perdeuterio-2-X-benzenes where X  is fluoro, chloro, 
bromo, and nitro.8 The same procedure was used to 
prepare 4-chloro-l-perdeuteriophenylbenzene from p- 
chloroaniline. The procedure for the 2-chloro com
pound is typical.

A solution was prepared from 2.14 g of o-chloroaniline 
in 5.3 ml of concentrated hydrochloric acid and 3 ml 
of water. The mixture was cooled in ice, and the diazo- 
tization reaction carried out by the slow addition of 
1.21 g of sodium nitrite dissolved in 2.5 ml of water. 
The solution of diazonium salt solution and 35 ml of 
perdeuteriobenzene was chilled in a reaction vessel 
equipped with a high-speed stirrer. While this mixture 
was chilled and stirred, a solution of 5.35 g of sodium 
acetate trihydrate in 12 ml of water was slowly added 
(1.5 hr). After 6 hr the reaction mixture was allowed 
to come to room temperature, and stirring was con
tinued for 2 days. The reaction mixture was steam 
distilled, and the benzene layer was separated, dried, 
and the unreacted benzene recovered by distillation. 
The viscous brown residue was purified by washing 
through an alumina column with Skellysolve A and 
ethyl ether. A crystallization from ethanol-water gave
1.04 g of l-perdeuteriophenyl-2-chlorobenzene, mp
33.5-34.0° (lit.8 34°). The melting points of all of the 
perdeuteriophenylated compounds prepared in this 
fashion agreed closely with the literature values of the 
appropriate nondeuterated biphenyls. The bromo and 
iodo compounds (prepared as below) were liquids and 
not purified beyond the alumina chromatography step. 
Their nmr spectra were normal, and all bands were 
fitted.

The 2-iodo, 2-cyano, and 2-hydroxy derivatives were 
prepared by the standard Sandmeyer reaction from 
l-perdeuteriophenyl-2-aminobenzene.9 The latter sub
stance was prepared by the catalytic hydrogenation of 
the 2-nitro compound in ethanol using palladium (5%) 
on carbon as the catalyst and room temperature with 
3 atm pressure of hydrogen. The amine was crystal
lized from Skellysolve A in 82% yield, mp 47.0-48.5° 
(lit.10 49-50°).

The o-terphenyl and 4-nitrobiphenyl were commer
cially available and were used without further purifica
tion.

Nmr Determinations. A ll nmr spectra were deter
mined on a Varían HA-100. Solutions (10% w/v) in 
carbon tetrachloride and containing a small amount of 
tetramethylsilane were degassed and sealed under 
vacuum. The anilines were also examined in deuter- 
ated DMSO as previously with the phenols;ld the 
chemical shifts in DMSO were estimated from the 
completely analyzed spectra in carbon tetrachloride.

The methyl group of the toluenes, the ¿-butyl methyls 
in the ¿-butylbenzene derivatives, and the proton (s) at 
C-9 in the fluorenes were spin decoupled with the aid of 
a Hewlett-Packard 200 CD audio oscillator.

The fluorine spectrum of l-perdeuteriophenyl-2-

fluorobenzene was determined at 94.1 MHz using
l,l,2,2-tetrachloro-3,3,4,4-tetrafluorocyclobutane (TC- 
TFB) as an internal standard. This spectrum was 
treated as an ABCDX system, and all five spins were 
fitted using both the protcn and fluorine spectra.

All spectra were taken four to six times and the line 
positions averaged. The parameters were determined 
using the precepts statec before.1“'0’11 The l a o c o o n  
program12 was employed throughout. In several 
cases where iterated parameters seemed suspicious, the 
60-MHz spectrum was calculated and checked against 
that produced on a Varian A-60A. Line assignments 
were altered if the 60-MHz fit was unsatisfactory. In 
general, the spectra of the compounds studied here 
provided 28-40 lines out of a possible maximum of 56. 
All lines were used in the computer program for fitting 
the spectra. The root-rr.ean-square deviations for the 
calculated and experimental lines were routinely 0.05 Hz 
or less.

Results

The chemical shifts and coupling constants for the 
various series and a selection of miscellaneous disub- 
stituted benzenes are given in Tables I-V .13 For the 
orfAo-disubstituted benzenes proton chemical shifts 
for protons nonadjacent to substituents were assigned 
on the basis of the rules of Martin and Dailey.4b In 
moderately perturbed systems, protons adjacent to 
substituents were assigned on the basis of splitting 
patterns, long-range couplings if observed, or so as to 
give the most consistent data pattern if no other criter
ion existed. The published chemical shift values for 
biphenyl in carbon tetracaloride were used to determine 
the substituent constants for the phenyl group as 
d0 — 0.17 ppm, dm +  0.01 ppm, and dv +  0 .11 ppm.14

Several of the ortAo-suostituted anilines gave broad
ened spectra due to coupling with the amine protons. 
Weil, e t  al.,w have reported a stereospecific coupling

(8) J. Elks, J. W. Hawthorne, and D. H. Hey, J. Chem. Sco., 369 (1940).
(9) D. A. Shirley, “ Preparation of Organic Intermediates,” John 
Wiley & Sons, New York, N. Y. 1951.
(10) H. A. Scarborough and W. A. Waters, J. Chem. Soc., 89 (1927).
(11) W. B. Smith and J. L. Roark, J. Chem. Eng. Data, 12, 587 
(1967).
(12) S. Castellano and A. A. Bothner-By, J. Chem. Phys., 41, 3863
(1964).
(13) We are well aware that studies of aromatic proton chemical 
shifts are preferred in a more “ inert” solvent such as cyclohexane (see 
P. Laszlo in “ Progress in Nuclear Magnetic Resonance Spectroscopy,” 
Vol. 3, Ed. J. W. Emsley, J. Feeney, and L. H. Sutcliffe, Pergamon 
Press, New York, N. Y., 1967, p 243, et seq.; B. Richardson and T. 
Schaefer, Can. J. Chem., 46, 2195 (1968); and T. Schaefer, B. Rich
ardson, and R. Schwenk, ibid., 46, 2775 (1968)). We have reinvesti
gated many of the compounds reported in carbon tetrachloride from 
our earlier studies.1 In cyclohexane the proton chemical shifts are 
routinely 0.05-0.1 ppm downfeld from the carbon tetrachloride re
sults. However, the results in carbon tetrachloride are internally 
self-consistent and offer the possibility of studying many compounds 
which are insoluble in the hydrocarbon solvents.
(14) F. A. Bovey, F. P. Hoed, E. Pier, and H. E. Weaver, J. Amer. 
Chem. Soc., 87, 2061 (1965).
(15) J. A, Weil, A. Blum, A. H. Heiss, and J. K. Kinnaired, J. Chem. 
Phys., 46, 3132 (1967).
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Table I  :  P a r a m e t e r s  f o r  t h e  o r i f e o - S u b s t i t u t e d  A n i l i n e s “

o r t h o

s u b s t i t u e n t T3 T4 T5 T6 J u J i h J  36 J u J u J  66

O C H , 3 . 4 3 3 . 4 3 3 . 4 3 3 . 4 3
3 . 4 0 3 . 4 0 3 . 4 0 3 . 4 0

C l 2 . 8 6 3 . 4 3 3 . 0 7 3 . 4 2 8 . 0 0 1 . 4 3 0 . 3 1 7 . 3 5 1 . 4 6 8 . 0 0
2 . 8 6 3 . 4 9 3 . 0 2 3 . 2 0

B r 2 . 6 8 3 . 4 9 3 . 0 1 3 . 3 9 8 . 0 7 1 . 4 5 0 . 2 7 7 . 3 2 1 . 5 3 8 . 0 6
I 2 . 4 7 3 . 6 4 2 . 9 9 3 . 4 2 7 . 9 2 1 . 4 5 0 . 2 9 7 . 2 9 1 . 5 0 8 . 0 3

2 . 4 9 3 . 6 9 2 . 9 6 3 . 2 3
C N 2 . 7 1 3 . 3 6 2 . 7 7 3 . 3 1 7 . 8 7 1 . 6 1 0 . 4 4 7 . 2 7 0 . 9 6 8 . 4 8

2 . 7 2 3 . 4 1 2 . 7 9 3 . 1 9
n o 2 1 . 9 3 3 . 3 5 2 . 7 0 3 . 2 1 8 . 6 7 1 . 6 0 0 . 4 4 7 . 0 0 1 . 3 0 8 . 4 1

2 . 0 6 3 . 3 9 2 . 6 4 2 . 9 7 8 . 7 4 1 . 6 0 0 . 4 1 6 . 9 3 1 . 3 3 8 . 6 0

»  C o u p l i n g  c o n s t a n t s  a r e  i n  H z .  T h e  f i r s t  e n t r y  f o r  e a c h  c o m p o u n d  i s  f o r  c a r b o n  t e t r a c h l o r i d e ;  t h e  s e c o n d  i s  f o r  D M S O .

Table I I  :  P a r a m e t e r s  f o r  S o m e  2 - X - T o l u e n e s “

ortho
substituent T8 T4 T6 re J u J  35 J  86 J u J u J u

n h 2 3 . 5 7 3 . 1 3 3 . 4 5 3 . 1 2 7 . 8 8 1 . 2 4 0 . 4 6 7 . 4 4 1 . 4 9 7 . 4 6

O H 3 . 4 1 3 . 0 8 3 . 2 7 3 . 0 1 8 . 0 6 1 . 2 7 0 . 4 2 7 . 4 0 1 . 7 3 7 . 4 4

o c h 3 3 . 3 4 2 . 9 9 3 . 2 8 3 . 0 1 8 . 2 3 1 . 1 8 0 . 3 5 7 . 5 0 1 . 7 4 7 . 3 2

C l 2 . 7 6 2 . 9 8 2 . 9 6 2 . 8 9 7 . 9 7 1 . 4 9 0 . 2 9 7 . 5 4 1 . 6 4 7 . 6 0

B r 2 . 5 6 3 . 0 5 2 . 9 1 2 . 8 7 8 . 0 0 1 . 1 6 0 . 5 2 7 . 6 4 1 . 5 8 7 . 7 3

C N 2 . 5 0 2 . 7 7 2 . 5 8 2 . 7 3 7 . 8 7 1 . 4 2 0 . 5 7 7 . 6 9 1 . 2 8 7 . 8 1

n o 2 2 . 1 3 2 . 7 1 2 . 5 6 2 . 7 1 8 . 2 6 1 . 3 7 0 . 4 8 7 . 4 6 1 . 4 9 7 . 7 2

°  S o l u t i o n s  i n  c a r b o n  t e t r a c h l o r i d e .  C o u p l i n g  c o n s t a n t s  i n  H z .

Table I I I  :  P a r a m e t e r s  f o r  S o m e  l - P e r d e u t e r i o p h e n y l - 2 - X - b e n z e n e s “

ortho
s u b s t i t u e n t T3 T4 T5 T6 J u J u J  3 6 J i b J u J  56

n h 2 3 . 4 7 3 . 0 2 3 . 3 3 3 . 0 2 7 . 9 9 1 . 1 6 0 . 4 7 7 . 3 5 1 . 6 0 7 . 5 0
O H 3 . 1 7 2 . 8 9 3 . 1 6 2 . 9 0 8 . 0 9 1 . 1 9 0 . 3 7 7 . 4 1 1 . 7 3 7 . 6 1
F 6 2 . 9 6 2 . 8 3 2 . 9 3 2 . 6 7 8 . 2 7 1 . 1 9 0 . 4 1 7 . 4 7 1 . 7 7 7 . 7 0
C l 2 . 6 2 2 . 8 4 2 . 8 1 2 . 7 6 8 . 0 9 1 . 2 8 0 . 3 9 7 . 4 5 1 . 7 3 7 . 6 2
B r 2 . 4 2 2 . 9 2 2 . 7 7 2 . 7 7 8 . 0 0 1 . 2 8 0 . 3 8 7 . 4 1 1 . 7 3 7 . 6 4
I 2 . 1 3 3 . 0 8 2 . 7 3 2 . 7 9 7 . 9 5 1 . 2 5 0 . 4 0 7 . 3 5 1 . 7 3 7 . 6 1
C N 2 . 3 6 2 . 6 8 2 . 4 9 2 . 5 9 7 . 7 4 1 . 3 9 0 . 5 6 7 . 5 3 1 . 1 8 7 . 9 6
n o 2 2 . 2 9 2 . 6 4 2 . 5 2 2 . 6 7 8 . 0 9 1 . 3 6 0 . 3 5 7 . 4 3 1 . 5 2 7 . 6 8
c 6h v 2 . 7 3 2 . 6 9 2 . 6 9 2 . 7 3 7 . 7 6 1 . 4 1 0 . 4 0 7 . 2 9 1 . 4 1 7 . 7 6

°  S o l u t i o n s  i n  c a r b o n  t e t r a c h l o r i d e .  C o u p l i n g  c o n s t a n t s  a r e  i n  H z .  b T h e  c h e m i c a l  s h i f t  o f  t h e  f l u o r i n e  w a s  3 . 7 2  p p m  u p f i e l d  f r o m  
T C T F B .  V a l u e s  f o r  t h e  c o u p l i n g  c o n s t a n t s  t o  f l u o r i n e  a r e  J 3 f  1 0 . 2 7  H z ,  J 4f  4 . 9 7  H z ,  J 5 f  — 0 . 2 9  H z ,  a n d  J % f  7 . 8 3  H z .  c o - T e r p h e n y l .

between NH and H5 in N-acetyl-2,4-dinitroaniline. I t  
is not clear that the couplings observed here are stereo
specific since, in cases where resolution was possible, the 
spectral lines appeared as triplets implying that the 
ring protons are coupled to both amino protons. No 
consistent pattern of ring broadening was noted, i.e., 
the chloro and bromo anilines showed broadened spectra 
while the o-iodoaniline did not.

While the methyl groups in the toluenes are coupled 
to all ring protons, the f-butyl methyl protons appear to 
couple only to protons ortho to the ¿-butyl group. I t

should be mentioned also that in the various aromatic 
nitro compounds which we have studied there is a 
slight broadening of the lines of protons ortho to the 
nitro group.

During the course of this investigation the parameters 
for fluorene were reported by Bartle and Jones,16 who 
substantiated the assignment of chemical shifts with 
the aid of a ring-substituted fluorene. Our results agree 
extremely well with theirs.

(16) K. D. Bartle andD. W. Jones, J. Mol. Struct., 1,131 (1967-1968).
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Table IV  : Parameters for Fluorene and Derivatives“

Compound T1

F l u o r e n e 2 . 6 1
9 - C h l o r o 2 . 4 6
9 - B r o m o 2 . 4 2
9 - I o d o 2 . 4 4
9 - M  e t h o x y 2 . 4 9
9 - D i c h l o r o m e t h y l e n e 1 . 7 8
D i b i p h e n y l e n e

e t h y l e n e 1 . 6 2

T2 T 3 74

2 . 8 4 2 . 7 6 2 . 3 6
2 . 7 8 2 . 7 3 2 . 4 8
2 . 7 5 2 . 7 0 2 . 4 3
2 . 8 0 2 . 7 5 2 . 4 6
2 . 7 9 2 . 7 2 2 . 4 4
2 . 8 0 2 . 7 3 2 . 4 6

2 . 8 7 2 . 7 7 2 . 3 9

J12 . / 1, J14

7 . 4 5 1 . 1 8 0 . 8 1
7 . 6 8 0 . 9 8 0 . 7 1
7 . 6 8 0 . 8 2 0 . 7 7
7 . 7 6 1 . 0 3 0 . 7 5
7 . 4 9 1 . 1 5 0 . 7 8
8 . 1 0 1 . 2 1 0 . 7 7

8 . 2 6 1 . 0 2 0 . 7 8

J  23 J  24 J  34

7 . 4 5 1 . 1 7 7 . 5 3
7 . 5 5 1 . 1 0 7 . 7 2
7 . 4 3 1 . 1 8 7 . 7 5
7 . 6 1 1 . 0 6 7 . 8 5
7 . 5 8 1 . 1 7 7 . 6 1
7 . 5 6 1 . 3 7 7 . 6 5

7 . 5 5 1 . 1 9 7 . 8 5

°  F o r  s o l u t i o n s  i n  c a r b o n  t e t r a c h l o r i d e .  C o u p l i n g  c o n s t a n t s  i n  H z .

Table V :  P a r a m e t e r s  f o r  V a r i o u s  D i s u b s t i t u t e d  B e n z e n e s “

Substituents T2 T3 T4 T5

l - B r ,  2 - i - B u 2 . 6 5 2 . 8 8 3 . 0 8
1 - C 1 ,  2 - C C I 3 1 . 8 6 2 . 7 3 2 . 6 9
1 - f - B u ,  2 - i - B u 3 . 0 4 2 . 5 4 2 . 5 4

1 - C 6 D s ,  4 - C 1 2 . 6 1 2 . 7 0 2 . 7 0
l - C e D s ,  4  - X  O , 2 . 3 4 1 . 7 8 1 . 7 8
1 - C 1 ,  4 - O H 2 . 8 6 3 . 3 2 3 . 3 2
1 - C 1 ,  4 - C F 3 2 . 4 9 2 . 5 2 2 . 5 2
1 - C 1 ,  4 - C C I 3 2 . 6 4 2 . 1 4 2 . 1 4
l - B r ,  4 - i - B u 2 . 7 0 2 . 8 4 2 . 8 4

T6 J  34 J  35 J  36 Jib J  46 J  66

2 . 5 1 7 . 7 5 1 . 7 1 0 . 2 6 7 . 1 1 1 . 3 8 7 . 6 1
2 . 5 2 7 . 4 3 1 . 8 4 0 . 3 1 7 . 0 6 1 . 2 5 7 . 7 1
3 . 0 4 8 . 3 3 1 . 7 3 0 . 0 0 7 . 1 0 1 . 7 3 8 . 3 3

J  23 J  26 J  26 Ja

2 . 6 1 8 . 3 0 0 . 4 6 2 . 3 0 2 . 3 0
2 . 3 4
2 . 8 6 6
2 . 4 9 6

2 . 6 4 *
2 . 7 0 *

8 . 6 0 0 . 4 2 3 . 4 5 2 . 0 7

“  S o l u t i o n s  i n  c a r b o n  t e t r a c h l o r i d e .  C o u p l i n g  c o n s t a n t s  i n  H z . 6  T h e s e  A A ' B B '  s y s t e m s  w e r e  a n a l y z e d  f o r  c h e m i c a l  s h i f t s  o n l y .

Finally, it seemed desirable that we bring together in 
one place all the Q values from previous work and those 
derived from this study. A ll empirical Q (2) values 
have been determined from the H3 chemical shifts for 
either the l-chloro-2-X-benzene or l-bromo-2-X-ben- 
zene and the least-squares plot cf Q vs. chemical shifts 
for the various dihalobenzenes and including benzene 
itself as described previously.1“'0’11 Similarly, the data 
for a variety of 4-chloro-l-X-benzenes (largely taken 
from the work of Martin and Dailey17) have been used 
to determine Q (1) values. These values are given in 
Table VI.
Discussion

An Application of the Q (1) Values. In Figure 1 are 
plotted the H3 chemical shifts for a series of para-sub
stituted anilines and nitrobenzenes. These data were 
taken from the work of Martin and Dailey17 with the ex
ception of p-diaminobenzene, which was estimated from 
their additivity rules.4b Similar plots have been obtained 
for a variety of para-disubstituted benzenes and for 
the monosubstituted benzenes. In each case, the Q (1) 
values of hydroxyl, amino, and nitro are required.

The implication of these observations is that there is 
no appreciable ground state electronic interaction be
tween the 1,4-substituents in these systems. Figeys 
and Flammung18 have calculated the decrease in ring 
current effect caused by a variety of substituents on the

Table V I :  S u m m a r y  o f  Q  v a l u e s

Substituent Q (1) 'Q (2)

n h 2 - 0 .6 7 0.03
O H 0.30 1.20
O C H , 0.54 0.54
H 2.28* a
F 1.04* a
C l 2.55* a
B r 3.16* a
I 3.98* a
C N a 3 . 4 3

N O 2 6 . 3 3 4 . 0 0

c h 3 a 1 . 7 7

i - B u a 2.50
c f 3 3.71 a
C C I , a 5.15
C H O 4.90 c
C O C H 3 5.20 c
C O C I 6.00 c

“  O n e  v a l u e  o f  Q  s e e m s  t o  w o r k  f o r  b o t h  s i t u a t i o n s . b O r i g i n a l
v a l u e s  c a l c u l a t e d  b y  S c h a e f e et al.3a c R e a s o n a b l y  
v a l u e  w o u l d  b e  r e q u i r e d  a s  Q  ( 2 )  f o r  t h e s e  g r o u p s .

a  d i f f e r e n t  Q

benzene ring. For strcng electron donating or with
drawing groups this decrease was accompanied by an

(17) J. S. Martin and B. P. Daily, J. Chem. Phys., 37, 2594 (1962).
(18) H. P. Figeys and R. Flammung, Mol. Phys., 12, 581 (1967).
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Q

F i g u r e  1 .  H 3  c h e m i c a l  s h i f t s  f o r  a  s e r i e s  o f  4 - s u b s t i t u t e d  
a n i l i n e s  ( u p p e r )  a n d  n i t r o b e n z e n e s  ( l o w e r )  p l o t t e d  u s .  Q 
s h o w i n g  t h e  a p p l i c a b i l i t y  o f  t h e  Q ( 1 )  v a l u e s  o f  t h e  a m i n o ,  
h y d r o x y l ,  a n d  n i t r o  g r o u p .

increase in the importance of “ quinoid”  resonance 
structures as implied by an increase in the C2-C3 bond 
orders. I f true, one might expect marked perturba
tions to occur in the proton chemical shifts of molecules 
such as p-nitro aniline and p-nitroanisole. Yet Figure 
1 shows the protons adjacent to the nitro groups and 
those adjacent to the amino group in the aniline to 
behave in a pattern consistent with molecules such as 
p-aminoanisole and p-dinitrobenzene where “ quinoid” 
structures reasonably play no important role. This 
conclusion is in accord with the observation that J2,3 
shows no evidence of enhanced bond order for either 
p-nitrophenol or p-nitroaniline compared to other para- 
substituted phenols or anilines.19 Further support for 
the contention of negligible 1,4-substituent interactions 
through a benzene ring has been offered by Vasil’eva20 
who showed that the failure of dipole moment additivity 
rules in these compounds could be accounted for by a 
slight lengthening of the dipole.

Ortho-Substituted, Anilines and Toluenes. The data 
for the H3 chemical shifts in the 2-X-anilines (Table I) 
are plotted against Q in Figure 2 for both carbon tetra
chloride and DMSO. As in the case of the 2-X- 
phenols,ld the Q (1) value of the nitro group is required 
in carbon tetrachloride, a result in keeping with a 
planar, hydrogen bonded structure for this molecule. In 
DMSO the hydrogen-bonded structure is disrupted, and 
an intermediate value of Q would be required to fit the 
curve. Using a series of polysubstituted o-nitroani- 
lines in solutions of chloroform and DMSO, Rae21 con
cluded that an intramolecular hydrogen bond existed

OH

Q

F i g u r e  2 .  H 3  c h e m i c a l  s h i f t s  vs. Q f o r  a  s e r i e s  o f  
o r i / i o - s u b s t i t u t e d  a n i l i n e s  i n  c a r b o n  t e t r a c h l o r i d e  ( c i r c l e s )  a n d  
D M S O  ( X ’ s ) .  T h e  v a l u e s  f o r  o r f f i o - p h e n y l  a n d  m e t h y l  g r o u p s  
w e r e  t a k e n  f r o m  T a b l e s  I I  a n d  I I I ,  r e s p e c t i v e l y .  T h e  l i n e  
s h o w n  i s  a  v i s u a l  f i t  t o  t h e  d a t a  i n  c a r b o n  t e t r a c h l o r i d e .

between the amine and nitro groups in the former sol
vent but not in the latter. Later he concluded that 
DMSO may complex with the nitro group and effec
tively change its steric requirements with a variety of 
ortho substituents.22

The general effect of changing from carbon tetra
chloride to DMSO on the various ring proton chemical 
shifts in Table I is quite curious. In general, a change 
to a more polar solvent causes a downfield shift for 
aromatic protons.23 Such a shift was clearly evident 
in the phenols, but preferential solvent effects of carbon 
tetrachloride or DMSO or perhaps the weaker inter
actions between the aniline amine group and the ortho 
substituents may account for the smaller solvent effects 
in the anilines than that previously observed in the 
phenols.

Indeed, the whole question of steric and bonding inter
actions in ori/io-substituted anilines has been a matter of

(19) W. B. Smith and T. J. Kmet, J. Phys. Chem., 70, 4084 (1966). 
Also, it has been observed by Dr. B. A. Shoulders in these labora
tories that there is no significant difference for the various J ortho 
values in cis- and irans-4-methoxy-4,-nitrostilbene.
(20) V. N. VasiPeva, Tetrahedron, Suppl., 20,403 (1964).
(21) I. D. Rae, Aust. J. Chem., 20, 1173 (1967).
(22) I. D. Rae, ibid., 20, 2381 (1967).
(23) See, for instance, H. M. Hutton and T. Schaefer, Can. J. Chem., 
43, 3116 (1965), and P. Laszlo in ref 13.
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controversy for some time. Webster concluded from 
studies of the electronic spectra that steric interactions 
between the aniline amine group and ortho substituents 
as large as i-butyl were relatively slight.24 In contrast, 
Smith26 decided from dipole moment studies that 
even an adjacent methyl group produced a slight in
hibition to resonance.

The data regarding amine hydrogen bonding to 
ortho substituents have been reviewed.26 Lady and 
Whetsel27 concluded from infrared data that N-H hy
drogen bonding occurs to strong donor groups such as 
iodo, nitro, and keto. The question of whether such 
bonding maintains itself in solvents such as chloroform 
and carbon tetrachloride which may complex with the 
amine group has proven quite vexing.21'27’28

We may appeal to data from earlier studies1 com
bined with those from Table I  to answer the question of 
whether the amine group is hydrogen bonded to ortho- 
substituents other than nitro in carbon tetrachloride. 
In Figure 3 are shown the plots of the H3 chemical 
shifts in a series of 2-X-anisoles and nitrobenzenes vs. 
the appropriate Q values. I t  is noted that the Q (2) 
values of the amino and hydroxyl groups are clearly 
called for in both plots. Since Q (2) values are deter
mined from the data on 2-X-halobenzenes and since 
hydrogen bonding between the amine and nitro group 
has been established for o-nitroaniline, it follows that 
the amine group is also hydrogen bonded to the halogen 
and the methoxyl group in their respective series in 
carbon tetrachloride solution. This point is supported 
by the data for the 2-X-toluenes.

The Q plot for the H3 chemical shifts of the 2-X- 
toluenes (Table II) is shown in Figure 4. Of immediate 
interest is the observation that the point for H3 in
o-toluidine is far downfield from that predicted from 
either amine Q value. This is the only case we have 
observed where such anomalous behavior is displayed. 
Most reasonably the amine group cannot hydrogen 
bond to the methyl group. Moreover, the conforma
tional requirements of the amine group are harder to 
assess as the conjugation of the nitrogen lone pair of 
electrons with the aromatic ring, the unknown state of 
hybridization of the nitrogen, and the ammonia-like 
inversion process all complicate the matter. The Q 
(1) value of the amino group clearly characterizes the 
group in aniline and the para-substituted anilines. The 
Q (2) value applies when the amino group is hydrogen 
bonded to an ortho substituent. The average confor
mation of the amine group in o-toluidine is observably 
different from these two cases, and the downfield shift 
of H3 suggests that the nitrogen lone pair may be pref
erentially oriented toward H3.29

The chemical shift for H3 in 2-nitrotoluene (Figure
4) falls at a value intermediate between that given by 
the Q (2) nitro value required for most ortho substitu
ents and the Q (1) value which characterizes the nitro 
in the plane of the aromatic ring. The situation

Q

F i g u r e  3 .  H s  c h e m i c a l  s h i f  t s  vs. Q  f o r  a  s e r i e s  o f  
o r i l i o - s u b s t i t u t e d  a n i s o l e s  ' u p p e r )  a n d  n i t r o b e n z e n e s  ( l o w e r ) .  
B o t h  l i n e s  a r e  v i s u a l  f i t s  t o  d a t a  r e p o r t e d  i n  t h i s  
a n d  e a r l i e r  s t u d i e s . 1

resembles that found previously in o-fluoronitroben- 
zene.lf On the average, the nitro group finds itself some
what out of the plane of the ring but not at the extreme 
right angle required by more bulky ortho substituents. 
The relatively small size of the methyl group is con
firmed by the observation that the Q (1) value of 
hydroxyl is preferred for the H3 chemical shift in
o-cresol (Figure 4). N i hydrogen bonding to methyl 
occurs, and the hydroxyl is free to assume the con
formation found in phenol itself.

Brief comment is merited regarding the coupling 
constants in Tables I and II. The additivity of sub
stituent effects on arcmatic coupling constants has

(24) B. M. Webster, “ Steric Effects in Conjugated Systems,” G. W. 
Gray, Ed., Butterworth and Co., Ltd., London, 1958, p 82.
(25) J. W. Smith in ref 24, p 141.
(26) A. N. Hambly, Rev. Pure Appl. Chem., 11, 212 (1961).
(27) J. H. Lady and K. B. Whetsel, Speclrochim. Acta, 21, 1669
(1965).
(28) (a) P. J. Krueger, Can. J. Chem., 40, 2300 (1962); (b) T. Yono- 
moto, W. F. Reynolds, H. M. Hutton, and T. Schaefer, ibid.., 43, 2668 
(1965).
(29) (a) V. M. S. Gil and J. M. Murrell, Trans. Faraday Soc., 60, 248 
(1964); (b) G. Fraenkel, D. G. Adams, and R. R. Dean, J. Phys. 
Chem., 72,944 (1968).
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Figure 4. Plot of the H3 chemical shifts vs. Q for the 
2-X-toluenes. The range of Q values is shown for the 
hydroxyl, amino, and nitro groups.

been noted,30 and Castellano and Kostelnik have sug
gested that deviations from additivity indicate ortho 
substituent interactions. The data from our previous 
studies and those presented here have been examined 
according to their rules. Most compounds show de
viations of 0.1 Hz or less. The values of J34, J45, 
and J56 in o-nitrophenol and o-nitroaniline deviate 
from the predicated constants by 0.2-0.4 Hz. In 
each case, the sense of the deviation is to favor the 
enhanced importance of ortho “ quinoid” structures in 
these planar, hydrogen bonded systems.Id

The Biphenyls and Fluorenes. While substituent 
magnetic anisotropy has been offered often as a rational
ization of nmr chemical shifts, the fact remains that 
very few, if any, reliable values exist for the anisotropy 
of diamagnetic susceptibility, and the experimental 
separation of this effect from a variety of others is 
difficult.31 The “ ring current” effect in the benzene 
ring serves as a notable exception, and calculations 
of proton chemical shifts due to the “ ring current”  
effect have proven often to be both qualitatively and 
quantitatively successful. The utilization of the 
phenyl group as a substituent offers an attractive 
comparison of the Q value concept and the results 
of the “ ring current”  effect. The nmr parameters 
for a series of substituted biphenyls and fluorene and a 
series of substituted fluorenes are given in Tables III, 
IV, and V.

As for other groups without cylindrical symmetry, 
the phenyl group is characterized by two values of Q. 
The Q (1) value (Table VI), obtained from 4-chloro- 
biphenyl, holds good for the ortho proton chemical 
shifts in the monosubstituted benzenes vs. Q and a

similar plot of H3 chemical shifts in the 4-X-nitro- 
benzenes. Clearly, the same averaged phenyl con
formation obtains in biphenyl as in 4-chloro and 4-nitro- 
biphenyl.

While biphenyl is a planar molecule in the solid 
state,32 the steric repulsions of the ortho hydrogens 
overwhelm the conjugative stabilization offered by the 
planar form when in solution.33 The question of the 
population of the various conformers in solution is 
still open. Hoffman, et al.,u used arguments based 
on nmr data and magnetic anisotropy calculations 
using the point dipole approximation to conclude that 
the two rings were inclined 30-60° to each other. Kur
land and Wise36 studied the variation of chemical 
shifts with temperature for selectively deuterated bi
phenyl and calculated that the energy barrier to rota
tion was small and that an energy minimum exists 
at 90° rotation. Subsequently, Mayo and Goldstein36 
reported the chemical shifts for biphenyl to be ortho,
2.56 t; meta, 2.72 t; and para, 2.82 r in tetramethyl- 
silane and 2.42, 2.58, and 2.67 r, respectively, in deu- 
teriochloroform. Using a somewhat more sophisticated 
calculation of the ring current effect they proposed 
that biphenyl shows essentially free rotation at room 
temperature with an average dihedral angle of ca. 42°. 
Bovey, et ah,14 reported the chemical shifts for bi
phenyl in carbon tetrachloride to be 2.56 r (o), 2.72 r 
(m), and 2.84 r (p) in close agreement with the results 
in TMS. I t  is curious that in their subsequent dis
cussion of the ring conformations Mayo and Goldstein 
chose to use the deuteriochloroform data in spite of 
the fact that this solvent is known to interact with 
aromatic hydrocarbons.13

Calculations36 of the magnetic anisotropy due to 
the ring current effect indicate that in planar biphenyl 
the adjacent ring will deshield the ring protons by
— 0.57, —0.15, and —0.10 ppm at ortho, meta, and 
para positions, respectively, while with the rings at 
right angles these values become —0.04, —0.09, and
— 0.10 ppm.37 The measurement of the para proton 
chemical shift in the least reactive solvents (TMS 
and carbon tetrachloride) shows about a 0.1 ppm up- 
field shift from benzene, while the anisotropy predicts a

(30) (a) S. Castellano and R. Kostelnik, Tetrahedron Lett., 51, 5211
(1967); (b) H. B. Evans, A. R. Tarpley, and J. H. Goldstein, J. 
Phys. Chem., 72, 2552 (1968).
(31) See A. A. Bothner-By and J. A. Pople, Ann. Rev. Phys. Chem., 
16, 42 (1965), for a recent review. Also see J. Homer and D. Calla
ghan, J. Chem. Soc., A, 518 (1968), for a description of the difficulties 
in separating various effects.
(32) J. Trotter, Acta Cryst., 14, 1135 (1961).
(33) E. Merkel and C. Wiegand, Z. Naturforsch., 36, 93 (1948).
(34) R. A. Hoffman, P. O. Kinell, and G. Bergstrom, Ark. Kemi, 15, 
533 (1960).
(35) R. J. Kurland and W. B. Wise, J. Amer. Chem. Soc., 86, 1877 
(1964).
(36) R. E. Mayo and J. H. Goldstein, Mol. Phys., 10, 301 (1966).
(37) Our calculations by the Johnson and Bovey method, J. Chem. 
Phys., 29, 1012 (1958), are in close agreement.
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similar shift but downfield. The 0.2 ppm difference 
is not a small substituent effect for aromatic proton 
chemical shifts. As will be seen shortly, the assumption 
that chemical shift effects of a phenyl are due only to 
magnetic anisotropy effects may be an oversimplifica
tion.

I t  has been previously noted for H6 in a series o:
2-X-chlorobenzenesl0 (as well as all other series ex
amined) that chemical shifts or substituent chemical 
shifts (SCS)38 follow <rm. The dominant determining 
factor regarding the shift at H6 is the nature of the 
C-l substituent with the <rm effect of the C-2 sub
stituent as a perturbation. For 2-chloro, 2-bromo, 
or 2-iodo-l-X-benzenes, where X  is chloro, bromo, 
or iodo, the SCS at He are all ca. —0.11 ppm. This 
is because the <rm values for these halogens are all 
about the same. The chemical shifts of H6 in 2-chloro, 
2-bromo, and 2-iodo-l-phenylbenzene are 2.76, 2.77, 
and 2.79 t, respectively. Application of the correction 
for SCS of the halogens suggests that biphenyl itself 
with the rings at right angles would have an ortho 
chemical shift at ca. 2.9 r. Similar results are ob
tained using such functional groups as hydroxyl and 
amino. The conclusion is that effects other than simple 
magnetic anisotropy dictate the ortho effect of a phenyl 
substituent on an adjacent proton.

The Q (2) value for the phenyl characterizes the 
H6 chemical shifts for the l-perdeuteriophenyl-2-X- 
benzenes in all of the series which we have previously 
examined. This is true for l-perdeuteriophenyl-2- 
fluorobenzene, and points out the difference in steric 
requirements of the phenyl group which strongly inter
acts with the adjacent fluorine and the nitro group 
which does not.11 Furthermore, the chemical shift 
for the ortho fluorine falls well on the appropriate Q 
plot for fluorine chemical shifts while the fluorine in 
2-nitrofluorobenzene does not.89 A further argument 
against the importance of magnetic anisotropy emerges 
from these data. Given the phenyl to be essentially 
at right angles to the plane of the benzene ring in 
the fluorobiphenyl, one would expect the fluorine chem
ical shift to appear ca. the same as fluorobenzene since 
the fluorine is located on or very near the zero iso
shielding line of the ring current effect. The experi
mental fact is that it  appears 5.2 ppm upheld from 
fluorobenzene, a result in keeping with the Q value 
determined from proton chemical shift data.

Fluorene may be considered as a planar form of a 
substituted biphenyl. Using Johnson-Bovey calcula
tions37 one arrives at Hj 2.57 r, H2 2.65 t, H3 2.61 r, 
and H4 2.32 t.40 The agreement between the predicted 
and experimental chemical shifts at Hi and H4 are 
quite good though H2 and H3 appear nearly 0.2 ppm 
upfield from the predicted values. These values ignore 
any contribution from the bridging methylene which 
may be estimated from the ring proton chemical shifts 
of toluene and diphenyl methane to be about 0.2

ppm. Application of this correction improves the fit 
at H2 and H3 but at the expense of the agreement at 
Hi and H4.

The ring current effect of the two rings on one side 
of the central double bond in dibiphenylene ethylene 
were applied to the experimental values of the ring 
proton chemical shifts of fluorene to yield calculated 
chemical shifts of Hi 1.3 r, H2 2.6 r, H3 2.7 r, and 
H4 2.3 r. While the agreement with the experimental 
values in Table IV is reasonably good, the result may 
be largely fortuitous as it is known that the molecule 
is not quite planar41 and no account was taken of 
the diamagnetic anisotropy of the central double bond.

In summary, while the ring current effect appears 
to give reasonable answers in some cases; it is clearly 
evident, to quote Bovey,42 that “ some important con
tribution has been overlooked.”  That something will 
be discussed in the last section.

An examination of the geometric terms, (1—3 cos20)/  
3r3, from the McConnell equation43 for the 9-halo- 
fluorenes to Hi and for the ortho protons in the halo- 
benzenes shows them to be very nearly the same. While 
the span in chemical shifts in going from chloro to 
iodobenzene is 0.4 ppm at the ortho proton, there 
is no real difference at Hi in going from 9-chloro to
9-iodofluorene. The failure of diamagnetic anisotropy 
(at least in the form of the McConnell equation) to 
explain the ortho effect in the halobenzenes has drawn 
comment before,415 and recently Nomura and Takeuchi44 
have provided additional evidence that the effect must 
be small or nonexistent in aromatic systems. I t  is 
evident that the Hi chemical shifts in the 9-substituted 
fluorines do not follow Q, a result in keeping with 
the evidence that Q operates through the x-electron 
system.315 The insensitivity of Hi to substituent 
changes at C-9 might be explained by an accidental 
cancellation of two or more effects. However, it seems 
best at this juncture to admit the insufficiencies of 
current nmr theory.

Further Comments on Q. In their original definition 
of Q, Schaefer and coworkers3 considered the effect 
to arise from a paramagnetic interaction of excited 
states of the substituent with the ground state of 
the electrons in the C-H bond. The effect was shown 
to be transmitted through the x-electron system.315 
Correlations were found for protons adjacent to hy
drogen and the halogens in the monosubstituted ben-
(38) In this case the SCS would be determined by subtracting the He 
chemical shift for chlorobenzene from that of the appropriate 2-X- 
chlorobenzene.
(39) See ref If, Figure 2.
(40) Dreiding models were used for the dimensions. The point dipole 
calculation gives virtually the same result.
(41) S. C. Nyberg, Acta Cryst., 7,779 (1954).
(42) F. A. Bovey, “ Nuclear Magnetic Resonance Spectroscopy,’ ’ 
Academic Press, New York, N. Y., 1969, p 69.
(43) H. C. McConnell, J. Chem. Phys., 27, 226 (1957).
(44) Y. Nomura and Y. Takeuchi, Tetrahedron Lett., 54, 5665 (1968).
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Q

Figure 5. Plot of Q values vs. <ro~. Q '1) and Q (2) values 
are both shown where pertinent. The lines shown 
are merely suggestive.

zenes, cis and trans to the substituents in the vinyl 
series, and for fluorines in the 2-X-fluorobenzenes. 
Subsequently, a number of sets of empirical Q values 
have been obtained (Table VI) and applied successfully 
both to the original and many additional systems.1 De
viations from the Q correlation have been used to draw 
conclusions about intramolecular hydrogen bonding 
and steric interactions between substituents.

I t  has been known for some time that aromatic 
protons ortho to a series of substituents correlate fairly 
well with such measures of electron density in the 
ring as <rp.46 Exceptions to such correlations were 
invariably the halogens, and a variety of effects have 
been proposed to account for their behavior.10 The Q 
relation has the virtue of removing this anomaly.

Recently, Tribble and Traynham46 have developed a 
c0~ scale which seems to measure electronic substituent 
effects at the ortho position. The relation between Q 
and (To-  is shown in Figure 5. The line shown is 
merely suggestive as it is not completely clear in all 
cases whether Q (1) or Q (2) values should be used. 
Again the halogens are seen to go their own way. A 
similar plot is given by <rp, and the whole system parallels 
the observations made by Diehl on his substituent 
constants a number of years ago.47 Clearly the em
pirical values of Q are mainly measuring the electronic

effect of the substituent plus some other factor which 
is inherent in the Q concept of Schaefer.

The chemical shifts of twelve chlorobenzenes are 
summarized in Table V II for convenience. A ll values 
but one were taken from this or previous papers in 
this series. The chemical shifts for this and most 
of our other various series have been subjected to a 
multiple regression analysis resulting in the equations
shown in Table V III. The purpose here was not

T a b le  V I I : Chemical Shifts of 2-X-Chlorobenzenes

X T3 T4 T5 T6

NH2 3.42 3.07 3.43 2.86
OH 3.03 2.89 3.21 2.75
OCHs 3.19 2.90 3.20 2.74
H» 2.71 2.76 2.83 2.76
F 2.93 2.84 2.99 2.66
Cl 2.63 2.88 2.88 2.63
Br 2.47 2.99 2.86 2.62
I 2.21 3.16 2.79 2.63
c h 3 2.87 2.96 2.98 2.75
CN 2.36 2.62 2.47 2.50
N02 2.18 2.59 2.51 2.46
c6h 5 2.76 2.81 2.84 2.62

° K. Hayamizu and O. Yamamoto, J. Mol. Spedrosc., 28, 89 
(1968).

T ab le  V III : Correlation Equations for 2-X-Chlorobenzenes

T 6 = — 0 .187CF - 0.230(R +  0.0009Q +  2.703 0.946
T6 “ -0.186T - 0.227® +  2.705 0.946
T5 = -0 .157Í - 0.736® +  0.034Q +  2.906 0.992
T5 “ — 0 .200ff - 0.845® +  2.830 0.988
T4 = —0.257ff - 0.815® +  0.147Q +  2.501 0.860
aT* — -0.212T - 0.295® +  0.086Q +  2.830 0.954
T4 — -0.072T - 0.341® +  2.830 0.649
T3 = -0.101EF - 0.110® -  0.253Q +  3.304 0.997
T3 — -0 .275Í - - 0.971® -  0.088Q +  2.732 0.956

T3 = —0.418Í - 0.924® +  2.732 0.904

° Calculated using only the Q values for the halogens.

merely to provide chemical shift correlations but to 
explore the various factors which contribute to the 
substituent effects. Consequently, we chose to use 
the ff and (R constants recently derived by Swain 
and Lupton to correlate some 43 sets of various type a

(45) The parameter <rB is determined from kinetic or equilibrium 
measurements and need not reflect electronic substituent effects in the 
ground state. However, several MO calculations of substituent elec
tronic effects show electron density and <rp to vary in a linear fashion. 
Thus, while the relation might not be causal, it seems to be well es
tablished empirically.
(46) M. T. Tribble and J. G. Traynham, J. Amer. Chem. Soc., 91, 379 
(1969).
(47) P. Diehl, Helv. Chim. Acta, 49,829 (1961).
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constants.48 These authors present a convincing ar
gument that 3 and (R represent a separation of field 
(or inductive) and resonance effects while <rp includes 
both effects. Similar equations resulted with <rp and 
the correlation coefficients were about the same.

Strictly speaking one can not draw causal relations 
from correlation equations, but here we are seeking a 
model to help understand the effect of substituents 
on aromatic proton chemical shifts. Ideally we should 
do ad hoc calculations using the fundamental shielding 
equation of Ramsey. With this understanding, the 
equations in Table V III offer some insights of interest.

Positions 4 and 6 are meta to the varying substituent. 
Clearly the Q effect is not important at H6. However, 
the addition of the Q factors clearly improves the 
correlation at H4. Furthermore, the Q effect is most 
important for the halogens. Note too that the co
efficient for Q is positive here while negative at both 
ortho and para positions. This pattern repeated itself 
in all our series though the theoretical implications 
remain unclear.

Consistently, the addition of a Q term improved 
slightly the correlation at the para position H5. The 
effect, however, is much more prominent at the ortho 
position. Reasonably the experimental Q values in
clude not only the electronic effects of the substituent 
but also the paramagnetic effect approximated in the 
calculated Q values of Schaefer, et al. Furthermore, 
the ionization potentials of the halogens vary as do 
their values of <rp. Thus, something of the electronic 
effects of the halogens is inadvertently included in 
the calculation of their Q values.

Finally, linear correlations of 3, (R, and Q of the type 
shown in Table V III have been made in other systems. 
The chemical shifts of the fluorines in a series of

ortho, meta, and para-substituted fluorobenzenes show 
correlation coefficients of 0.990, 0.941, and 0.986, re
spectively, for a series of sample sets of nine substituents. 
Spiesecke and Schneider49 found little  evident correla
tion between the ortho-carbon chemical shifts and 
ortho-proton chemical shifts. However, a seven point 
set gives an excellent fit to 3, (R, and Q for the ortho- 
carbon chemical shifts (r = 0.990). The point for 
the nitro group was omitted as it is found at an un- 
explicable high field position with reference to benzene.

Many questions regarding substituent effects on 
nmr parameters in aromatic systems remain to be 
clarified. Since the Q effect seems to operate through 
the 7r system, it is not clear why the effect at H6 is 
blocked from variations at C2 by a substituent at Ci. 
Specific van der Waals interactions of the type dis
cussed by Richardson and Schaefer50 are not incor
porated in Q though there is a trend for Q values 
to increase with the size of the substituent. In any 
event, the model evoking field, resonance, and para
magnetic effects as measured by 3, (R, and Q seems 
to be an improvement over earlier models.
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A Nuclear Magnetic Resonance Study of the Effect of Hydrogen 

Bonding and Protonation on Acetonela
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With the aid of 13C resonance and the 18C satellites in 'H resonance the following nmr parameters of acetone are 
obtained: carbonyl 5(18C), methyl 5(18C), U gh and 4J hh- Measurements are reported for the solvent depen
dence of these quantities for acetone at various concentrations in water and for 20 mol % acetone in various 
concentration ratios of sulfuric acid-water. Both 'Jen and 4JHh increase due to hydrogen bonding of the car
bonyl group with the solvent, and for the acidic solutions also due to protonation of the acetone molecule. The 
carbonyl 13C is shifted to a lower field, while the methyl 5(13C) remains almost constant. The iterative ex
tended Huckel theory and the CNDO method are used for theoretical calculations of the changes in the acetone 
molecule. The direction and the order of magnitude of the changes in the chemical shifts are in general pre
dicted very well; the results for the coupling constants are less satisfactory. Both for hydrogen bonding and 
for protonation there is an electron displacement away from the carbonyl carbon (which explains the shift of 
carbonyl 5(18C) to a lower field qualitatively) and away from the methyl hydrogen atoms. The methyl car
bon is hardly affected, which is in agreement with the near constancy of methyl 5(18C).

Introduction
During the last decades nmr has appeared to be a 

powerful tool, not only for analytical purposes, but also 
for gaining insight into the structure of molecules. The 
chemical shifts and coupling constants provide valuable 
information about the electronic structure of the mole
cule and form an important test on the accuracy of the 
wave functions. Both chemical shifts and coupling 
constants are solvent dependent.2 From these solvent 
shifts additional information can be obtained about 
possible solute-solvent interactions and accompanying 
electronic displacements.

In this paper a systematic study of some of the nmr 
parameters of acetone in various solvents is presented. 
From the proton spectrum the chemical shift of the 
methyl protons can be obtained. As 1.1% of all carbon 
atoms is a carbon-13 (I = 1/ 2), two satellites with a spac
ing of 'Jch occur in the proton spectrum. With one 
methyl 12C replaced by a 13C the two methyl groups are 
no longer equivalent and each of the satellites is a 
quadruplet with an equal spacing of 4J h h - 3 Further
more, in 13C resonance the chemical shifts of the methyl 
and carbonyl carbon atoms can be measured. Christ 
and Diehl4 have obtained the chemical shift of the 
carbonyl oxygen by 170 resonance (natural abundance 
0.037%; I = 6/2). More parameters exist, but the 
attention will be focused on the ones mentioned.

The chemical shifts as well as the coupling constants 
depend highly on the nature of the solvent.3b_5 The 
carbonyl group is able to form H bonds with proton 
donating solvents, which causes electronic displacements 
in the molecule. In strongly acidic solutions even 
protonation of the acetone molecule occurs.6 The

chemical shift of the carbonyl proton can be measured 
at about — 60°.7 These effects are also apparent in 
other spectroscopic methods. In uv spectroscopy 
the n-7r* frequency of acetone and other ketones is 
well known to shift to higher values (blue shift) in 
solvents with increasing proton donating properties.8'9 
In acidic solutions, e.g., more than 65 wt %  sulfuric 
acid, the transition disappears gradually. From this 
a pJCa value of —7.2 has been established for acetone.6 
Furthermore, changes are found in the carbonyl stretch
ing frequency vs(CO) in infrared and Raman spectros
copy.10'11 j's(CO), and thus the strength of the CO bond, 
decreases with increasing H bonding. However, this 
effect is accompanied by an increase in strength of the 
CC and CH bonds.11 A Raman study of acetone in 
sulfuric acid confirms the pAa value of — 7.2.12

(1) (a) Part of the Ph.D. Thesis of the author. A copy of the com
plete thesis is available upon request, (b) School of Molecular Sci
ences, University of Sussex, Brighton, England.
(2) P. Laszlo, “ Progress in NMR Spectroscopy,”  J. W. Emsley, J. 
Feeney, and L. H. Sutcliffe, Ed., Vol. Ill, 1967, p 231.
(3) (a) J. R. Holmes and D. Kivelson, J. Amer. Chem. Soc., 83, 2959
(1961); (b) W. H. de Jeu, H. Angad Gaur, and J. Smidt, Rec. Trav.
Chim., 84, 1621 (1965).
(4) H. A. Christ and P. Diehl, Helv. Phys. Acta, 36, 170 (1963).
(5) G. E. Maciel and J. J. Natterstad, J. Chem. Phys., 42, 2752 
(1965).
(6) H. J. Campbell and J. T. Edward, Can. J. Chem., 38, 2109 
(1960).
(7) C. MacLean and E. L. Mackor, J. Chem. Phys., 34, 2207 (1961).
(8) A. Balusubramanian and C. N. R. Rao, Spectrochim. Acta, 18, 
1337 (1962).
(9) W. P. Hayes and C. J. Timmons, ibid., 21, 529 (1965).
(10) L. J. Bellamy and R. L. Williams, Trans. Faraday Soc., 55, 14 
(1959).
(11) P. G. Puranik, Proc. Ind. Acad. Sci., 37A, 499 (1953).

The Journal of Physical Chemistry



Nmr Study of Effect of Hydrogen Bonding and Protonation on Acetone 823

Many of the properties mentioned depend on the 
polarity of the carbonyl group of the ketone under in
vestigation. Several relations have been proposed, 
often assuming a nonpolar, nonpolarizable core of a 
bonds and a polar carbonyl x bond. Nagakura13 and 
Sidman14 studied rn—»■* and other electronic transitions 
in relation to the x bond polarity. Maciel8'16 did the 
same for 5(13C). Cook16 established two linear rela
tions between rs(CO) and the ionization potential I 
for conjugated and unconjugated carbonyl compounds, 
respectively. Figgis, Kidd and Nyholm17 found a 
general linear relation between 5(170) and vn-+**, which 
was extended to solvent effects on these two quantities 
by de Jeu.18 Savitsky, Namikawa, and Zweifel19 
tried to correlate S(l:!C) and However, in this
case there is no strict linearity.18 Finally, Ito, Inuzuka, 
and Imanishi20 established a linear relation between the 
increase of rn_>r* and the decrease of rs(CO) for ketones 
in various solvents.

General calculations on all valence electrons of a 
molecule with a carbonyl group, that in principle take 
all properties into consideration, are still rare. There 
are some notable nonempirical MO calculations on 
formaldehyde.21 Contrary to general opinion about 
the carbonyl bond, a polar <7 bond as well as a polar x 
bond is found. For a further discussion we refer the 
reader to the review paper by Berthier and Serré.21 
We used some semiempirical methods for all valence 
electrons in order to see if the qualitative predictions of 
the effects of H bonding and protonation on acetone are 
confirmed. The results of the Hückel-type method of 
Pople and Santry22'23 and the extended Hückel theory 
of Hoffmann24 are given elsewhere.26 Here we restrict 
ourselves to the iterative extended Hückel method26 and 
the CNDO method27,28 (most simple SCF method for 
all valence electrons). These latter methods can be 
expected to give a reasonable account of the expected 
charge redistribution.
Experimental Section

The proton measurements were carried out on a 
Yarian DA-60 spectrometer, equipped with an internal 
lock. The samples were in spinning Pyrex tubes of 
5 mm outer diameter. A ll the reported values are 
averages of 6 to 12 spectra. For the acetone concen
trations below 3 mol %, spectrum accumulation was 
applied using a Yarian C-1024 time averaging com
puter.

The 13C resonance was carried out on the same 
spectrometer provided with a 15.08-MHz transmitter, 
built in this laboratory. For detection the appropriate 
60-MHz circuits were retuned at 15.08-MHz. The 5- 
MHz intermediate frequency (normally obtained by 
mixing the 60-MHz with a 55-MHz signal) was gener
ated by mixing the 15.08-MHz with the signal from a 
10.08-MHz oscillator. As an external reference about 
50% carbonyl 13C enriched acetic acid was used. The

reference was kept in a small concentric inner tube in 
the nonspinning 15-mm outer diameter sample tube. 
The necessary bulk susceptibility corrections were made. 
We observed 2-kHz side bands and suppressed the 
center band. Calibration was performed by sweeping 
from the first lower to the first upper side band and 
counting the 4-kHz sepa tat ion accurately. The spectra 
were obtained using the adiabatic rapid passage tech
nique.29'30 The reported values are averages of six 
spectra, each consisting of a scan increase and decrease 
in order to avoid transient shifts.

The acetone was obtained from E. Merck AG (uvasol) 
and used without further purification. The water used 
was distilled several times. The sulfuric acid was 
95.2% Baker Analyzed reagent from J. T. Baker 
Chemical Co.
Theoretical Section

A. Molecular Wave Functions. In the extended 
Hückel theory of Hoffmann24 a Hückel matrix is con
structed in an empirica way. The diagonal elements 
a„ are taken as the negative valence state ionization 
potentials of the corresponding orbitals. The off- 
diagonal elements are approximated by

^  =  1 .7 5 ,% ,% , +  a p)/2  (1)

Further, in solving the eigenvalue equations, overlap is 
taken into account. As the ionization potentials de
pend on the atomic charges,31 the diagonal elements 
aM are a function of the charges too. We used

¿V = aM° +  A aqA (2)

(12) N. C. Deno and M. J. Wisotsky, J. Amer. Chem. Soc., 85, 1735 
(1963).
(13) S. Nagakura, Bull. Chem Soc. Jap., 25, 164 (1952).
(14) J. W. Sidman, J. Chem. Phys., 27, 429 (1957).
(15) G. E. Maciel, ibid., 42, 2746 (1965).
(16) D. Cook,./. Amer. Chem. Soc., 80, 49 (1957).
(17) B. N. Figgis, R. G. Kidd, and R. S. Nyholm, Proc. Roy. Soc., 
A269, 469 (1962).
(18) W. H. de Jeu, Mol. Phys., 18, 31 (1970).
(19) G. B. Savitsky, K. Namikawa, and G. Zweifel, J. Phys. Chem., 
69, 3105 (1965).
(20) M. Ito, K. Inuzuka, anc S. Imanishi, J. Amer. Chem. Soc., 82, 
1317 (1960).
(21) G. Berthier and J. Serré, “The Chemistry of the Carbonyl 
Group,” S. Patai, Ed., Interscience, New York, N. Y., 1966, p 1.
(22) J. A. Pople and D. P. Santry, Mol. Phys., 7, 269 (1964).
(23) J. A. Pople and D. P. Santry, ibid., 9, 301 (1965).
(24) R. Hoffmann, J. Chem. Phys., 39, 1397 (1963).
(25) W. H. de Jeu, Ph.D. Thesis, Delft University of Technology, 
1969.
(26) R. Rein, N. Fukuda, E. Win, G. A. Clark, and F. E. Harris, 
J. Chem. Phys., 45, 4743 (1966).
(27) J. A. Pople and G. A. Segal, ibid., 43, S136 (1965).
(28) J. A. Pople and G. A. Segal, ibid., 44, 3289 (1966).
(29) G. E. Pake, “ Paramagnetic Resonance,”  W. A. Benjamin, 
Inc., New York, N. Y „ 1962 p 26.
(30) P. C. Lauterbur, J. A ner. Chem. Soc., 83, 1838 (1961).
(31) L. C. Cusachs and J. W. Reynolds, J. Chem. Phys., 43, S160 
(1965).
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where n refers to an AO xM on atom A with excess 
charge Q a - In this iterative extended Hiickel method 
(IEH) iterations are performed until the charges at 
the output do not differ more than about 0.001 au 
from the charges at the input.26

In the CNDO method27'28 a Hartree-Fock matrix F 
is constructed with elements

=  — V* +  A „ )  +  { ( P aa  — Z a) —

V 2 —  1 ) } t a a  +  S  ( P b b  —  Z b ) t a b  ( 3 )
B ( ^ A )

F„f = (Sab°S„y -  VjP^yab (b on A, v on B) (4)
PM„ is an element of the ordinary charge and bond order 
matrix; P A a  is the total electron density on atom A with 
core charge ZA- For the Mulliken electronegativity 
V2CV+AJ, for /3ab°, and for tab, the average Coulomb 
integral between valence AO’s on A and B, the CNDO/2 
parametrization of Pople and Segal28 is used. The 
calculation is considered to be self-consistent if the 
total energy agrees with that of the last iteration to 
within 10-5 au. Trial vectors are obtained from a 
Hiickel-type calculation retaining only the first terms of 
eq 3 and 4. In solving the eigenvalue equations for 
F, overlap is ignored by setting ,S'M„ = <5M„.

B. Coupling Constants. In the theory of nuclear 
spin-spin coupling of Pople and Santry32’33 the Fermi 
contact contribution to the coupling constant is

J a b  =  C a b  S a 2 ( 0 ) s b 2( 0 ) x s a ,Sb ( 5 )

rents on neighbor atoms. The diamagnetic contribu
tion to the screening of atom A is

<Td = (7)

For a Slater-type orbital (STO) with exponent
( r ~ %  =  (8)

In agreement with Pugmire and Grant45 we take as 
our starting point for the paramagnetic contribution the 
formula of Karplus and Das.43 Neglecting again dif
ferential overlap and the neighbor anisotropy term, we 
arrive at

=  2e2F  j  „

3m2c2AU U % ,z A A  "  +

j /V ' y  / P f i A v T i P v A / j i f t  P f i A f i l i P v A v  B  )R  f i b  \  (9)
4 : n ,v =  X,y,Z B J

The summation B runs over all atoms, including the 
atom A under investigation; the index gA refers to an 
STO on A; AE is the average excitation energy. 
Furthermore the following substitutions are made for 
the radial integrals on one atom

-  5 $ ^ ,  (>o)

i = ( m l  r m ) = (n )
C ab is a constant for a specific pair of nuclei AB; s2(0) 
is the density of the relevant s orbital at the nuclear 
position. Furthermore

occ unocc
.S B  I  y  '. y  ’■ ( f a  € i )  C i S A C i S B C <tsA C a s B ( 6 )

t  a

is the atom-atom polarizability. For the CNDO 
method (ea — a) is replaced by (ea — e, — yia), where yia 
is the Coulomb integral between the MO’s ip and ^a. 
For s2(0) of carbon we used the a'omic SCF value of 
2.767 au.32 For hydrogen 0.550 au was used which 
value is consistent with the orbital exponent of 1.2. 
In the derivation of eq 5 only one-center integrals are 
retained.

This type of theory of nuclear spin-spin coupling has 
been applied by various authors, using the Hiickel-type 
theory of Pople and Santry32-36 and the extended 
Hiickel theory of Hoffmann.37 ■38 A comparison between 
these two approaches has been made by de Jeu and 
Beneder.39 CNDO calculations of coupling constants 
have been carried out by Ditchfield and Murrell.40 41

C. Chemical Shifts. For the calculation of the 
13C and 170 screening constants we use the MO theory 
of localized contributions to the screening.42-44 The 
most important approximations are the neglect of 
differential overlap and the neglect of electronic cur

72 (u) is the radial part of STO xa- Using a simple 
Slater screening concept the exponent is defined, for 
instance, for a carbon atom by

r , = 3.25/3 -  0.35 £  (q, — 1 ) (12)

q„ is the electron density in STO xF, 0 is a parameter 
describing the contraction of an STO in a molecule.46
(32) J. A. Pople and D. P. Santry, Mol. Phys., 8, 1 (1964).
(33) J. A. Pople and D. P. Santry, ibid., 9, 311 (1965).
(34) J. A. Pople and A. A. Bothner-By, J. Chem. Phys., 42, 1339
(1965) .
(35) J. N. Murrell and V. M. S. Gil, Theoret. Chim. Acta, 4, 114
(1966) .
(36) R. Ditchfield, J. T. Jones, and J. N. Murrell, ibid., 9, 253
(1968) .
(37) R. C. Fahey, G. C. Graham, and R. L. Piccioni, J. Amer. Chem. 
Soc., 88, 193 (1966).
(38) A. T. Amos, CoUoq. Intern. Centre Nat. Rech. Sci. (Paris), 164, 
283 (1964).
(39) W. H. de Jeu and G. P. Beneder, Theoret. Chim. Acta, 13, 349
(1969) .
(40) R. Ditchfield and J. N. Murrell, Mol. Phys., 14, 481 (1968).
(41) R. Ditchfield, ibid., 17, 33 (1969).
(42) A. Saika and C. P. Slichter, J. Chem. Phys., 22, 26 (1954).
(43) M. Karplus and T. P. Das, ibid., 34, 1683 (1961).
(44) J. A. Pople, ibid., 37, 53 (1962).
(45) R. J. Pugmire and D. M. Grant, J. Amer. Chem. Soc., 90, 697 
(1968).
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¡3 is givei. iue 1.05 for a tc electron and 1.15 for
a a electron.

Equation 9 for the paramagnetic screening reduces to 
the well-known formula of Karplus and Pople,47 if all 
electron densities q„ in eq 12 are equal. Then = 
(r~s) and = 1. However, we shall not use these
simplifications.

T ab le  I : Parameters for the IEH calculations (eV)

H(ls) C (2s) C(2p) 0 (2s) 0 (2p)

a ° 13.60 21.40 11.40 32.30 15.84
Aa 14.00 11.90 11.90 15.95 15.95

D. Numerical Evaluations. A ll overlap integrals 
were calculated using a basis of STO’s, with exponents 
according to Slater’s rules. For hydrogen we used 
f  = 1.2. In the IEH method where overlap is not 
ignored, solutions of the eigenvalue equations were 
obtained by the method of two successive diagonaliza- 
tions. The necessary parameters are given in Table I. 
In this method the usual problem to obtain convergence 
was met and overcome by using in the successive itera
tions only a fraction of the charge predicted by the for
mer iteration cycle. The diagonal elements are made 
consistent with the atomic charges as defined by Low- 
din.48 This does not automatically imply self-consis
tency for other charge definitions.49 In the application 
to eq 9 the charge and bond order matrix over the 
orthogonal Lowdin orbitals is used; so eq 9 and the wave 
functions are consistent with each other with respect to 
the neglect of differential overlap. Nevertheless, the 
integrals and are calculated with the normal 
basis of STO’s. In all the calculations, AE in eq 9 is 
chosen equal to 7 eV. A small increase that might be 
expected for H bonding13 would not affect our conclu
sions seriously.

In the calculations, the experimental geometry used 
for acetone is rCo = 1.23 A, rGc = 1-56 A, and rCH =
1.09 A.50 All the carbon atoms and the oxygen lie in one 
plane; Z CCC = 120°. Each of the methyl groups can 
have a position with a CH bond eclipsed or staggered to 
the carbonyl bond (barrier 0.78 kcal mol-1). For the 
calculations on acetone H-bonded to water the follow
ing model is used

0

Thus the water molecule is put in the plane of the ace
tone skeleton and a linear H bond is assumed making an 
angle of 120° with the carbonyl bond. The water

geometry (r0H = 0.96 A, ZHCH = 105°) is modified
t oby taking in the H  bond roH = 1.05 A. Furthermore 

roo = 2.50 A. These values give a minimum for the 
total energy of the acetone-water complex in a CNDO 
calculation.61 For protonated acetone we used

\  y  *
c = o +  t

/  \  i—H x
r0H = 0.985 A  and Z C O H  = 120°. F urtherm ore rCoo ois increased from 1.23 A to 1.27 A. These values give 
an energy minimum for protonated formaldelyde in a 
nonempirical MO calculation by Ros.62
Results

The 170, 13C, and !H chemical shifts of pure acetone, 
relative to some reference compound, are given in Table 
II. The methyl 13C is much more shielded than the 
carbonyl 13C. Without calculations on the reference * 46 47 48 49 50 51 52 53 54

T a b le  II : Experimental Chemical Shifts for Pure Acetone

Chemical
shift Relative to

Carbonyl 170 -5 7 2 “ Water
Carbonyl 18C - 1 2 .4 Carbon disulfide
Methyl 13C 162.9 Carbon disulfide
Methyl >H -2 .0 3 TMS

1 Reference 4.

compounds, the only chemical shift accessible to nu
merical calculation is jhe difference between methyl and 
carbonyl 13C. We shall denote this quantity by A.

In Figure 1 the concentration dependence is shown 
for the 4H chemical shifts in acetone-water.53'64 In 
Table I I I  the same concentration dependence is given 
for lJcu, 4J h h , carbonyl 5(13C), and methyl 6(13C) of 
acetone. The coupling constants increase with in
creasing H bonding (decreasing molar % acetone). The 
carbonyl 13C is shifted to lower field (deshielded) with 
increasing H bonding, while the methyl 13C is hardly 
affected. 5(170) data are given for the purpose of 
comparison; we see that the 170 resonance shifts in the

(46) C. A. Coulson, Trans. Faraday Soc., 38,433 (1942).
(47) M. Karplus and J. A. Pople, J. Chem. Phys., 38, 2803 (1963).
(48) P.-O. Lowdin, ibid., 18, 365 (1950).
(49) E. W. Stout and P. Politzer, Theoret. Chim. Acta, 12, 379 
(1968).
(50) L. Sutton, Ed., “ Tables of Interatomic Distances,” The Chem
ical Society, London, 1958.
(51) W. H. de Jeu, to be published.
(52) P. Ros, J. Chem. Phys., 49, 4902 (1968).
(53) I. Satake, M. Arita, H. Kimizuka, and R. Matuura, Bull. Chem. 
Soc. Jap., 39, 597 (1966).
(54) I. Satake, private communication.
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Figure 1. P roton  chem ical shifts for a ceton e-w ater. I , w ater 
protons (ref 5 3 ); I I , acetone protons (ref 54).

F igure 2. C arbony l UC  vs. 170  chem ical shift fo r  aceton e at 
various concentrations in water.

opposite direction as the carbonyl 13C. From Figure 2 
we see that the absolute changes in carbonyl <5(13C) and 
<5(170) are not strictly linear with each other. In Figure 
3 it is shown that within the experimental errors lJcu 
and 4Jhh vary linear with carbonyl 5(13C).

In Table IV  the same coupling constants and chemi
cal shifts (except ¿>(170)) are given for 20 mol % ace

Figure 3. V ch and 4/ hh, vs. S(13C O ) for a ceton e at various 
concentrations in  water.

F igure 4. V ch vs. 5(13C O ) for 0.2 M  acetone in various 
concentration  ratios o f  sulfuric a cid -w ater.

F igure 5. 4/ hh, vs. 8(13C O ) fo r  0.2 M  acetone in  various
concentration  ratios o f sulfuric acid -w ater.

tone in various sulfuric acid-water concentration ratios. 
Thus the sulfuric acid concentration varies fromO to 80 
mol % in the total solution. The increase in \Jcn and 
4J h h  is now much more. The methyl l3C  chemical

The Journal of Physical Chemistry
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Table I I I : C on centration  D epen den ce o f C ou plin g C onstants (H z )  and 170  and 13C  C hem ical Shifts (p p m ) for A ceton e  in  W ater

Mol % «■------------------- Coupling constants---------
acetone ,JCHa ‘■'hh*

to o 1 2 6 .7 0 .5 6
65 127 .1 0 .6 2
35 127 .3 0 .6 4
20 1 2 7 .5 0 .6 6
10 1 2 7 .6 0 .6 9
5 1 2 7 .8 0 .7 0
2 .5 127 .9 0 .7 1
1.0 1 2 7 .8 0 .7 1
0 .5 1 2 7 .8 0 .7 0
0 .2 127 .9 0 .7 2
0 1 2 7 .9 « 0 .7 2 «

“ Standard dev iation  0.05 H z. 6 Standard dev iation  0.005 H z. 
from  the higher concentrations.

•Chemisai shifts-
Carbonyl 17Oc Carbonyl lsC d Methyl ” C d

0 .0 0 .0 0 .0
1 2 .0 - 3 . 3 - 0 . 4
2 5 .5 - 6 . 0 - 0 . 4
3 7 .1 - 8 . 0 - 0 . 6
4 5 .7 - 9 . 4 - 0 . 9
5 1 .1 « -  0 .0 - 0 . 9
5 3 .8 « -  .0 .4 - 1 , 3

5 7 .0 « - 1 0 . 9 « - 1 . 2 «

± 1 . 0  pp m  (ref 4 ). d Standarc. dev iation  0.2 ppm . « E xtrapolated

T a b le  I V : C ou plin g C onstants (H z )  and C hem ical Shifts (p p m ) fo r  20 M o l %  
A ceton e  in  V ariou s C on centration  R atios  o f Sulfuric A c id -W a te r

M ol %  
sulfuric

-----------------Coupling constants------------------, -------------------------Cherai<cal S-liftS--------------------

acid 1-,ch“ «’HH1 Carbonyl 15CC M ethyl 15CC M ethyl ■H'1 Solvent 1He

0 1 2 7 .5 0 .6 6 - 8 . 0 - 0 . 6 - 2 . 2 4 - 4 . 5 6
2 1 2 7 .7 0 .6 7 - 6 . 3 - 0 . 6 - 2 . 2 9 - 5 . 1 0
3 1 2 7 .7 0 .6 9 - 7 . 5 - 0 . 6
6 1 2 7 .7 0 .6 6 - 8 . 6 - 0 . 5 - 2 . 2 9 - 6 . 2 3
8 1 2 7 .8 0 .6 8 - 7 . 8 - 0 . 5 - 2 . 3 1 - 7 . 1 3

12 1 2 8 .0 0 .7 0 - 1 0 . 2 - 0 . 5 - 2 . 3 5 - 8 . 1 9
16 1 2 8 .0 0 .7 2 - 1 1 . 4 - 0 . 5 - 2 . 3 7 - 8 . 4 0
23 1 2 8 .4 0 .7 3 - 1 4 . 0 - 0 . 5 - 2 . 4 3 - 9 . 8 6
32 129 .1 0 .7 9 - 1 8 . 0 - 0 .1 - 2 . 5 4 -1 1 .0 0
40 1 2 9 .7 0 .8 5 - 2 1 . 3 0 .2 - 2 . 6 8 - 1 1 . 5 7
49 1 3 0 .2 0 .9 3 - 2 7 . 1 0 .8 - 2 . 8 0 - 1 2 . 0 2
55 1 3 0 .9 1 .0 2 - 3 1 . 4 - 0 . 7
63 1 3 1 .5 1 .2 2 - 3 5 . 0 - 1 . 3 - 2 . 9 6 - 1 2 . 2 6

° Standard dev iation  0.05 H z ; b Standard dev iation  0.005 H z. '  R e la tive  to  pure aceton e; standard dev iation  0.5 ppm . d R elative  
to  T M S ; standard dev iation  0.02 ppm . « R elative  to  T M S ; standard d ev iation  0.1 ppm .

shift still does not change appreciably, while the car
bonyl 13C is shifted to a much lower field by protonation 
rather than by H bonding. The variations in \Jch 
and carbonyl 5(UC) are again linear with each other 
(Figure 4 ) .  For V H h  a large deviation from linearity 
occurs (Figure 5).

The results of the theoretical calculations with aid of 
the methods described in the previous section, are given 
in the Tables V, V I and V II; H bonded refers to the 
calculation on acetone H bonded to water. In Table
V the excess charges on the atoms are given, in Table
V I the theoretical coupling constants together with the 
experimental values (when available), and in Table V II 
the diamagnetic and paramagnetic screening constants 
together with the values for A. A ll theoretical values 
are averages over the three rotational isomers.

Discussion
A. General Considerations. The two theoretical 

methods both reproduce the energetical order of the 
rotational isomers. The conformation with both 
methyl groups eclipsed to the CO bond is the most 
favorable; with both staggered is the least favorable. 
The expected polarity of the carbonyl group is also 
found in both methods, while the excess charges on the 
methyl carbon and hydrogen atoms are very slight 
(Table V). In the orbbal populations (not given in the 
tables) the 2p„ lone pair on oxygen is clearly present; 
the 2s lone pair is more mixed up with the other AO’s. 
From the 2pz and 2p2 populations we learn that both 
the carbonyl tr and the carbonyl tt bond are polar; in 
the IEH method the <j bond is more polar while in the 
CNDO method the it be nd is the more polar.
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Table V : T heoretica l E xcess C harges fo r  A ceton e  (au )

/■----------------------------------C arbonyl--------- /--------------------------M eth y l—
H 0 C c H

I E H “ Pure - 0 . 2 4 0 0 .0 9 3 0 .0 0 3 0 .0 2 4
H -bon d ed - 0 . 1 9 0 0 .1 4 4 0 .0 1 4 0 .0 3 0
P roton ated 0 .2 4 0 0 .0 2 2 0 .2 8 1 0 .0 5 9 s 0 .0 5 6 s

C N D O Pure - 0 . 2 6 3 0 .2 5 1 - 0 .0 7 1 0 .0 2 6
H -bon d ed - 0 . 2 7 0 0 .2 7 5 - 0 . 0 7 4 0 .0 3 3
P roton ated 0 .2 6 8 - 0 . 1 1 3 0 .4 1 5 - 0 . 0 9 0 s 0 .1 0 1 s

• L ow d in  charges (ref 48 ). s T h ere is a slight d ifference betw een the tw o m ethy l groups, w hich  is disregarded here.

Table VI: E xperim ental and T heoretica l C oupling C onstants fo r  A ceton e  (H z )

C C C H H C H H O C H C C C H C C C H

E xp tl Pure 4 0 .6 ° 1 2 6 .8 - 1 4 . 9 s - 5 . 9 ° 2 .2 d 0 . 56'J
H -bon d ed 1 2 7 .9 0 .7 2
P roton ated 1 3 1 .5 1 .2 2

IE H Pure 2 6 .5 6 7 .3 - 2 1 . 3 - 5 . 1 0 .4 - 0 . 1
H -bon d ed 2 6 .5 6 6 .7 - 2 1 . 1 - 4 . 9 0 .4 0 .1
P roton ated 2 6 .6 6 4 .4 - 2 0 . 2 - 4 . 4 0 .4 1 .8

C N D O Pure 1 1 .2 5 5 .6 0 .4 0 .1 1 .2 - 1 . 8
H -bon ded 1 0 .8 5 4 .8 0 .3 0 .3 1 .0 - 1 . 2
P roton ated 9 .1 5 8 .4 - 0 . 1 0 .8 0 .8 - 0 . 4

° F . J. W eigert and J. D . R oberts, p riva te  com m unication . 6 H . S. G utow sky, M . K arplus, and D . M . G rant, J. Chem. Phys., 31, 
1278 (1959 ); negative sign assum ed in  analogy w ith  the sam e coupling in  m ethane (ref 34 ). “ G . J. K arabatsos and C . E . Orzech, J.
Amer. Chem. Soc., 8 6 ,35 7 4  (1964) ; negative sign assum ed in  analogy w ith  the sam e coupling in  acetaldehyde, E . Sackm ann and H . D rees- 
kam p, Spectrochim. Acta, 21, 2005 (1965). d H . D reeskam p, Z. Phys. Chem., 59, 321 (1968); W . H . de Jeu and H . A ngad G aur, M ol. 
Phys., 16, 205 (1969).

Table VII: 170  and I3C  Screening C onstants fo r  A ceton e  (p p m )

<fd °P V\> o-d <Tp A®

E x p tl Pure 1 7 5 .3
H -bon d ed 1 8 5 .0
P roton ated 2 0 9 .0

IE H  Pure 4 1 9 .9 - 1 2 3 8 .6 2 6 6 .4 - 5 2 6 . 2 2 6 8 .8 - 4 8 2 . 2 4 6 .4
H -bon ded 4 1 8 .7 - 1 1 9 0 .2 2 6 5 .8 - 5 3 8 . 0 2 6 9 .2 - 4 8 5 . 5 5 5 .9
P roton ated 4 1 4 .1 - 1 1 7 6 .1 2 6 4 .5 - 5 8 1 . 7 2 6 8 .2 - 4 9 9 . 7 8 5 .7

C N D O  Pure 4 2 0 .0 - 1 2 8 7 .3 2 6 4 .6 - 5 8 0 .1 2 6 9 .7 - 4 7 3 . 5 1 1 1 .8
H -b on d ed 4 1 9 .9 - 1 2 5 3 .5 2 6 4 .4 - 5 8 5 .1 2 6 9 .8 - 4 7 3 . 5 1 1 7 .0
P roton ated 4 1 6 .2 - 1 1 2 8 .2 2 6 3 .3 - 6 2 2 . 7 2 6 9 .9 - 4 7 8 . 9 1 5 0 .6

» A =  S P C H 3) -  a (13C O ).
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For H bonding and for protonation we notice a 
considerable decrease of charge on the carbonyl carbon 
(Table V). The oxygen atom is much less affected 
although some decrease of electron density is predicted 
in the case of protonation. For H bonding some charge 
is transferred to the water molecule.61 Generally we see 
that there is a drift of electrons in the direction of the 
oxygen atom for H bonding and to the carbonyl proton 
for protonation. This is mainly at the expense of the 
carbonyl carbon. Furthermore, the methyl protons 
together lose some electrons while the methyl carbons 
are much less affected. These changes cause an increase 
in carbonyl ir bond polarity; the polarity of the a bond 
changes much less.

B. Coupling Constants. From Table VI we see 
that for pure acetone the sign and the order of magni
tude of the directly bonded CC and CH coupling con
stants are rather well reproduced in both methods. 
As expected, the theoretical values are smaller than 
the experimental ones because of the fact that simple 
MO theory underestimates electron correlation.66 
Recent calculations66 seem to indicate that the atomic 
SCF value we used for Sc2(0) is too low for molecules. 
Consequently, agreement in absolute magnitude with 
experiment is probably better than is apparent from 
Table VI. The CNDO method is not very successful 
for the prediction of the two-bond coupling constants. 
Probably the inclusion of the one-center exchange inte
grals (INDO method) is essential to get the negative 
value.41'66 ^-Electrons contributions which are not in
cluded in Table V I may be of importance for the long- 
range coupling constants. Using a valence bond for
malism, Holmes and Kivelson38 calculated for acetone a 
ir-electron contribution to V hh of —0.6 Hz. This 
value decreases in absolute magnitude with increasing 
ir-bond polarity. In order to obtain the experimental 
value, we have to postulate a positive contribution 
through the a bonds and/or through space67 of +1.2 
Hz. However, both calculations give a negative value. 
Nevertheless we may hope that the substituent effects 
can be predicted with more reliability.34

From Table V I we see that the increase in V c h  for 
H-bond formation and for protonation is in general not 
reproduced by the calculations. However, the increase 
in V c h  is qualitatively in accordance with the well- 
known theory in which it is emphasized that ‘/ ch in 
CH3X is proportional to the amount of carbon s char
acter in the CH bonds.55'68 A change in electronega
tiv ity of X  is supposed to cause a rehybridization of the 
carbon atom. With increasing electronegativity of X  
the CX bond becomes more polar (more p character), 
leaving more s character for the CH bonds; thus V oh 
increases. In our case the carbonyl group gets an 
increased electron attracting power when an H bond is 
formed and even more for protonation. This means an 
effective increase in electronegativity, and the increase 
in V c h  is as expected.3b There are several ways to

obtain a quantitative estimate of the amount of s 
character from the calculations. Assuming that a 
transformation to highly localized MO’s is possible, we 
can use the squares o: he bond orders.69 In this way 
we get CNDO values for the amount of carbon s char
acter of 0.249 (pure acetone), 0.250 (acetone H bonded 
to water), and 0.260 (protonated acetone). So for H 
bonding a small and hardly significant increase of s 
character is found despite the predicted decrease of 
V c h  (Table VI). For protonation the predicted in
crease o fV c h  is in agreement with the increase of carbon 
s character in the CH bends.

For V h h  the experimental increase when an H bond 
is formed and for prote nation is relatively much more 
than for 'J ch - A s the ir-bond polarity increases, we 
can expect a decrease in absolute magnitude of the t 
electron contribution to V h h -3“ The calculations also 
predict a change in positive direction for the contribu
tion via the a skeleton (Table VI). Thus the changes in 
both contributions reinforce each other to give the more 
positive value of V h h . This is consistent with a simple 
MO picture of substituent effects on V H h  in which a 
shift in positive direction is predicted when electrons 
are withdrawn from the central carbon atom.60,61

Laszlo2 has expressed his doubt about the explanation 
given above. The main argument is that changes with 
solvent of V hh in monochloroacetone can be explained 
by a change in preference for eclipsed and staggered 
rotational isomers.62 We know of no evidence to sup
port this view in the case of acetone, as the energetical 
differences between the isomers are very slight. More
over, both calculations c n acetone give differences in the 
coupling constants of the different isomers that are less 
than 0.2 Hz. Only the 7r-electron contribution to V hh 
depends on the orientation of the methyl groups.

C. Chemical Shifts. Looking at the chemical shifts 
(Table I I  and V II) we see, as expected, that the major 
part of the difference in shielding between carbonyl and 
methyl 13C arises from variations of <rp. The CNDO 
method gives the right order of magnitude for A; the 
value of the IEH calculation is far too low. The shift 
to lower field of carboayl <5(I3C) when an H bond is 
formed and for protonation is very well reproduced by 
the calculations. This is also true for the near con
stancy of methyl 5(13C). So even the IEH method

(55) J. N. Murrell in “ Progress in NMR Spectroscopy,” J. W. 
Emsley, J. Feeney, and L. H. Sutcliffe, Ed., in press.
(56) J. A. Pople, J. W. Mclver, and N. S.. Ostlund, J. Chem. Phys., 
49, 2965 (1968).
(57) W. H. de Jeu, R. Deen, and J. Smidt, Rec. Tran. Chirn., 86, 33
(1967).
(58) N. Muller and D. E. Pritchard, J. Chem. Phys., 31, 768, 1471 
(1959).
(59) C. Trindle and O. Smanoglu, J. Amer. Chem. Soc., 91, 853 
(1969).
(60) D. J. Sardella, J. Mol. Spectrosc., 31,70 (1969).
(61) M. Barfield and B. Chakrabarti, Chem. Rev., in press.
(62) K. Takahashi, Bull. Chem. Soc. Jap., 37, 291 (1964).
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which gives a bad result for A reflects the changes rather 
well. For the carbonyl 170 the experimental shift of
57.0 ppm to a higher field when an H bond is formed 
is also found in the calculations. Thus here we find a 
shift to a higher field despite the fact that no appreciable 
increase of the electron density on oxygen is predicted. 
Unfortunately, no experimental 170 chemical shifts are 
available for protonated acetone.

A shift to a lower field is normal for H-bonded pro
tons.63 For the water protons in acetone-water we 
have two competing types of H bonds, water-acetone 
and water-water. The shift to a lower field with in
creasing water concentration (Figure 1) suggests that 
the H bonds water-water are stronger than water-ace
tone.63 The near constancy of the acetone 7H chemical 
shift when an H bond is formed is probably due to a 
cancellation of several factors. As in both calculations 
the charges on the methyl protons decrease when an H  
bond is formed (and even more for protonation), we can 
expect a decreased diamagnetic screening. This is more 
or less compensated by a greater neighbor anisotropy 
effect. For the acidic solutions the changes in the XH 
chemical shift of the solvent (Table IV) are more diffi
cult to explain. We observe a weighted average of the 
protons in the species H 2S O 4, H S O 4- , H30+, H 20 ,  
( C H 3) 2C O + H ,  and higher order complexes.

The deviation from linearity in the relation between 
the changes in carbonyl 5(170) and 5(13C) when an H

bond is formed (Figure 2) can be attributed to the fact 
that the carbon atom has an opportunity to compensate 
for the loss of electrons at the cost of the methyl groups. 
Therefore the change in <5(13C) is not as rapid as in 
5(170), whereby we get the curve. The linear relation 
between the changes in t/cn and carbonyl 5(13C) (Fig
ures 3 and 4) can be understood by the direct way in 
which both depend on the increased electron attracting 
power of the carbonyl oxygen when an H bond is formed 
and for protonation. In the light of the more compli
cated mechanisms for 4J hh the linear relation between 
the changes in V hh and carbonyl 6(13C) when an H bond 
is formed (Figure 3) must be more or less fortuitous. 
This is confirmed by the fact that this linearity does no 
longer hold in the case of protonation (Figure 5).
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(63) J. A. Pople, W. G. Schneider, and H. J. Bernstein, “ High Resolu
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On the Oxyiodine Radicals in Aqueous Solution

by O. Amichai and A. Treinin

Department of Physical Chemistry, Hebrew University, Jerusalem, Israel 
{Received July 15, 1969)

hvThe flash photolysis of I03~and 10~provides evidence for the following primary processes: I03~ —►  I02 +  O-
hvand 10 ~ —> I + O These are followed by secondary reactions involving the parent ions. 0 ~ (or OH) reacts

with I03~ and 10~ to yield I03 and 10, respectively; the rate constants of these reactions could be determined by studying the 03~ decay in alkaline solutions containing 02. I02 and I2_ (produced from I in presence of I - )
react with I03_ and 1 0 respectively, to yield 10. The spectra and decay kinetics of the oxyiodine radicals 
were also studied by pulse radiolysis. The two techniques lead to the same conclusions.

The flash photolysis and pulse radiolysis techniques 
have yielded some basic information on the oxybromine 
radicals Br02 and BrO in solution.12 The analogous 
chlorine radicals are well known. On the other hand, 
very little  is known on the oxyiodine radicals. Such 
information is essential for understanding the photo
chemistry of the oxyiodine anions.

The oxybromine anions were shown to undergo two 
radical types of photo-dissociation to yield 0~ and O 
atom, respectively, which can react with the parent
(1) G. V. Buxton and F. S. Dainton, Proc. Roy. Soc., À304, 427, 441
(1968).
(2) O. Amichai, G. Czapski, and A. Treinin, Israel J. Chem., 7, 
351 (1969).
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ion.2 3 These findings have refuted the previous inter
pretation of their photochemistry.4’5 The present 
work shows that the O-  type of dissociation is a major 
primary process also in the case of I0 3~ and IO-  and 
that some of the subsequent secondary processes in
volve the parent ion.
Experimental Section

The flash photolysis setup was as described else
where,6 but the energy of the flash was increased to 
600 J. The monitoring light source was a 120-W 
tungsten projecting lamp, and the optical path length 
5 cm. For pulse radiolysis a Varian linear accelerator 
was used which delivered pulses of 5 MeV, 200 mA,
1.5-/isec duration. Full details of the experimental 
conditions will be published in “Pulse Radiolysis at the 
Hebrew University Accelerator, Internal Report, Dept, 
of Physical Chemistry, The Hebrew University.”  
R 136 and IP 28 photomultipliers were employed with 
two Bausch and Lomb monochromators, Type 567 AB. 
By multiple reflections the monitoring light passed 
through effective optical path lengths of 6 or 12 cm. 
The mean dose per pulse was determined with air- 
saturated solution of K4Fe(CN)6 as dosimeter, taking 
€Fe(CN)63~ = HP M~l cm-1 at 420 nm and trFe(CN),3- =
2.7. All the spectra recorded were measured at inter
vals of 5 nm; splitting of the monitoring light beam6 
was used to overcome irreproducibility of the flashes 
and pulses. (The experimental points are scattered 
within less than 5% from the recorded absorption 
curves.)

The materials used were of Spectrograde or analytical 
grade. Dilute solutions of NalO (IO-3 to IO-4 M) were 
prepared by rapidly dissolving solid I2 in solutions con
taining 0.4 M NaOH. (Under these conditions their 
disproportionation rate was relatively slow.) Mathe- 
son’s 02 +  N2 mixtures, He, or N20, were bubbled 
through the solutions. N20 was purified by passing 
through solutions of pyrogallol in alkali. Unless other
wise stated the solutions were neutral, air-free (satu
rated with He), at 23 ±  2°.
Results

A. Flash Photolysis. The flash photolysis of al
kaline solutions of I0 3~ and IO-  in presence of 0 2 gave 
rise to transient absorption peaking at 430 nm, identical 
with that of 03~ (Figure 1). Its decay rate obeyed the 
law

d(Os-) = (IO*-)
di p(IOB~) +  q( 02) (1)

which has the same form as the corresponding law for 
03_ produced from the oxybromine systems.2 This 
suggests a similiar mechanism for the generation and 
decay of 0 3~. From the experimental values of p and 
q, the dependence of q on pH, and the known2 rate con
stant of the reaction

O- +  02 —> O3- ; h  = 2.5 X 109 M - 1 sec- 1 (2)
the following rate constants could be determined
03-  —^¡02 +  0 -; k» = (5.0 ± 0.4) X 103 sec' 1 (3)
I0 3-  +  OH — > I0 3 +  OH-;

h  = (9.2 ± 0.8) X 108 M - 1 sec- 1 (4)
I0 3-  +  O- ^  I0 3 +  20H-;

h  = (2.0 ± 0.3) X 108 M - 1 sec- 1 (5)
IO - +  0~ —>* IO +  20H-;

h  = (4.6 ± 0.6) X HP M - 1 sec- 1 (6)
(The reaction of IO~ with OH could not be studied 
because the hypoiodite solutions were unstable below 
pH '~13.5.) The value of h  is in good agreement with 
previous data (summarized in ref 2).

Flash photolysis of oxygen containing solutions did 
not give rise to the 260-nm band of 03. This was done 
with comparable concentrations of IO„- and02so that 02 
could effectively compete with the oxyiodine anions3 on 
0 (3P). We conclude that I0 3-  and IO-  do not photo- 
dissociate to yield 0 (3P) at X above ~200 nm.

Some other transients were observed but they could 
be better investigated i:i absence of 0 2 with neutral 
solutions. Figure 2 shovs the results of such experi
ments with I0 3-  solutions. Three absorption bands

\ ,m

Figure 1. A bsorption  spectra  (a ) and kinetics o f d ecay  (b  and 
c )  o f  O3-  p roduced  in alkaline solutions o f  IO 3-  and I O -  
contain ing 0 2. C urve (a ) dashed curve, spectrum  o f  0 3“  (ref 2 ) ;  
• , 10~3 M  IO 3- ,  1 0 _3 M  0 2, p H  12.4, 1 m sec after flash;
O, 4 .2 X  1 0 " 4 M  I O - , 2 X  1 0 M  0 2, p H  13.6, 0 .6 m sec 
after flash, ko is the pseudo-first-order rate constant o f  the 
ozon ide decay.

(3) O. Amichai and A. Treinin, Chem. Phys. Lett., 3, 611 (1969).
(4) L. Farkas and F. S. Klein, J. Chem. Phys., 16, 886 (1948).
(5) N. K. Bridge and M. S. Matheson, J. Phys. Chem., 64, 1280 
(1960).
(6) D. Behar and G. Czapski, Israël J. Chem., 6, 43 (1968).
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T a b le  I  : R a te  C onstants for  the R eaction s o f the O xyiod ine R adicals at 23 ±  2°

Transient Proposed reaction
Rate constant 
itf"1 sec"10 Conditions and method«

A (IO ,) IO 3 +  I O j  —• prod. (5 .1  ±  0 .5 )  X  10« X  *»ax (IO ,) fp  (0 .0 7 -5 .0 )  X  10-2  M  I O , -
(4 .6  ±  0 .3 ) X  10« X  6max(I0,) pr ( 1 .0 - 8 .0 )  X  IO“ 2 M  I O , -

C ( I O . ) I 0 2  + 1 0 , -  —  1 0  +  i o , - (3.5 ±  0 .5 ) X  10s pr ( 1 .0 - 8 .0 )  X  IO“ 2 m  I O , -  
fp  ~  10_ 2 M  IO » -

C ( I 0 2) I 0 2 +  ethanol —  IO  +  prod. (1.6  ±  0 .3 ) X  10« fp  2 X  1 0 -«  M  I O , -  +  (0 .5 -1 7 .0 ) X  1 0 -2 M  ethanol 
pr IO "2 M  I O , -  +  (3 .5 -1 7 .0 ) X  1 0 -*  M  ethanol

B (I O ) IO  +  IO  — prod. (4.4  ±  0 .2 ) X  10« X  «max (IO ) pr 1.2 X  IO” 3 M  I O “ , p H  13.6
(4 .8  ±  0 .5 ) X  10« X  Cm ax (IO ) pr (1 .0 -8 .0 ) X  IO“ 2 m  I 0 3-
(4 .3  ±  0 .2 )  X  10« X  (max ( IO ) pr 1.1 X  IO-2 m  I O ,-  +  ethanol (u p  to  0 .17 M )
(4.5  ±  0 .4 ) X  10« X  (max (IO ) fp  1.1 X  IO“ 3 M  I O - ,  p H  13.6
(4 .2  ±  0 .5 )  X  10« X  Cm ax ( IO ) fp  (0 .8 -5 .0 ) X  IO "2 M  1 0 , -
(4.3  ±  0 .3 ) X  10« X  Cm ax (IO ) fp  (0 .8 -5 .0 ) X  IO“ 2 M  j o , -  +  ethanol

(u p  to  0 .17 M )
D O ,") I2-  +  I O "  —  IO  +  2 1 - (5.0  ±  0 .6 ) X  IO7 fp  (1 .0 -3 .0 ) X  IO“ 4 M  I O - ,  p H  13.6

fp  (1 .0 -3 .0 ) X  10 ~4 M  1 0 -  +  (1.0—3.0) X  

10~ 4 M  I “ , p H  13.6

“ 2k is recorded for  reactions in volv in g  tw o radical m olecules. F rom  our w ork  the values o f cmax ( M _1 c m -1 ) obta in ed  were 900, 220, 
and 400 for IO , IO 2, and I 0 3, respectively . b fp  and pr stand fo r  “ flash p h otolysis”  and “ pulse radiolysis,”  respectively .

l,nm

15 20 25
V, kK

Figure 2 . A bsorption  spectra o f  the transients produced  b y  
flash photolysis in  solutions of IO s- , ale ne and in  presence o f 
ethanol. T h e  absorbance was m easured 110 /¿sec after start 
o f  flash. R esolu tion  o f  the spectra to  com pon en t bands 
(G aussian type o f analysis) is show n b y  the dashed curves.

emerge, designated A, B, and C, which peak at 380 nm, 
490 nm, and 715 nm, respectively. (Xmax was deter
mined by Gaussian type of analysis; see dashed curves 
in Figure 2).

Transient A undergoes a second-order decay which 
does not depend on I0 3~ concentration (Table I). 
The decay of C appeared to be first order with respect 
to I0 3- , which suggests a reaction of C with I0 3_ (Figure
3). (More accurate kinetic data on this reaction were 
derived from the pulse experiments; see later.) This 
reaction appears to produce transient B, since shortly 
after flash the ratio between the intensities of bands B 
and C, respectively, markedly increased with I0 3_ (Fig

Figure 3. T h e  pseudo-first-order decay  o f  transient 
C  ( I 0 2) in  presence o f IO 3- ;  a  (flash) and b  (pulse), the 
absorbance A  a t 710 nm  vs. tim e for various 103-  
con centration s; c, the dependence o f  the first order rate 
constant on  (IO 3- )  as derived from  the flash (O ) and pulse 
(• )  experim ents. In  the pulse experim ents (b )  the optica l 
path  lengths were 12 cm  (le ft scale) and 6 cm  (righ t scale).

ure2). At I0 3~ > 8 X 10~2M band C could hardly be 
detected. At (I0 3~) >0.1 M the generation of B was 
relatively fast (n/, <  20 nsec), so its decay could be 
readily measured starting 100 /xsec after flash. I t  was 
found to be second order with k independent of (I0 3_) 
(Table I). In presence of C the decay of B became 
slower. This is probably due to the parallel generation 
of B by the reaction of C with I0 3~.

No effect of N20 was obtained by flashing 2.7 X
10-3 M IO*- +  1.5 X 10-2 M N20. (Under these 
conditions N20 should effectively compete with I0 3~ 
on any solvated electrons if present.7) On the other
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Figure 4 . T h e  pseudo-first-order d ecay  o f  transient C  ( I 0 2) in 
presence o f  eth an ol; a (flash), the absorbance A  a t 710 nm  
vs. tim e for solutions contain ing 2 X  10~3 M  I 0 3~ and various 
concentrations o f  eth an ol; b  (pulse, 12 cm  optica l path  
length ), the sam e w ith  1.1 X  1 0 -2 M  I 0 3~ ; c, the dependence 
o f  the first order rate con stant o n  ethanol con centration  as 
derived from  the flash (O ) and pulse (• )  experim ents.

\ , nm
7 5 0  6 0 0  5 0 0  4 5 0  4 0 0  3 5 0

>oj

m

Figure 5. A bsorption  spectra  o f the transients produced  b y  
flash and pulse in  solutions o f  I O -  w ith  equ iva lent am ount 
o f  I~ , p H  13.6.

hand, ethanol had a pronounced effect. Addition of 
ethanol to I O 3-  led to suppression of band A and to 
weakening and intensification of bands C and B, re
spectively (Figure 2). The decay of C became faster; 
a pseudo-first-order reaction involving C and ethanol 
appeared to occur (Figure 4), with transient B being the 
product of this reaction too.

In air-free solutions of 1.1 X 10-3 M IO-  the flash 
produced a transient band peaking at 490 nm (Figure 
5). This and the decay kinetics (Table I) prove its 
identity with transient B. On lowering the concentra
tion of IO-  a new band grew at 370 nm, designated by 
D (Figure 5). I t  showed a first-order decay rate with

Figure 6. T h e  pseudo-first-order d ecay  o f transient D  (I2- ) 
in  the presence o f 1 0 “  (w ith  equ iva lent am ou nt o f I - , unless 
otherw ise stated) p H  13.6.

k being proportional to (IO- ) (Figure 6 and Table I). 
In the presence of D the decay of B became slower and 
deviated from second order in a way which suggests 
further generation of B after the flash.

B. Pulse Radiolysis. The pulse radiolysis of 10-2 
M IO3-  solution clearly showed bands A, B, and C (Fig
ure 7). Ethanol had the same influence as in the flash 
photolysis experiments, but now N20 also had a pro
nounced effect: in the presence of 1.5 X 10~2 M N20, 
band A intensified whereas bands B and C became 
weaker. (N20 and I0 3~ scavenge eaq~ at comparable 
rates.7 To obtain detectable yields of radicals we could 
not make ( I O 3- ) much lower than the concentration of 
N20.)

With IO-  solutions the pulse produced band B (Fig
ure 5), but band D could not be detected.

The identity of the three transients produced by 
pulse with A, B, and C was verified by detailed study of 
their kinetics. The pseudo-first-order decay of C, with 
and without ethanol, is illustrated in Figures 4 and 3, 
respectively. Table I records all the rate constants 
obtained by the two techniques. In the case of IO- , 
since transient D was not present in the pulsed solu
tion, no deviations from the normal decay of B were 
observed.

(7) M. Anbar and P. Neta, Intern. J. Appl. Radiat. Isotopes, 18, 493 
(1967).
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X , nm
750 6 0 0  500  ¿.50 ¿.00 350

Figure 7. A bsorption  spectra o f the transients produ ced  b y  
pulse radiolysis in  1.1 X  10~ 2 M  solutions o f IO 3- , a lone (b )  
and in  presence o f 1.5 X  10~2 M  N 2O (a) and 3.5 X  1 0 -2 M  
ethanol (c ) . T h e  absorbance was m easured 23 ¿tsec after 
pu lse; 6 cm  optica l path  length. R esolu tion  o f the spectra to 
com pon en t bands (G aussian ty p e  o f analysis) is show n b y  
dashed curves.

Discussion

The detection of 03“  in alkaline solutions and the 
analysis of its decay kinetics prove that O”  radicals are 
produced by photolysis of both IO3-  and 10“ . In anal
ogy with the oxybromine anions,2 the generation of 0 “  
should involve the following primary processes

I0 3-  I0 2 +  O- (7)
hv

I O -  — >  I  +  O -  (8)

Thus I0 2 and I0 3 (the latter from reactions 4 or 5) are 
expected to result from the photolysis of IO3-, whereas 
IO-  should yield IO radicals through reaction 6. 
Therefore we assign band B to IO. The absorption 
spectrum of IO in the gas phase displays a band struc
ture with maximum intensity at ~450 nm; environ
mental shift of ~1800 cm-1 is not unreasonable.

The iodine atom produced by reaction 8 could yield 
I 2“ , since the IO- solutions always contained equivalent 
amounts of I - . I 2_ has a very intense band peaking at
370 nm8 and so we identify transient D with I2-. The 
pseudo-first-order decay of I 2~ suggests the reaction

I2-  +  IO - —> 21- +  IO (9)
which is analogous to the reaction1 of Br2~ with BrO- . 
Reaction 9 is responsible for the generation of IO after 
flash and hence to the apparent decrease in its rate of 
decay. From our results we could calculate fc9 (Table
I)- '

In pulsed IO~ solutions IO is produced by reactions
6. (At pH 13.6 very little  OH is present.) However,

Gio should equal 6'oh +  Ge since 0 “  is produced by the 
reaction

IO-  +  eaq-  —*• I~ +  O-  (10)
as the case1 is with BrO- . By extrapolating the IO 
absorbance to zero time and using the dosimetry re
sults, we obtained Gi0 X €490 = (5.0 ± 0.7) X 103, i.e., 
«max (IO) = 900 ± 130 if f - 1 cm-1. No I2“  was formed 
in the pulsed solution since the reaction of O-  with 
I -  is probably much slower9 than reaction 6.

IO is also produced from IO3-. However, here it 
seems to result not from a primary process but from 
reaction of transient C with I0 3_. The following 
results lead us to identify transients C and A with I0 2 
and IO3, respectively.

(a) Ethanol which scavenges OH and 0~ radicals 
could completely suppress band A both in the pulsed 
and flashed I0 3“  solutions. This shows that transient A 
results from reactions 4 or 5, and indeed, in the pulse 
experiment when N20 is present to convert eaq-  to OH, 
the amount of A increases. Thus we identify A with 
I0 3. By extrapolating the IO3 absorbance to zero 
time and using the dosimetry results with Gi0l = 
Goh we obtained Gio, X «380 = (0.85 ± 0.12) X 103; 
i.e., «max (IO3) =  400 ±  60 M~l cm“ 1.

(b) In the pulsed solutions the reaction of eaq-  with
103-  is expected to yield I0 2

H20

eaq-  +  I0 3-  —►  IO* +  20H- (11)
in analogy with the corresponding reaction1 of Br03- . 
Since N20 suppresses both bands C and B they should 
be related to I0 2. Thus we are led to assign band C to 
I0 2 and attribute the generation of IO to the reaction

IO , +  IO 3 -  — » - I O  +  IO 4 -  ( 1 2 )

(Compare with the reaction10102“  +  IO3-  —► 10“  +
104-  .) Ethanol is also oxidized by I0 2 and here too 
IO is the product. (Under the conditions employed, 
in presence of ethanol the reaction of I0 2 with I0 3~ 
could be ignored; see Table I.) From the absorbance 
ratio A io /A io. at zero time (derived by extrapolation) 
we obtained from both techniques, flash and pulse, the 
ratio €max(I0 2)/«max(I03) “  0.55 i  0.08, Z.C., «max 
(I02) = (220 ± 30) M -1 cm“ 1.

(c) Our identification of the oxyiodine radicals puts 
their transition energies hvmax in the sequence I0 3 > 
IO > I0 2. A similar order is displayed by the oxy- 
chlorine radicals11 and by the known1 oxybromine

(8) L. I. Grossweiner and M. S. Matheson, J. Phys. Chem., 61, 1089 
(1957).
(9) By analogy with the behavior of the chloride7 and bromide anions 
(B. Cercec, M. Ebert, J. P. Keene, and A. J. Swallow, “ Pulse Radioly
sis,” Academic Press, New York, N. Y., 1965, p 83). This can also be 
inferred from other works, e.g., F. S. Dainton and S. A. Sills, Proc. 
Chem. Soc., 223, 1962.
(10) O. Haimovich (Amichai) and A. Treinin, J. Phys. Chem., 71, 
1941 (1967).
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Figure 8. Transition energies of the oxyhalogen compounds 
vs. electronegativities of the halogen atoms, a, X O 2 in 
aqueous solution (ref 1, l i b  and present work); b , X O -  in 
aqueous solution (ref 1 2 ); c, X O  in the gas phase (ref 11a); 
d, X 0 3~ in aqueous solutions (ref 13). (In the latter case the 
transition energies at e =  1 are recorded).

radicals BrO and BrC>2. Another regularity is shown in 
Figure 8: the transition energy hv of analogous oxy
halogen compounds increases almost linearly with the 
electronegativity of the halogen atom. The pairs 
C I O 3- I O 3 (Xmax = 278 nm llc—in the gas phase—and 
380 nm, respectively) and C102~-Br02~ (Xmax =  260llb 
and 290 nm,12 respectively) follow the same order.

From these data we estimate that B r0 3 and I0 2~ both 
have absorption peaks at ~340 nm. For B r0 3 the 
interpolation was based on Amax (C103) ~300 nm in 
aqueous solution, assuming that the red shift is close 
to that displayed by BrO, I0 2, and C102 on passing from 
gas phase to water. The value predicted for B r0 3 is 
close to that assigned to it in aqueous solution. 5 ' 14 ' 16

As in the case of BrlT 1 and N 0 2, 15 the decay of 10  
and IO3 may involve dimerization as the first stage 
with the dimer further reacting with OH" or water 
(in the case of IO3 we c etected a pH effect on the rate 
constant but this neecs further investigation). The 
final products of the decay are probably 1 0  ~ +  I0 2~ 
(from 1 0  +  1 0 ), and I0 3“  +  IO4-  (from I 0 3 +  I0 3). 
IO_ is known to react with I0 3~ to produce IO4- . (I02~ 
probably being the reaetive intermediate in this reac
tion10). IO4“  is also produced by reaction 1 2 , so al
together periodate should be a major product of the 
photolysis of I0 3~. Some preliminary experiments 
have shown that this is really the case. Further work 
on the steady photolysis of I0 3~ will show if a single 
primary process (react on 7) can account for all the 
results.
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(11) (a) R. A. Durie and D. jx. Ramsay, Can. J. Phys., 36, 35 (1958); 
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The Flash Photolysis of Mercaptans in Aqueous Solution

by Gunter Caspari and Albrecht Granzow

Department of Chemistry, Boston University, Boston, Massachusetts 02215 (.Received June 17,1969)

The flash photolysis of 2-mercaptoethanol, benzenethiol, and cysteine hydrochloride in deoxygenated aqueous 
solutions of various pH values was studied. Transient spectra (Xmax ~420 nm) were observed which were iden
tified as arising from the RSSR radical anion. The transient decay was first order with approximately equal 
rate constants for cysteine and 2-mercaptoethanol; the benzenethiol decayed about ten times faster. It is 
proposed that the formation of RSSR from flash photolysis is via the fast reaction of the primary RS • radical 
with an RS ~ anion. The validity of the mechanism is supported by the effect of added allyl alcohol on the decay 
rates of the transient.

Introduction

The primary reaction in the photolysis of mercaptans 
in the gas1-3 and liquid4 phase is the formation of RS ■ 
radicals to which has been attributed the strong absorp
tion (Xmax ~420 nm) observed when alkylmercaptans are 
photolyzed at 2537 A in a rigid EPA matrix.8 Similar 
absorptions have resulted from the 7 radiolysis of 
mercaptans in rigid matrices at 77°K.6 However, 
pulse radiolytic studies of cysteine1''8 and 2-mercapto
ethanol9 have indicated that the absorbing species is 
not the RS • radical but rather the RSSR radical anion. 
There is support for this proposal from the analysis of 
the esr spectra of such trapped radicals.10

In the radiolysis cases, the primary process is the 
generation of transients from the attack of solvated elec
trons or OH radicals on the mercaptan. The question 
must be raised concerning the nature of the transient 
produced in the photolysis and toward this end the 
flash photolysis study was directed.
Experimental Section

2-Mercaptoethanol (K & K Laboratories), benzene
thiol (Matheson Coleman and Bell), and allyl alcohol 
(Fisher) were purified by distillation. Cysteine hydro
chloride (Fisher, research grade) was used without 
further purification.

Solutions of the mercaptans were prepared with 
deionized water that had been deoxygenated by a stream 
of purified nitrogen for at least 1 hr. The mercaptan 
was then added with a syringe. The pH value was 
adjusted using perchloric acid and sodium hydroxide 
and measured with a Leeds and Northrup pH meter. 
A fresh solution was used for each flash delivered.

The flash apparatus (Xenon Corp., Medford, Mass.) 
delivered a flash with an energy of up to 250 J from 
xenon-filled flash lamps. The flash exhibited a rise 
time of 5 gsec, a half-peak duration of 20 /nsec, and a 
total duration of 50 /nsec. The decay of the transients 
was monitored using a Hilger-Engis 0.6-m combination 
spectrograph-monochromator, an RCA 1P28 photo
multiplier and dynode chain, and a Tektronix 564 stor

age oscilloscope. A Vycor filter restricted the flash to 
X >230 nm and a Pyrex filter in front of the analyzing 
lamp was used to prevent unwanted photolysis. The 
quartz irradiation vessel was 22 cm long with a 2-cm 
diameter and had optically flat quartz windows at both 
ends.

The absorption spectra of the mercaptan solutions 
were determined using a Cary 14 recording spectropho
tometer.
Results and Discussion

In the spectral region X >230 nm, mercaptans show 
absorption bands which are attributed to n -*■  a* or 
n -*■  7r* transitions of the free electrons at the sulfur 
atom. The ultraviolet absorption spectra of the mer
captan solutions show that, whereas these bands are 
quite strong in basic solution, no absorption occurs in 
neutral or acid medium except for benzenethiol. The 
spectrum of 2-mercaptoethanol in aqueous solution at 
various pH values is shown in Figure 1. The spectrum of 
cysteine is reported to show a similar pH dependence.11 
In both cases the extinction coefficient at the band max
imum is directly proportional to the anion concentra
tion as is seen by a comparison with the titration curves 
of these compounds.11 For benzenethiol this anion

(1) M. Meissner and H. W. Thompson, Trans. Faraday Soc., 34, 1238 
(1938).
(2) N. P. Skerret and H. W. Thompson, ibid., 37, 81 (1941).
(3) T. Inaba and B. deB. Darwent, J. Phys. Chem., 64, 1431 (1960).
(4) W. E. Haines, G. L. Cook, and J. S. Ball, J. Amer. Chem. Soc., 78, 
5213 (1956).
(5) K. J. Rosengren, Acta Chem. Scand., 16, 1418 (1962).
(6) J. Wendenburg, H. Moeckel, A. Granzow, and A. Henglein, Z. 
Naturforsch., B, 21, 632 (1966).
(7) G. E. Adams, G. S. McNaughton, and B. D. Michael, “ The 
Chemistry of Ionization and Excitation,” Taylor and Francis Ltd., 
London, 1967, p 281.
(8) G. E. Adams, "Symposium on Radiation Research,” North- 
Holland Publishing Co., Amsterdam, 1967, p 195.
(9) G. Meissner, A. Granzow, and A. Henglein, unpublished results.
(10) F. K. Truby, J. Chem. Phys., 40, 2768 (1964),
(11) R. E. Benesch and R. Benesch, ./. Amer. Chem. Soc., 77, 5877 
(1955).
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Figure 1. T h e  u v  absorption  spectra  o f  aqueous solutions of 
2-m ereaptoethanol: [m ercaptan] =  2 .0 X  10 -4  M ; ce ll path 
length  =  1 cm ; p H  o f solutions: 1, 13.0; 2, 10.5;
3, 9 .7 ; 4 , 9 .0 ; 5, 6.0.

band is shifted to about 260 nm, but at low pH values 
another absorption at 235 nm is observed which is due 
to the undissociated form (Figure 2).

In all three systems strongly absorbing transients are 
observed after the flash. The absorption maxima are 
at 420 nm for 2-mercaptoethanol and cysteine and at 
470 nm for benzenethiol. The spectra of the transients 
in Figure 3 are measured at those pH values where the 
highest intensity of the transient absorption is obtained. 
If the solutions are flash photolyzed without the Vycor 
filter so that X <230 nm radiation is also absorbed, 
no noticeable change in the shape or the intensity of 
the transient bands is observed. This fact suggests that 
only the long wavelength absorption band of the mer- 
captans is responsible for the formation of the transients.

In the case of cysteine and 2-mercaptoethanol the 
wavelengths of the transient absorption maxima are 
identical with those observed in pulse radiolytic stud
ies7-9 and are accordingly attributed to the correspond
ing RSSR radical anions. Nothing has yet been re
ported on the transient arising from benzenethiol, but 
it is doubtless due to the formation of the analogous 
CeHjSSCJIs radical anion. The higher intensity and 
the bathochromic shift of the transient absorption for 
this compound are readily explained by the influence of 
the benzene rings.

The decay of the transients is first order; the rates are 
about the same for cysteine and 2-mercaptoethanol, 
whereas the benzenethiol transient decays more rapidly. 
The rate constants are listed in Table I. The addition

Figure 2. T h e  u v  absorption  spectra o f aqueous solutions o f 
ben zeneth iol: [m ercaptan] =  1.25 X  10~ 4 M ;  cell path  length  
=  1 cm ; p H  o f solutions: 1, 5.9; 2, 6 .6 ; 3, 8 .9 ; 4, 12.5.

T ab le  I :  R a te  C onstants for the D eca y  o f R S S R  R adical 
A n ion  Transient Spectra

Compound Conen, M pH k, sec-1 m̂axi nm

2 -M erca p to -
ethanol 1 .0  X  1C-3 1 2 .2 4 .9  X 103 420

C ysteine 1 . 0  x  i o -3 8 .1 2 .7  X 103 420
Benzenethiol 5 .0  X  l® -4 1 0 .6 3 .8  X 104 470

of methanol or acetone nas no effect on the intensity 
or decay constant of the transient absorption. On the 
other hand, the transient spectra are not observed in the 
presence of oxygen.

When allyl alcohol is added, the intensity of the 
transient absorption decreases and the decay constants 
increase proportionally with the concentration of the 
alcohols. From the slo ie of these straight lines the 
second-order rate constants for the reaction of the 
transients with allyl alcohol can be calculated (Table 
II). In the case of benzenethiol the decay constant is 
already so large that any additional enhancement in the 
presence of allyl alcohol cannot be determined.

T a b le  I I : R ate  C onstants fo r  the R ea ction  o f T ran sient R S S R  
R ad ica l A nions w ith  A lly l A l sohol. C on cen tra tion  o f the 
M ercaptans, 1.0 X  10~3A f

Compound Concn range, M pH k, Af-i sec-1

2 -M ercaptoeth an ol 1-20 X 10~3 12.2 1.0 X 10«
C ysteine 2 -:5  X  i o -3 8.1 1.4 X 106
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Wavelength [nm]

Figure 3. A bsorption  spectra o f transients: (a ) cysteine, 1.0 X  
10 -3 M ;  p H  8.7 ; (b )  2-m ercaptoethanol, 5 .0 X  10 -3 M , 
p H  10.5; (c )  benzenethiol, 5.0 X  10 -4  M ;  p H  11.8.

Since the intensity and wavelength of the uv absorp
tion of the mercaptan solutions show a strong depen
dence on the pH, the effect of pH on the transient 
absorption was examined (Figure 4). For cysteine and 
2-mercaptoethanol, no transient absorption is observed 
in acid and neutral solution because in this pH range, 
these two compounds do not show substantial uv ab
sorption at X >230 nm. On the other hand, the un
dissociated benzenethiol has an absorption maximum 
at 235 nm. Therefore, in this case, the absorbing tran
sient is also formed in acidic solution and the intensity 
of the transient absorption increases with increasing 
pH, reaching a constant value at pH ~8.5. In all cases 
the decay constants of the transients do not show a 
noticeable dependence on the mercaptan concentration 
or the pH of the solution.

For mercaptoethanol, the intensity of the transient 
absorption decreases again at pH >12. I t  appears 
that the formation of the absorbing RS3R radical anion 
is inhibited by high OH ~ concentrations. As in the case 
of the pulse radiolysis experiments,9 a weak transient 
absorption with a maximum at X <300 nm is observed 
in solutions of pH >12. This short wavelength tran
sient absorption may be tentatively attributed to the

4 6 8 10 12 14

pH
Figure 4. p H  dependence o f  the transient absorption : (a ) 
cysteine, 1.0 X  10 -3 M , X 420 n m ; (b )  2-m ercaptoethanol,
5 .0 X  10~3 M , X 420 n m ; (c )  benzenethiol,
5 .0 X  10 -4 M ;  X 470 nm.

RS • radical, since mercaptan radicals in the gas phase 
are known to absorb in this region.12 The fact that 
this transient is only observed in solutions at high pH 
can be explained in terms of the inhibition of the radical 
anion formation in a strongly basic medium. This 
should result in an enhanced lifetime for the primary 
RS - radicals.

In the case of cysteine, the intensity of the transient 
absorption has a distinct maximum at pH ~8.5. This 
behavior can be explained in terms of the different 
steps in the dissociation of cysteine. In the pH range
8-10, cysteine exists mostly as a mixture of HSCH2- 
CH(NH2)COO- and S-CH2CH(NH3+)COO-, whereas 
at higher pH the doubly negative S “ CH2CII (NH2) COO ~ 
anion if formed.11 Therefore, in this latter pH region 
the formation of the absorbing RSSR radical anion 
would have to take place via the reaction of two par
ticles, each of which carries two negative charges. 
Since a reaction of that kind is energetically unfavorable, 
this may account for the observed decrease of the 
transient formation at high pH.
(12) R. G. W. Norrish and A. P. Zeelenberg, Proc. Roy. Soc. (London), 
A240, 293 (1967).

The Journal of Physical Chemistry



F l a s h  P h o t o l y s is  o f  M e r c a p t a n s  i n  A q u e o u s  S o l u t io n 839

The reaction mechanism which leads to the forma
tion of the absorbing RSSR transients may be assumed 
to be similar to the one established for the formation 
of the same species by pulse radiolysis.7 ~9-13 The first 
step is the formation of a RS • radical by photodetach
ment of an electron from a RS~ anion. In the case of 
benzenethiol, a photodissociation of the neutral mer
captan must also be considered if the transient is pro
duced in neutral or acidic solution

RS- +  hv (230-270 nm) —> RS- +  e~ (1)
RSH +  hv (230-270 nm) —> RS ■ +  H- (2)

The uv absorption bands of the mercaptan solutions in 
the region of 230-270 nm correspond to the energy of 
105-125 kcal mol-1. The dissociation energies of al- 
kylmercaptans in the gas phase have been determined 
to about 88 kcal mol-114 making reactions 1 and 2 ener
getically feasible and leaving enough excess energy 
available to account for differences in solvation ener
gies.

The second step is the fast reaction of a primary 
RS • radical with a RS-  anion forming the RSSR radical 
anion that is responsible for the observed transient 
absorption. The decay of the transient complex prob
ably takes place by reaction 3 with the stable end prod
uct being mainly the corresponding disulfide

RSSR RS • +  RS“  —> products (3)

The equilibrium position in reaction 3 has to be far to 
the left to account for the first-order decay kinetics. 
The structure of the RSSR species is expected to be 
similar to that of the dihalide radical anion, such as
ci2-.7

The validity of this two-step mechanism is supported 
by the effect of added allyl alcohol on the decay con
stants of the radical anions. I t  is well established that 
RS- radicals are efficiently scavenged by compounds 
with olefinic double bonds, the addition leading to the 
formation of an anti-Markovnikov product.15-16 There
fore, the addition of ally alcohol shifts the equilibrium 
of reaction 3 to the right, in agreement with the observed 
enhancement of the decay constants. The much faster 
decay of the benzenethiol transient as compared to the 
aliphatic mercaptans car also be understood by a shift 
of the equilibrium to the right due to the higher sta
bility of the aromatic thieyl radical.
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Ionization of Liquids by Radiation Studied by the Method of Pulse 

Radiolysis. III. Solutions of Galvinoxyl Radical
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and A. O. Allen

Chemistry Department, Brookhaven National Laboratory, Upton, New York 11973 (Received August If, 1969)

The yield of galvinoxyl anion, found by pulse radiolysis of dilute solutions of galvinoxyl radical in various hy
drocarbon solvents, was equal to the total yield of ion pairs formed by irradiation in the same solvents, as deter
mined by electrical methods. Galvinoxyl radical thus being shown to be an excellent electron scavenger, the 
method was applied to determine ion yields formed by radiation in other liquids, including alcohols and nitro 
compounds. From the ion yields, relative values of the mean charge-separation distances were calculated and 
were found to be smaller the more polar the liquid.

Introduction

Knowledge of the yield of free ions produced by 
radiation in liquids is essential to the understanding of 
the behavior of free electrons in liquid systems and the 
mechanisms of radiolysis of liquids. The ionic yield is 
best determined by electrical methods in liquids of low 
inherent conductivity but cannot be applied to polar 
liquids. We therefore turn to the use of charge scav
engers or materials which will readily accept positive or 
negative charge from the original ions formed in the 
solvent to produce an ion of distinctive light absorp
tion, which, though it may be of short lifetime, can be 
quantitatively estimated by the method of pulse radio
lysis. We have shown1 that the positive charge ac
ceptor trity l chloride can be used in this way in certain 
solvents when present in concentrations of the order of 
10- W , as it forms the trity l carbonium ion, but it 
cannot be used in solvents such as alcohols in which the 
carbonium ion is destroyed. In the present paper we 
turn to the use of the negative charge scavenger gal
vinoxyl or Coppinger’s radical, a stable neutral free 
radical soluble in organic solvents, which readily ac
cepts an electron to form a negative ion2 having a dis
tinctive and very large absorption peak in the visible. 
By the use of this radical, we have determined the 
yields of free ions formed in a wide variety of solvents.
Experimental Section

Details of our methods of pulse radiolysis with 2- 
MeV electrons, using either a pulsed Van de Graaff 
generator or a Febetron Model 705 generator have been 
described in previous papers.1'3 Most of the data for 
the present paper were obtained from the Van de 
Graaff using 5-y.sec pulses, but data on the rate of 
buildup of the galvinoxyl anion and some of the data 
on the decay of the anion and of the galvinoxyl radical

were obtained using the shorter pulses from the Febe 
tron.

The absorption spectrum of the galvinoxyl anion 
transient formed by pulsing dilute solutions of gal
vinoxyl radical in various solvents was determined 
separately for all the solvents used except for two of the 
alcohols. The results for 2,2,4-trimethylpentane (a 
nonpolar solvent) and nitrobenzene (a highly polar 
solvent) are shown in Figure 1, normalized to the same 
height for the main peak. The spectra in all the sol
vents were very similar except for slight shifts in the 
position of the two peaks. Estimation of the quantity 
of anion present was made on the assumption that the 
extinction coefficient at the longer wavelength maxi
mum was equal to that reported by Kharasch and 
Joshi2 for stable solutions of the ion in ethanol, namely,
220,000 M~l cm-1. The decrease of the galvinoxyl 
radical concentration after the pulse, determined by 
the loss of its extinction between 4000 and 4700 A, 
was generally found to be much larger than the amount 
of the anion produced and always appeared to be ki- 
netically first order. I t  was ascribed to reaction of the 
galvinoxyl radical with the neutral free radicals pro
duced in the solvent by the radiation pulse, which are 
considerably more numerous than the free ions. At 
wavelengths near 5750 A where the anion transient 
was determined, this destruction of the free radical 
sometimes resulted in considerable decrease in the 
optical density of the solution at the end of the anion 
decay as compared to its absorption at the beginning of 
the run. Correction for this change in absorption had 
to be made in analyzing the kinetics of the anion decay.

(1) C. Capellos and A. O. Allen, J. Phys. Chem., 73, 3264 (1969).
(2) M. S. Kharasch and B. S. Joshi, J. Org. Chem., 22, 1435 (1957).
(3) C. Capellos and A. O. Allen, J. Phys. Chem., 72, 4265 (1968).
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Figure 1. Spectra o f  the ga lvin oxyl anion transient obtained  b y  
pulse radiolysis in 2 ,2 ,4-trim ethylpentane, • ,  and in 
nitrobenzene, O.

I t  was found that the decay of the galvinoxyl anion 
was second order in nonpolar solvents, as expected for 
its disappearance by recombination with a positive ion, 
but in the more polar solvents its disappearance was 
first order. Apparently in the polar solvents it dis
appears more rapidly by reaction with the solvent than 
by combination with a positive ion. In the case of 
second order decay, the optical density due to the anion 
is ODa = OD0/(1 +  (fe/fI)OD0i). The observed 
optical density is decreased by the destruction of the 
galvinoxyl radical, which gives a term — ODc„(l — 
e~k’v). The observed optical density is given by the 
sum of these two expressions and the equation may be 
rearranged to give

1 1 kit

ODobsd +  OD„(l — e~kr‘) ODo tL

where ODobsd is the observed optical density, OD„ is 
the optical density at the end of the reaction, kT is the 
first-order decrease in absorption of the radical as 
determined at shorter wavelengths, h  is the actual 
second-order decay constant of the anion, e is its extinc
tion coefficient, L is the optical path length, t is the time 
after the end of the pulse, and OD0 is the optical density 
at t = 0. I t  was found indeed in the nonpolar solutions 
that a plot of the expression on the left-hand side was

841

Figure 2. Secon d-order d eca y  plots for the ga lvin oxyl anion in 
2 ,2 ,4rtrim ethylpentane; data obta in ed  at 5400 A , • ,  and 
5750 A , O.

linear in time, and values of fc2 were obtained. Figure 
2 shows the plots obtained from following the decay 
of the anion in 2,2,4-trimethylpentane in two runs made, 
respectively, at 5750 anc 5400 A. The lower line rep re- 
sents data obtained at 5750 A where the extinction 
coefficient was taken, by comparison with the assumed 
maximum value of 2.2 X 10s, to be equal to 1.92 X 
108 M~l cm-1. The upoer curve was for data taken at 
5400 A where the extinction coefficient was assumed to 
be 1.033 X 108. In both cases the path length was
6.1 cm. The respective calculated rate constants were
4.2 X 10n and 3.8 X L011 M~l sec-1, which are in fair 
agreement considering the uncertainties in the assump
tions regarding the extinction coefficients.

In the polar solvents the decay of the anion was first 
order and the change in optical density due to this 
decay is given by ODa = OD0e~*r!. Addition of the 
correction term due to the destruction of the radical 
results in the equation
log [ODobsd -  OD .(l -  e-*r‘)] = log ODo -  2.303fcit
Thus ki is readily obtained by a plot of the function 
shown on the left-hand side against time. Very good 
first-order plots were in ?act obtained.

The rate of formation of galvinoxyl anion was stud
ied in polar solvents i i  which its rate of decay was 
first order. The react on scheme can be represented 
as X~ +  G- = G~ with rate constant kb (where X -  
is the negative ion originally produced in the solvent, 
G- is galvinoxyl, and G~ its anion), followed by G-  = 
product, with rate constant fci. Let y = the concentra
tion of G-  and K = kh(G■). I f X0~ is the total nega-
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Table I: Rate Constants for Formation and Decay of Galvinoxyl Anion in Various Solvents

■Decay reaction------------------------ * Formn
Solvent® Order Rate constant rate const, &b> M  1:

2,2,4-Trimethylpentane 2 4.2 X 10u M ~ l  sec-1
Cyclohexane 2 4.6 X 1011 M ~ t  sec“ 1
Benzene 2 6.4 X 10“  Hi"1 sec"1
Toluene 2 4.3 X 10n Af-1sec-i
Neopentyl alcohol (64°) 1 1.44 X 104 sec-1
w-Pentyl alcohol (64°) 1 1.15 X 104sec_1
n-Pentyl alcohol (25°) 1 2.9 X 10*sec-1
i-Butyl alcohol 1 6.0 X 103 sec-1
n-Butyl alcohol 1 1.05 X 104sec_1 1.8 X 109
Ethanol 1 2.1 X 104 sec-1 1.08 X 10l°
Nitrobenzene 1 8.5 X 10s sec-1 2.8 X 109
Nitromethane 1 2.2 X 106sec-1

<* Determinations made at 25° unless otherwise stated.

tive ion concentration in the system, we than have X  
= X 0~e-Kt and

dy/dt = KX<,-e~Kt -  fay

The solution to this equation is

y =  (KXo~/(K -  f c i ) ) ( l  -  4~

In practice the formation of G~ requires a few micro
seconds, while the decay lasts hundreds of microseconds. 
Traces are obtained of the optical density vs. time, first 
on a time scale of microseconds, then on a longer time 
scale. At longer times the expression in parentheses 
reduces to unity and the slope of the line gives fa; the 
extrapolated intercept I  =  KX0~/(K — fa). The 
optical densities obtained for various short times are 
then divided by Ie~klt and the result, subtracted from 1, 
is then plotted against time on semilog paper. From 
the slope of this line K — fa is obtained, which gives 
K, and by dividing by the concentration of galvinoxyl 
radical we finally get fa, the desired rate constant for 
formation of the galvinoxyl anion.
R e s u l t s

Table I gives the decay constants of the galvinoxyl 
anion in the various solvents; also the rates of formation 
of the anion from the galvinoxyl radical, for the cases 
in which this quantity was determined. The rate of 
disappearance of the galvinoxyl radical is not presented 
here since it is not a true constant but depends upon the 
dose per pulse used in the experiment. Under our 
conditions the time constant of this first-order disap
pearance varied from 104 to 105 sec-1. The second- 
order rate constants for disappearance of the anion 
found in the hydrocarbon solvents are of the same order 
as those found for disappearance of the ions reported in 
our previous publications1’3 and are of the order ex
pected for recombination of oppositely charged ions in 
solvents of low dielectric constant. In the solvents of 
higher dielectric constant, the ion recombination is 
slower and first-order processes take over—presumably

reaction of the anion with the solvent, perhaps to give 
N 02-  in the nitro compounds and alkoxide ions in the 
alcohols.

The main purpose of the work was to obtain the G 
values for the formation of the galvinoxyl anion, which 
are shown in Table II. The values were obtained from 
the Van de Graaff data on the concentration of anion 
existing at the end of the pulse, with the appropriate 
correction made for the small amount of decay occurring 
during the 5-y.sec pulse.3

As in previous studies,13 the concentration of charge 
scavenger in the solution did not affect the yield of ions 
formed, over the concentration range 10-4-10 -3 M, in 
hydrocarbon solvent. In the higher alcohols, however, 
the yield increased between 1 X 10-4 and 6 X 10-4 M 
solute, probably because the reaction between the 
solvated electron and the galvinoxyl is relatively slow in 
these solvents. The “ best value”  of (?(ion) listed is an 
average of runs made at concentrations of galvinoxyl 
thought to be high enough to trap all free negative 
charges.

No galvinoxyl anion was seen in a carbon tetra
chloride solution of galvinoxyl, which indicates that the 
anion first formed in this solvent cannot transfer an 
electron to this solute. By contrast, the anions formed 
in nitromethane and nitrobenzene cannot compete with 
galvinoxyl for the electron, since the yield of solute 
anion is not increased by increasing the solute concen
tration.

Ion yield values which have been obtained for some 
of the solvents by other methods are shown in Table 
II. Table II also lists the dielectric constants of 
the various solvents and the ion yield of these same 
materials in the vapor phase, together with a series of 
derived quantities which will now be discussed.
D i s c u s s i o n

The G values determined for the galvinoxyl anion 
agree well with the ion yields determined by other 
methods both for hydrocarbons and for ethanol; so it
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seems reasonable to assume that in the other solvents 
also we are measuring authentic G values for formation 
of free ions.

Ion-pair yields in liquids are discussed4-6 in terms of 
the Onsager formula7 for the probability P  of eventual 
diffusion apart of a pair of oppositely charged ions 
separated by a distance r in a medium of dielectric 
constant «: P  =  where rc = e*/ekT, with e in
the latter case being the charge on the electron and kT 
the Boltzmann energy. A glance at the G values in 
Table II shows that the dielectric constant of the 
solvent does indeed have a pronounced effect on the 
free ion yield. Other factors are. however, involved; 
thus, the nitro compounds, with a higher dielectric 
constant than ethanol, nevertheless show a smaller 
value of the ion yield. It would seem that the average 
value of the escape distance r must be less in the nitro 
compounds than in the alcohols. The initial ionization 
acts will be similar in all these solvents, but the elec
trons set free will interact more strongly with the sol
vent molecules and lose energy more rapidly in some of 
the solvents, will become thermalized at a shorter dis
tance r from the parent positive ion, and hence have a 
smaller probability of escaping. Ion yield determina
tions by the charge collection method have shown6 that 
there are great differences among hydrocarbons in their 
interaction with the free charges, the ion yields being 
much larger for hydrocarbons containing quaternary 
carbon atoms in the molecule. The presence of chlorine 
atoms in the molecule greatly decreases the free ion 
yield, presumably because free electrons not yet com
pletely thermalized can react to yield chloride ions 
while still comparatively close to the positive ion.

We seek a quantitative measure of the relative reac
tivity of the free charges with the various solvents. For 
this purpose it is necessary to assume a distribution 
law for the values of r among the various ion pairs pro
duced in the solvents by high-energy radiation. Schmidt 
and Allen6 have found that in a number of hydro
carbons the temperature coefficient of the free ion yield 
can be correctly predicted on the assumption that the 
distribution of r is random or Gaussian. Although in 
theory the distribution cannot be exactly Gaussian, we 
are dealing here only with the more widely separated 
ion pairs and an approximate random distribution of 
separations among these seems not unreasonable. 
Since all that is sought here is an approximate measure 
of the relative interaction rates for the free charges in 
the various solvents, we believe the Gaussian approxi
mation is sufficient for the present purpose. We as
sume then that in all the solvents the probability of 
finding an ion pair thermalized at a distance r is given 
by the three-dimensional Gaussian distribution func
tion

(4irr2/  7r>̂I63)e“ ’,!'62

To get the total probability of escape P  we must multi

ply this Gaussian by the escape probability e-r°/r. 
Substituting x for r/b we find

P  is thus a function of b/rB only. Values of the function 
P(b/rc) have been calculated.6

If the ion pairs occur in part in groups or “ spurs,”  the 
distance r should relate only to the last ion pair re
maining after all the others in the group have combined. 
The probability P  thus should be the ratio of the yield 
of free ion pairs to the yield of groups of ions produced 
by the radiation. The total number of ion pairs 
initially formed in the liquid is presumably equal or at 
least proportional to the number formed in irradiation 
of the same material in the vapor phase. Since the 
number of groups of ions is not accurately known and 
since all we seek here is a comparison between different 
solvents, we have assumed that the value of P given by 
the above formula may be set equal to the ratio of the 
measured ion-pair yield in our liquids to the total num
ber of ions formed in the irradiation of the vapors. The 
function P(b/re) being known, we obtain for each sol
vent values of b/rc and hence values of b. This is pro
portional to the mean distance that the charges travel 
in the particular medium before becoming thermalized. 
Since in any medium the distance traveled must vary 
inversely with the density, the best parameter to use 
for comparing the various solvents would seem to be 
the product of b and the density d. This quantity, 
given in the last column of Table II, is believed to 
afford a relative measure of the rate of energy loss by 
subexcitation electrons moving through the various 
media, or alternatively of the cross section for capture 
of the electron by interaction with the solvent mole
cules. Once the electron is either converted into a 
negative ion or is trapped by a coordinated group of 
molecules and thereby converted to a solvated electron, 
it will lose all effective momentum and if still within 
the sphere of action of its parent positive ion will diffuse 
toward this ion and recombine with it.

Looking at the values of bd we see first as already 
found1’6 that the values are larger for the saturated 
hydrocarbons than for other liquids, with the largest 
value for the one containing a quaternary carbon atom. 
Values are considerably lower for the aromatics, indi
cating a specific interaction between the free charges 
and the ir electrons of the aromatic ring. A still 
stronger interaction exists with hydroxyl groups, as 
shown by the low bd values for the alcohols. Here the 
electron is trapped by the collective motion of a num-

(4) G. R. Freeman, J. Chem. Phys., 39,1580 (1963).
(5) A. Hummel, A. O. Allen, and F. H. Watson, Jr., ibid., 4 4 ,  3431 
(1966).
(6) W. F. Schmidt and A. O. Allen, J. Phys. Chem., 72, 3730 (1968).
(7) L. Onsager, Phys. Rev., 54 , 554 (1938).
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ber of molecules to form a solvated electron. The 
branched compound ¿-butyl alcohol seems to have a 
somewhat higher bd than the straight-chain alcohols. 
Neopentyl alcohol did not show the expected high bd; 
unfortunately it was studied only at a low concentration, 
and it is possible that the true value of G (free ions) may 
not have been attained in this case. The escape dis
tances for the nitro compounds are much lower than 
for the other liquids, as was obvious simply for the 
lower values of G(free ions) in these compounds when 
compared with their high dielectric constants. The 
indicated strong interaction of these compounds with

the free charges is presumably connected with their 
very high dipole moments.

The nature of electronic states and behavior of free 
charges in liquids are not at all well understood. Data 
of the kind presented here offer a foundation on which 
an understanding of this important subject can be 
built.

Acknowledgments. We are grateful to Dr. W. F. 
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Photolysis of 1-nitronaphthalene at 366 nm in 50% isopropyl alcohol and water with varying concentrations of 
hydrochloric acid results in photoreduction with formation of 4-chloro-l-naphthylamine. The highest dis
appearance quantum yield measured was 1.28 X 10-2 for 6 M  HC1 with 50% isopropyl alcohol-water, while in 
pure isopropyl alcohol there is no detectable photochemistry. The results are interpreted in terms of protona
tion of the nitronaphthalene triplet.

I n t r o d u c t i o n

In contrast to the observed photoreduction of nitro
benzene at 366 nm in isopropyl alcohol, 1-nitronaph
thalene exhibits no detectable photochemical activity 
under the same conditions.1 The photoreduction of
1-nitronaphthalene, however, has been reported using 
tri-n-butylstannane.2 To explore protonation in the 
excited state as a method to enhance photochemistry, 
similar to the report on nitrobenzene,3 it became 
interesting to investigate this effect on 1-nitronaphtha
lene. Consequently, this study was made to evaluate 
the photochemical behavior of 1-nitronaphthalene 
triplets in the presence of protons. Experiments were 
conducted in 50% isopropyl alcohol-water solutions 
with varying concentrations of HC1.

E x p e r i m e n t a l  S e c t i o n

Materials. Reagent grade 1-nitronaphthalene was 
recrystallized twice from hexane and reagent grade HC1 
was used as received. Solutions were made up with 
spectrograde isopropyl alcohol and quartz-distilled 
water. 4-Chloro-l-naphthylamine was obtained from

Aldrich Chemical Co. and recrystallized from aqueous 
alcoholic solutions containing decolorizing carbon. 
The amine hydrochloride was prepared by addition of a 
saturated solution of ITC1 gas in ether to an ether 
solution containing the chloronaphthylamine. The 
amine salt precipitated as a white solid and was re
covered by filtration.

Apparatus. Photochemical quantum yields mea
surements were determined in 1-cm spectrophotometric 
cells with equipment described previously.4 Samples 
were degassed by three or more freeze-pump-thaw 
cycles at <10~3 mm and sealed off from the vacuum 
line. Light intensities at 366 nm were 1.6 X 1016 
quanta/sec as determined by the ferrioxalate actinom- 
eter.6 Large-scale photolyses were performed with a

(1) R. Hurley and A. C. Testa, J. Amer. Chem. Soc., 90, 1949 (1968),
(2) W. Trotter and A. C. Testa, ibid., 90, 7044 (1968).
(3) R. Hurley and A. C. Testa, ibid., 89, 6917 (1967).
(4) R. Hurley and A. C. Testa, ibid., 88, 4330 (1966).
(5) C. G. Hatchard and C. A. Parker, Proc. Roy. Soc. (London), A235, 
518 (1956).
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450-W Hanovia high-pressure quartz mercury arc 
(no. 679A-36) and a Pyrex sleeve to limit the region of 
excitation to wavelengths greater than 290 nm. Op
tical densities at 366 nm, before and after photolysis, 
were measured with a Beckman DU spectrophotometer. 
The following extinction coefficients of 1-nitronaphtha- 
lene at this wavelength in 50% isopropyl alcohol-water 
were used for calculations: 3.09 X 103 (1 M), 3.17 X 
103 (2 M), 3.18 X 103 (3 M), 3.28 X 103 (4 M), and
3.35 X 103 (6 M). The values in parentheses represent 
HC1 concentrations. Absorbance at 366 nm due to the 
amine hydrochloride formed photochemically was 
negligible.

Procedures. Monochromatic excitation for the quan
tum yield determinations was achieved with a 10-nm 
half-band-width interference filter. In a typical large- 
scale (broad wavelength range) experiment 0.574 g of
1-nitronaphthalene in 800 ml of 50% isopropyl alcohol- 
water, 2 M in HC1, was photolyzed under a nitrogen 
atmosphere for 4 hr. Flash evaporation after photoly
sis yielded a solid which was characterized by its uv 
absorption, fluorescence, and infrared spectra. A 
Beckman IR-8 spectrophotometer was used to record 
the infrared spectra. Samples were run as KBr pellets 
at 1% concentration. A Bausch and Lomb 505 spec
trophotometer was used to record the uv spectra of the 
amine hydrochloride generated photochemically.

Results

Although 1-nitronaphthalene exhibits no photo
chemistry in isopropyl alcohol, addition of protons to a 
50% isopropyl alcohol-water mixiure resulted in its 
disappearance by a process involving photoreduction. 
Identification of the photoproduct from large-scale 
photolyses was made by comparison of the infrared 
spectrum with an authentic sample of 4-chloro-l- 
naphthylamine as the hydrochloride. Strong absorp
tion bands were observed at 3.6 and 3.9 ¡x, characteristic 
of the amine hydrochloride, and at 8.3, 10.7, 12.2, and
13.2 u- The fluorescence spectrum of the photoproduct 
was also identical with that of 4-chloro-l-naphthyla- 
mine. In addition, the characteristic three-peak struc
ture of the amine hydrochloride with peaks at 279, 289, 
and 298 nm was observed in its uv absorption spectrum.

Determination of the disappearance quantum yield 
was made by measuring the optical density changes at 
366 nm, where the photoproduct shows no significant 
absorption. There was no evidence for side effects; 
consequently, the formation yield of 4-chloro-l-naph- 
thylamine is the same as the disappearance yield of 1- 
nitronaphthalene. In Figure 1 the dependence of the 
disappearance quantum yield of 1-nitronaphthalene as 
a function of HC1 concentration is presented. Each 
data point in Figure 1 is the average of two or more 
experiments. It is evident that there is a proportion
ality between the two parameters from 0 to 6 M  HC1, 
keeping the solvent constant at 50% isopropyl alcohol-

Figure 1. Photochemical disappearance quantum yields for 
1-nitronaphthalene in 50% isopropyl alcohol-water with 
varying concentrations of HC1. Excitation was at 366 nm and 
all samples were vacuum degassed. The data point at 12 M  
HC1 is included to illustrate the sharp decrease in quantum 
yield upon removal of isopropyl alcohol. (Concentration of 
1-nitronaphthalene was 6 X 10“4 Af.)

water. Beyond 6 M  HC1 the alcohol content is de
creasing in concentration, and despite the increase in 
(H+) in going to 12 M HC1, the quantum yield falls off 
considerably due to the absence of hydrogen donor. 
This data point is included in Figure 1. It should be 
noted that approximately 2% isopropyl alcohol was 
present in concentrated HC1 to solubilize the 1-nitro
naphthalene; consequently, the small quantum yield 
of 3.3 X 1(D3 at this concentration is the result of the 
alcoholic content. The decrease in quantum yield 
beyond 6 M  HC1 for 1-nitronaphthalene is in sharp 
contrast to the results for nitrobenzene where the quan
tum yield continues to increase. In 12 M  HC1 nitro
benzene exhibits its largest disappearance yield of 
0.30.3

Discussion

In view of the proportionality between the disappear
ance quantum yield and acid concentration it appears 
that the protonated triplet state is the species responsi
ble for photoreduction. Although protonation of the 
singlet or triplet can account for the observed results, 
the former is probably not involved because of the very 
short-lived singlet state of 1-nitronaphthalene, which 
does not fluoresce, and the general involvement of the
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triplet state in hydrogen abstraction processes.6 The 
following scheme is suggested to explain the observed 
photochemical behavior of 1-nitronaphthalene (N) in 
the presence of protons

N +  hv — ► *N* (1)

iN* 8N* (2)

8N* +  H+ ¿ 1  3NH+* (3)
k~ pr

8N* +  (CH3)2CHOH — no reaction (4)

3N* — >  N (5)

3NH+* +  (CH3)2CHOH - V  NH +  (CH3)2COH +  H+
\

photoproduct (6)

Completion of the hydrogen abstraction process by the 
protonated triplet in reaction 6 would involve electron 
transfer.7 The steady-state expression for the dis
appearance yield of 1-nitronaphthalene according to 
the above scheme is

fcr(3NH+*)(IPA)
*  "  ^ [ M ’ N H + ^ cipai +  m

where 4>t is the triplet yield and (IPA) is the concen
tration of isopropyl alcohol. In view of the observation 
that the quantum yields are small in all experiments 
performed, it is reasonable to consider fcdt(3N*) »  
&r(3N H +*) (IPA), since the triplet yield of 1-nitro
naphthalene has been measured to be 0.63.1 Imposing 
the condition that /c_pr »  fcr(IPA), i.e., deprotonation 
of the triplet limits photochemical activity, the quan
tum yield expression becomes

4> =
kdt

(IPA)(H+) (II)
which satisfactorily describes the experimental results 
from 0 to 6 M HC1 in 50% isopropyl alcohol-water. In 
eq II the quantity K — (kpt/k-pI) defines the equilib
rium constant for formation of the protonated triplet.

Using the slope from the plot in Figure 1, the rate con
stant for triplet deactivation for 1-nitronaphthalene 
determined previously,1 i.e., kdt <  4 X 105 sec-1, and 
the approximation that the rate constant for reaction 6, 
involving electron transfer, is diffusion controlled, the 
equilibrium constant for the formation of the proton
ated triplets is <10-s M~l. The dependence of quan
tum yield on the concentration of isopropyl alcohol is 
reflected by the low quantum yield measured in 12 M 
HC1 (see Figure 1). Our results with nitrobenzene 
indicated a ratio kpr/k-x ~  44,3 and including the rate 
constant for hydrogen abstraction, kH =  108 M -1 sec-1,2 
the value of kpr ~  4.4 X 107 M -1 sec-1. Although a 
direct comparison of nitrobenzene and 1-nitronaphtha
lene cannot be made without knowledge of fc_pr, the 
experimental results and the small equilibrium constant 
for protonation of the triplet of 1-nitronaphthalene 
indicates that the photochemical enhancement by 
protonation in the excited state is greater for nitro
benzene than for 1-nitronaphthalene. It is tempting 
to suggest that a faster triplet-state protonation occurs 
in the former; however, another explanation may be the 
lower reactivity of the protonated triplet of 1-nitro- 
naphthalene relative to that for nitrobenzene. It has 
been shown that the lowest triplet is for 1-nitro- 
naphthalene and n,ir* for nitrobenzene.1 The dis
appearance quantum yield continues to increase for 
nitrobenzene up to 12 M  HC1 while a low yield occurs 
for 1-nitronophthalene under the same condition. This 
observation suggests that the hydrogen abstraction 
process is different for the two molecules.
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(6) N. J. Turro, “ Molecular Photochemistry,” W. A. Benjamin, Inc., 
New York, N. Y „ 1965, p 137.
(7) The hydrogen atom abstra ction is a combination of a protonation 
and an electron transfer.
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b y  I .  M c A l p i n e  a n d  H .  S u t c l i f f e

Chemistry Department, University of Salford, Salford MS bWT, Lancashire, England (Received June 10, 1969)

Nitric oxide reduces the 100-eV  yields of tetrafluoromethane and difluorodiiodomethane and increases the yield  
of iodine in the radiolysis of trifluoroiodomethane. T h e products nitrogen, nitrogen dioxide, trifluoronitroso- 
methane, trifluoronitromethane, and hexafluoroethane are also identified. A  radical-chain mechanism involv
ing an intermediate diasonium nitrate is proposed to explain the formation of these products and the high value 
of G ( — N O ). I t  is suggested that nitric oxide is acting as a scavenger of excited radicals.

Nitric oxide has been used as a radical scavenger in 
the radiolysis of hydrocarbons, notably by Yang.1’2 
Yang presents a cogent argument that nitric oxide is a 
true radical scavenger during methane radiolysis and 
does not interfere with any ionic or molecular reactions 
that may be proceeding. This argument is based on a 
comparison of the effect of nitric oxice and other radical 
scavengers on G(H2) in methane radiolysis.

The radiolysis of trifluoroiodomethane in the 
presence of oxygen as a radical scavenger reduces 
the 100-eV yields of tetrafluoromethane and difluoro
diiodomethane indicating that these products are 
formed largely by radical processes.3 Unfortunately the 
presence of oxygen results in a number of secondary 
reactions which make a complete interpretation of the 
results difficult. It was with a view to clarifying this 
situation regarding the radical nature of the reaction 
that the present work was initiated.

E x p e r i m e n t a l  S e c t i o n

Except where otherwise stated, the preparation of 
trifluoroiodomethane, gas chromatographic analysis, 
infrared spectroscopic analysis, dosimetry, and radioly
sis were carried out as previously described.3 Nitric 
oxide was prepared by the reaction of acidified ferrous 
sulfate with sodium nitrite.4

In a typical experiment trifluoroiodomethane (45.45 
mmol) and nitric oxide (45.73 mmol) were condensed 
into a 2.2-1. bulb and irradiated, in the gas phase, on 
the 60Co source at a dose rate of ca 0.73 Mrad/hr for 
15 hr. After irradiation the nitrogen was transferred 
by means of an automatic Toepler pump5 into a vessel 
of known volume and measured. The purity of the 
nitrogen was checked by gas chromatographic analysis 
and found to contain only a slight trace of nitric oxide. 
The condensable gases which remained frozen down 
during the removal of nitrogen were fractionated in 
vacuo through traps cooled to —63 —96, —131, and 
—196°, respectively. The fraction condensed at —63° 
contained iodine together with a trace of nitrogen diox
ide. The iodine was determined by titration with 
sodium thiosulfate solution after destroying the nitrogen 
dioxide by addition of sulfamic acid. The fraction

condensed at —96° was nitrogen dioxide; this was 
determined by allowing it to react with excess standard 
sodium hydroxide solution and back-titrating with 
standard hydrochloric acid. The fraction condensed at 
— 131° consisted mainly of trifluoroiodomethane to
gether with a small amount of trifluoronitromethane. 
The relative proportions of these two compounds were 
determined by gas chromatography using an 8 m X 
4 mm i.d. column of 30% w/w Kel F oil No. 10 (F & M 
Scientific Corp.) on 80-120 mesh Celite. The 
fraction condensed at —196° contained trifluoroiodo
methane, tetrafluoromethane, carbonyl fluoride, nitric 
oxide, hexafluoroethane, and trifluoronitrosomethane. 
Since nitric oxide has almost the same retention time 
as tetrafluoromethane, direct analysis of this mixture 
by gas chromatography was not possible. Oxygen was 
added to the mixed gases to oxidize the nitric oxide to 
nitrogen dioxide. Excess oxygen was removed, and the 
nitrogen dioxide was separated from the other gases by 
trap-to-trap fractionation in vacuo and determined by 
titration. The remainder of this fraction was analyzed 
by gas chromatography.

Other experiments using different proportions of 
reactants and different irradiation times were also 
carried out. The results are shown in Table I together 
with results of the radiolysis of trifluoroiodomethane 
alone for comparison.

R e s u l t s  a n d  D i s c u s s i o n

Examination of the results in Table I shows that the 
most notable features of this reaction are (a) the high 
values and dependence of G(N2) and G( — NO) on 
the initial pressure of nitric oxide, (b) the marked in
crease in the value of C?(I2) relative to the value in the 
absence of nitric oxide, and (c) the marked reduction of 
Cr(CF4) and G'(CF2I2) compared with the corresponding 
values for trifluoroiodomethane alone.

(1) K. Yang and P. J. Manno, J. Amer. Chem. Soc., 81, 3507 (1959).
(2) K. Yang, J. Phys. Chem., 65,42 (1961).
(3) I. McAlpine and H. Sutcliffe, ibid., 73, 3215 (1969).
(4) Inorg. Syn., 2, 126 (1946).
(5) I. McAlpine and H. Sutcliffe, Chem. hid. (London), 1170 (1967).
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Table I

Expt no.
Ratio

CFsIrNO I2 CF4 CîFe

1» 0.25 12.3
2 » 1 10.1 0.2 0.02
3“ 16.6 12.1 0.03 0.03
46 CO 0.13 1.08

“ This work. 6 See ref 3.

G values-
CFiNO Na NOa CFîNOa -NO CFala

478 1092
0.32 150 251 3.3 571

27.7 1.3 83
0.82

The last point substantiates the conclusions from 
work in the presence of oxygen, namely, that tetra- 
fluoromethane and difluorodiiodomethane are formed 
mainly by radical reactions. The value of (t(CF4) = 
0.03 is much less and the value of (?(I2) = 12 higher 
than the corresponding values observed when trifluoro
iodomethane is irradiated alone or in the presence of 
oxygen. This suggests that nitric oxide is a better 
radical scavenger than either oxygen or iodine, which is 
in agreement with the work of Yang on hydrocarbons.

The scavenging of trifluoromethyl radicals by nitric 
oxide prevents the formation of tetrafluoromethane and 
• CF2I radicals by the reaction

CF3-* +  CFSI — CF4 +  -CF2I (1)

Hence no difluorodiiodomethane can be formed as is 
observed in the presence of nitric oxide. The scaveng
ing reaction will form trifluoronitrosomethane

CF3-* -f- NO -—> CF3NO (2)

but the yield of trifluoronitrosomethane will depend on 
the relative abilities of nitric oxide and iodine as radical 
scavengers and on the reactivity and environment of 
trifluoronitrosomethane. In the presence of 5% molar 
nitric oxide and at low dose G(CFsNO) =  27.7 whereas 
at higher dose and 50% molar nitric oxide (7(CF3NO) = 
0.3. Also under the latter conditions (t(N2) and G{— 
NO) are markedly increased. The reaction thus has 
two stages: first scavenging of trifluoromethyl radicals
by nitric oxide to give trifluoronitrosomethane, followed 
by reaction of trifluoronitrosomethane with nitric oxide 
to give nitrogen, nitrogen dioxide, and trifluoronitro- 
methane. The following chain reaction is suggested

CF3-NO +  2NO

CF3-N2-N 03

CF3-N— O
I I

N N
w

0  0 .
c f3-n -n o 3

^ c f3- +  n 2 +  -n o 3
•N03 +  NO — >  2N 02 

CF3- +  NO — >  CF3-NO

( 3 )

( 4 )

( 5 )

(6)

which can lead to the formation of nitrogen and nitrogen 
dioxide in high yield.

The reaction of monomeric nitroso compounds with 
nitric oxide was first observed by Bamberger6 for 
nitrosobenzene and has subsequently been reported by 
other workers using nitric oxide as a radical scavenger in 
photolytic and pyrolytic studies.7-14 This is the first 
report of a reaction of this type occurring when nitric 
oxide is used as a radical scavenger in radiolysis work. 
The length of each chain will depend on how much 
nitric oxide is available. Once the concentration of 
nitrogen dioxide becomes appreciable, the chain-ter
mination reaction

CF3- -  N 02 — > CF3N 0 2 (7)

begins to compete with and may eventually take pre
cedence over the scavenging reaction 2. This is prob
ably what is happening in the later stages of expt 2 
(Table I) since trifluoronitromethane is produced with 
G(CF3N 02) =  3.3. The main over-all effect of this 
chain reaction is the disproportionation of nitric oxide 
into nitrogen and nitrogen dioxide

4NO — >  N2 +  2N 02 (8)

and so the ratio G(— NO) :G (N 02) :(?(N2) should be 
4:2:1. The observed ratio in expt 2 of 3.8: 
1.7:1.0 is of this order and suggests that the chain 
mechanism outlined above is operating. In expt 1, 
where an excess of nitric oxide is present, the proportion 
of nitrogen present in the products is low. It would 
appear that some other mechanism is operating when 
nitric oxide is present in excess, and further work is in 
progress to clarify this point. It should be noted that 
the value of G{ — NO) is limited by the initial concentra
tion of nitric oxide, indicating that a small amount of 
trifluoroiodomethane can act as an initiator for the 
radiolytic disproportionation of nitric oxide. The

(6) E. Bamberger, Ber., 30, 506 (1897).
(7) L. Batt and B. G. Gowenlock, Trans. Faraday Soc., 56, 682 
(1960).
(8) M. I. Christie, Proc. Roy. Soc., A249, 258 (1958).
(9) M. I. Christie, C. Gillbert, and M. A. Voisey, J. Chem. Soc., 
3147 (1964).
(10) D. A. Barr, R. N. Haszeldine, and C. J. Willis, ibid., 1351 (1961).
(11) J. F. Brown, Jr., J. Amer. Chem. Soc., 79, 2480 (1957).
(12) L. G. Donaruma and D. J. Carmody, J. Org. Chem., 22, 635 
(1957).
(13) A. N. Nesmeyanov and S. T. Ioffe, J. Gen. Chem. USSR, 11, 
392 (1941).
(14) J. Heicklen, J. Phys. Chem., 70,112 (1966).
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irradiation of nitric oxide alone has been carried out by 
other workers using fission fragments and 7 rays,16'16 
but in both cases the G(—NO) value was much lower 
than when trifluoroiodomethane was present.

The occurrence of this chain reaction propogated by a 
regenerated trifluoromethyl radical casts doubt on the 
usefulness of nitric oxide as a radical scavenger in 
radiolysis work. In the present work the inference is 
that nitric oxide scavenges the initially formed excited 
or “ hot”  trifluoromethyl radicals followed by a chain 
reaction involving thermalized trifluoromethyl radicals. 
It has been suggested in the previous work that only 
excited trifluoromethyl radicals can abstract fluorine

from trifluoroiodomethane to give tetrafluoromethane, 
and this is now substantiated. The eventual fate 
of the thermal trifluoromethyl radicals is to form tri- 
fluoronitromethane, trifluoronitrosomethane, or some 
as yet unidentified product.

Acknowledgments. I. McAlpine wishes to thank the 
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(16) M. T. Dmitriev and L. V. Saradzhev, Russ. J. Phys. Chem., 35, 
354 (1961).
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Communication No. 1867 from the National Chemical Laboratory, Poona, India (Received June 24, 1969)

The reaction of hydroxyl radicals with benzene in aerated aqueous solutions under y radiolysis produces 
phenol and /3-hydroxymucondialdehyde (/3HMD). The respective G values are 1.7 and 1.2, in 0.8 N H2SO4, 
and 1.78 and 0.7, in neutral solutions, the sum of the two yields accounting for all the OH radicals in each in
stance. The enhancing effect of ferrous ions on these yields has been correlated with the peroxide chain 
mechanism advanced originally to account for the influence of organic impurities on the (?(Fe3+) of the Fricke 
dosimeter. At a benzene concentration of 10-2 M and a ferrous ion concentration of 10-3 M, (7(Fe3+) is ~48; 
(r(phenol) and Gh/lHMD) are 8.8 and 6.6, respectively. This corresponds to a chain length of ~2.

I n t r o d u c t i o n

A program of study of the formation of phenolic 
compounds under radiolysis required reexamination of 
the aerated aqueous benzene system. Earlier work1-6 
has reported the formation of phenol in the 7 radiolysis 
of this system. Three other products, “ mucondial- 
dehvde”  with a G value ranging from 0.2 to 1.7,7-10 an 
unknown phenol-like compound, and an acid, have been 
notably described. In a previous communication11 
it was shown that these three products are one and the 
same, i.e., /3-hydroxymucondialdehyde (dHMD). 
Interference due to /3HMD accounts for the wide varia
tion in the values of (?(phenol) reported earlier.1-6'9’10'12 
This problem has here been solved by effecting a separa
tion of the two compounds before analyzing them, and 
reliable G(phenol) and Cr(/3HMD) values have been 
obtained.

Ferrous ions have been observed to enhance the yields 
of phenol and the dial.9 This effect has been restudied 
and correlated with the peroxide chain mechanism 
advanced originally by Kolthoff and Medalia13 in the

case of Fenton’s reagent and later by Dewhurst14’16 to 
explain the influence of organic impurities on the G

(1) G. Stein and J. Weiss, J .  C h e m .  S o c . ,  3245 (1949).
(2) T. J. Sworski, J. Chem. Phys., 20, 1817 (1952).
(3) P. V. Phung and M. Burton, Radiation Res., 7, 199 (1957).
(4) J. Goodman and J. Steigman, J. Phys. Chem., 62, 1020 (1958).
(5) J. H. Baxendale and D. Smithies, J. C h e m .  S o c . ,  779 (1959).
(6) H. C. Christensen, Aktiebolaget Atomenergie Stockholm, AE 
142, 1964, p 34; Chem. Abstr., 61, 12829 (1964).
(7) M. Daniels, G. Scholes, and J. Weiss, J .  C h e m .  S o c . ,  832 (1956).
(8) I. Loeff and G. Stein, ibid., 2623 (1963).
(9) L. I. Kartasheva and A. K. Pikaev, D o k l .  A k a d .  N a u k  S S S R ,  163, 
1155 (1965).
(10) L. I. Kartasheva and A. K. Pikaev, R u s s .  J .  P h y s .  C h e m . ,  41, 
1534 (1967).
(11) T. K. K. Srinivasan, I. ^Balakrishnan, and M. P. Reddy, J .  

P h y s .  C h e m . ,  73, 2071 (1969).
(12) X. Balakrishnan and M. P. Reddy, ibid., 72, 4609 (1968).
(13) I. M. Kolthoff and A. I. Medalia, J .  A m e r .  C h e m .  S o c . ,  71, 3784 
(1949).
(14) H. A. Dewhurst, J .  C h e m .  P h y s . ,  19,1329 (1951).
(15) H. A. Dewhurst, T r a n s .  F a r a d a y  S o c . ,  48,905 (1952).
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(Fe3+) of the Fricke dosimetric system. This in turn 
helps to evolve a mechanism for the formation of the 
two products, taking the clue from the pulse radiolysis 
study of this system produced by Dorfman.16

Experimental Section

Materials. A BDH sample of benzene, washed with 
pyrosulfuric acid, alkali, and water, dried over sodium 
sulfate, and purified by five crystallizations, was used. 
p-Nitroaniline, laboratory grade, was purified by 
recrystallization from alcohol. o-Phenanthroline. 
pure, colorless, BDH sample, was used as such. Fer
rous ammonium sulfate, a pure grade, was recrystallized 
from the triply distilled water used for all solutions in 
this study.

Solvent ether, B.P., was further purified by washing 
with 1N NaOH, water, 0.8 N H2SCb, and distilled water, 
before it was used for extraction. This was found to be 
essential for proper coupling of aqueous solutions con
taining dissolved ether.

Procedures. A kilocurie “ Co 7 source was used on 
the basis of the 15.6 value for the Fricke dosimeter. 
The solutions studied were 0.8 N  in sulfuric acid, for 
the most part. Some were neutral. Analyses were 
made using a Perkin-Elmer 350 spectrophotometer, as 
well as a Beckmann 378E ratio recording spectrophotom
eter.

1. Phenol. p-Nitrobenzenediazonium chloride re
agent (PNDC) forms deeply colored indicator dyes 
with phenols which are useful for unequivocal qualita
tive identification17 of these compounds in many cases. 
The dyes have high extinction coefficients and are 
recommended for quantitative analysis of phenols. 
The procedure for the analysis of phenol given in 
Snell’s treatise18 was used, but the addition of sodium 
acetate was not essential. The irradiated solution was 
extracted four times with ether and the extract was 
washed five times with 0.1 N NaOH. The alkali layer 
was made barely acidic to litmus before coupling. The 
absorption maximum at 475 m/t was measured against 
a reagent blank. The absorption of the latter at 
475 m/i is negligible and there is no interference due to 
it. The ether extraction method was applied to a 
standard phenol solution of comparable strength and 
gave quantitative results.

2. fiHMD. PNDC also couples with /3HMD to give 
a yellow dye. To estimate the product, the irradiated 
solution after ether extraction at a pH of 7 (pure sodium 
bicarbonate), to remove phenol, was made acidic to 
litmus and treated with sodium acetate (1 ml of a 25% 
solution) and then with PNDC (twice the theoretical 
amount). After 1 hr the yellow test solution was 
run against a practically colorless blank containing 
only sodium acetate, acid and PNDC, and the broad 
absorption maximum at 370 m/i (c/. curve D in the inset 
in Figure 1) was measured. Coupling in sodium car
bonate solution gives curve E of Figure 1, but this is

Mechanism of OH R adical R eaction with Benzene 851

C O N C E N T R A T I O N
Figure 1. Standardization of the PNDC method for phenol: 
a, spectrum of irradiated aqueous solution of benzene treated 
with small excess of PNDC; b, the same, treated with large 
excess of PNDC; c, spectrum of PNDC dye of pure phenol; d, 
spectrum of /¡HMD solution treated with PNDC at pH ~ 5  
(acetate buffer); e, spectrum of /¡HMD solution treated with 
PNDC at pH ~ 10  (sodium carbonate).

not recommended because of interference due to the 
strong color developed by the blank. The extinction 
coefficient for the maximum at 370 m/t was obtained 
using milligram quantities of the dye isolated from a 
large volume of solution irradiated intermittently to a 
high dose. At each interruption, benzene and air were 
dissolved to compensate for depletion. The ether 
solution of the dye was washed twice with small 
amounts of water and evaporated. The solid dye was 
dried at 80°. A weighed amount was dissolved in a 
little alcohol and diluted to a suitable volume with 
water and 1 ml of acetate-acid buffer (pH ~ 5 ) 
(«370 7850). In sodium carbonate solution «390 m/* is
9950.

(16) L. M. Dorfman, I. A. Taub, and R. E. Btlhler, J. Chem. Phys., 
36, 3051 (1962).
(17) S. Palkin and H. Wales, J. Amer. Chem. Soc., 46, 1488 (1924).
(18) F. D. Snell and C. T. Snell, “ Colorimetric Methods of Analysis,” 
Vol. Ill, D. Van Nostrand Co., Inc., Princeton, N. J., 1953, pp 117, 
127.

Volume 7-4, Number 4 February 19, 1970



852 I. Balakrishnan and M. P. R eddy

D O S E  ( e v / L I T E R  )

Figure 2. Yields of phenol in the y  radiolysis of aerated 
aqueous benzene: 0 , 0.8 N  H2SO4; ®, neutral; O, in presence 
of 10-3M ferrous ion; -(¡5-, oxygenated.

Irradiated solutions above pH 4 show an absorption 
maximum at 345 m^,4 which is entirely due to /3HMD 
and has an e of 4080 in solutions neutralized with pure 
bicarbonate. The value is about 2% lower at pH 5 and 
5% higher at pH 10. This value was obtained by 
matching the 345-npi peak with that of the dye at 370 
m/u. The order of magnitude of this e value proves 
that the OH is situated 0 to an aldehyde group, as 
pointed out earlier.11 Figure 5 describes the pH depen
dence of the complete spectrum 0: /3HMD and con
trasts it with the behavior of a few related keto- 
enols.19-21

The 345-m/i peak is particularly useful in deter
mining the effect of ferrous ions upon the yield of 0- 
HMD. For this purpose, the iron was precipitated at 
about pH 9 using sodium hydroxide and centrifuged and 
the absorption compared at the same pH with that of 
irradiated solutions containing no iron.

In neutral solutions the formation of 2,4-dinitro- 
phenylhydrazone from /3HMD was found to be linear 
up to a very large dose. Assuming this to be a tri- 
hydrazone, a G value of 0.7 was obtained (see inset in 
Figure 3) in agreement with the PNDC method. The 
implied proof that the derivative is a trihydrazone is 
crucial to the identification of the compound as 0- 
hydroxymucondialdehyde.11

Figure 3. Yields of ^HMD in the 7 radiolysis of aerated 
aqueous benzene: O, 0.8 N  H2SO4 in absence of ferrous ion;
0, the same in presence of 10~3 M  ferrous ion; ffi, neutral; O, 
neutral (by weighing the dinitrophenylhydrazone); •, the 
p-nitrophenyl hydrazone.

3. Polyhydroxybenzenes. Sensitive color tests for 
quinol and quinone,22 catechol, and all the higher 
polyhydroxybenzenes18 showed the absence of these 
compounds in the irradiated solution. Resorcinol 
gives a deep purple color with PNDC which was never 
observed with irradiated solutions.

4 . Ferrous Ion. Ferrous ion oxidation in the Fricke 
system saturated with benzene was followed using the 
o-phenanthroline method23 standardized excluding ace
tate or citrate. With a large excess of reagent 
(~ 30  times the ferrous content), even in 0.8 N H2SO4 
the extinction coefficient is only slightly lower than the 
reported value, provided a reaction time of 1 hr is 
allowed. Acetate seems to interfere with color forma
tion in the case of irradiated solutions and the results 
are erratic.

(19) C. J. Cavallito, C. M. Martini, and F. C. Nachod, J. Amer. 
Chem. Soc., 73, 2546 (1951).
(20) G. Schwarzenbach, K. Lutz, and E. Felder, Helv. Chim. Acta, 27, 
579 (1944).
(21) Y. Kojima, N. Itada, and O. Hayaishi, J. Biol. Chem., 236, 2227 
(1961).
(22) R. J. Lacoste, J. R. Covington, and G. J. Frisone, Anal. Chem., 
32, 990 (1960).
(23) M. Lefort and J. Pucheault, J. Chim. Phys., 50, 580 (1953).
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Figure 4. The disappearance of ferrous ion in the 7 
radiolysis of aerated aqueous benzene containing 10-3 M  

ferrous ion: 0, disappearance of ferrous ion; (D, appearance of 
305-m/i peak; -O- and oxygenated.

R e s u l t s

Figure 1 shows the standardization of the PNDC 
method for phenol («475 25,000). Curve C of the
inset is the spectrum of the phenol dye. Curve B is the 
absorption of the irradiated solution upon treatment 
with an excess of PNDC. In the present work it was 
this two-peak spectrum which first revealed the forma
tion of the two products. When the excess of reagent 
is reduced progressively, the 475-mp peak rises and the 
spectrum resembles that of the phenol dye. The G 
(phenol) value of 1.54 reported earlier12 is the highest 
obtainable by this procedure, which was abandoned 
when it was later realized that ether extraction removes 
the phenol exclusively.

Figure 2 describes phenol formation in the presence 
and absence of ferrous ion in 0.8 N H2SO4 solution. The 
yield in neutral benzene solution is practically in
distinguishable from that in 0.8 N H 2 S O 4 ,  the values 
quoted being the least-squares figures for the experi
mental points in each case.

Figure 3 describes the formation of /3HMD. Com
parison with Figure 2 shows that the ferrous ion in
creases the yield of the two products by the same factor. 
At large doses, in acid solutions, the G value of the two 
compounds drops.

Figure 4 describes the effect of benzene on (?(Fe3+) 
of the Fricke dosimetric system at a ferrous ion con
centration of 10~3 M, saturated with benzene. The

lower curve represents the actual ferrous ion disappear
ance (o-phenanthroline method) while the upper gives 
the absorption at 305 m/̂  comprising evidently the 
/?HMD contribution and the ferric ion contribution. 
The few points obtained with oxygenated solutions 
clearly indicate restored linearity. Oxygen consump
tion in this system is very large.

D i s c u s s i o n

The Mechanism of Reaction of Hydroxyl Radicals with 
Benzene. In continuation of the various observations 
on /3HMD reported previously11 a reliable method of 
quantitative determination has been developed here 
based upon its reaction with PNDC24 which, according 
to present views28 on such compounds coupling with 
diazonium salts, can be written

+
CHO/

“OH
\
CO/

CH
\CH

OHC
CHO

0,N

With the use of this method it now becomes evident 
that the assignment G(phenol) =  (7(OH), originally 
made by Phung and Burton,3 should read G(phenol) +  
G(/3HMD) = (?(OH). The values in Table I, for 
0.8 A  H2SO4 and neutral water, bear this out very clearly. 
The table also contains values taken from earlier 
work8’10 after applying a correction to the molar extinc
tion of the hydrazone. It may be mentioned here that, 
in the present work, acid solutions gave precipitates 
whose weights varied in an erratic manner, in complete 
contrast to neutral solutions. The reason was not 
investigated.

The ratio of phenol to /3HMD remains the same in 
the presence of ferrous ions as in their absence, in spite 
of the profound change in the mechanism and the onset 
of a chain reaction. Clearly, therefore, the two prod
ucts are from the same primary source (i.e., the OH 
radical). In addition, the mechanisms of their forma
tion must have other features in common so that ferrous 
ions could influence them both identically. The mecha
nism given in Scheme I, involving the formation of the 
HO2 radical together with phenol or /3HMD, meets 
these requirements.

(24) A. P. Altshuller and I. R. Cohen, Anal. Chim. Acta, 24, 61 
(1961).
(25) S. Hunig and O. Boes, Liebigs Ann. Chem., 579, 28 (1953).
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Table I : The Yields of Phenol and /3-Hydroxymuconiialdehyde in the y  Radiolysis of Aerated Aqueous Solutions of Benzene

Dose rate, r-----------------------------Neutral----------------------------- • * Acid-
eV ml-1 min 1 pH Phenol /3HMD Sum G(OH) pH Phenol 0HMD Sum G(OH) Ref

5 X 10» 7 1.77 ± 0.68 ± 2 45 2.4“ O A 6 1.71 ± 1.20 ± 2.91 2.9“ Present
0.05 0.04 0.1 0.07 study

13.8 X 1016 7 2.00 0.87“ 2.87 0.46 2.20 1.23° 3.43 10
7.644 X 10» (200 5.4 1.87 0.70* 2.57 2.2 1.87 1.29* 3.16 8

kvp X-rays)

° Standard values from A. O. Allen, “ The Radiation Chemistry of Water and Aqueous Solutions,”  D. Van Nostrand Co., Inc., Prince
ton, N. J., 1961, Chapter 4. b 0.8 N  H2S04. c After correction using e65o of 44,000 obtained in this study for 0HMD in place of 35,000 
reported in ref 9 for mucondialdehyde dinitrophenylhydrazone. d After correction using e390 mil of 9400 obtained here for the p-nitro- 
phenylhydrazone of (3HMD, in place of the value of 8240 for that of mucondialdehyde reported in ref 8. We may add that when mass 
spectrometry of the two hydrazones was attempted, they decomposed at 250-280° and did not yield the peak of the parent ion. The 
PNDC dye did likewise.

Figure 5. Spectra of ketoenols conjugated with C = 0  (see 
ref 19-21). 0HMD: a, pH 1; b, pH 7-8; c, pH 12.5; 
benzoyl acetaldehyde: d, 95% alcohol; e, pH 2; glutaconic 
aldehyde: f, sodium salt; a-hydroxymuconicsemialdehyde: g, 
pH 7.5; h, pH 6.5, 5.5, and 1. The e for the peak in the 350 
mn  region for (3 hydroxy a,/3-unsaturated aldehydes (lower set 
of curves) is one order of magnitude lower than for 5 hydroxy 
a , p : y,5-unsaturated aldehydes (upper curves).

The Effect of Ferrous Ions. Proskurnin26 and Kar
tasheva9 measured the “ catalytic”  effect of ferrous ions 
upon the aerated aqueous benzene system and found 
an enhancement of (?(phenol) and (?(“ mucondialde- 
hyde” ). On the other hand, Vermeil27 and others28'29 
studied systems made up of benzene and other hydro
carbons, aromatic and aliphatic, dissolved in acid fer
rous sulfate solution and found in all cases a large in
crease in G(Fe3+). The two effects are evidently re
lated, and quantitative correlation should be possible.

A situation similar to the above arises in the case 
of the Fenton system, in which hydroxyl radicals are 
produced in a reaction between ferrous ions and hydro
gen peroxide.30-32 When benzene is added to this 
system, the yield of ferric ion is greatly enhanced,33 an 
effect obtainable by the addition of many other organic 
compounds. To account for this, Kolthoff and Meda- 
lia13 suggested a mechanism in which the hydroxyl 
radicals react with the organic compound in preference 
to the ferrous ion, to produce radicals which pick up 
oxygen and become peroxy radicals which either oxidize 
two ferrous ions and carry a chain reaction or yield 
three ferric ions before becoming a product. Dew- 
hurst14-15 first studied the Fricke dosimetric system in 
presence of a series of alcohols and used the above chain 
mechanism to account for the high yields of ferric ions. 
He did not measure the products arising from the or
ganic impurity for correlation with the yield of ferric ion.

Scheme I incorporates the chain mechanism of 
Kolthoff and Medalia, modifying it to include an im
portant reaction visualized by Dorfman,16 in which the 
organic peroxy radicals decompose to yield H 02 instead 
of attacking ferrous ions. The result is that the identi
cal influence of ferrous ions upon the yields of the two 
products finds a natural explanation.

The number of ferrous ions required to convert the 
primary species into OH radicals and reduce the latter 
in the chain-terminating step is 15.6. The remaining 
ferric yield is formed in the propagation of the chain

(26) E. V. Barelko, L. I. Kartasheva, P. D. Novikov, and M. A. 
Proskurnin, Proc. All-Union Conf. Radiat. Chem., 1st, 1957, 2, 84 
(1957).
(27) C. Vermeil, / .  Chim. Phys., 52, 587 (1955).
(28) H. Le Bail and J. Sutton, ibid., 53,430 (1956).
(29) K. C. Kurien, P. V. Phung, and M. Burton, Radiat. Res., 11, 
283 (1959).
(30) F. Haber and J. Weiss, Proc. Roy. Soc., A147, 332 (1934).
(31) W. G. Barb, J. H. Baxendale, P. George, and K. R. Hargrave, 
Trans. Faraday Soc., 47, 462 (1951).
(32) W. Taylor and J. Weiss, J. Chem. Phys., 21, 1419 (1953).
(33) J. H. Baxendale and J. L. Magee, Discussions Faraday Soc., 14, 
160 (1953).
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Scheme I

and should be twice the total yield of organic product, 
i.e., (?(phenol) +  6Y/3HMD). The two values for 
saturated solutions of benzene in 10 ~3 M ferrous sul
fate are 32.2 and 15.4, respectively. Allowing for 
errors, the agreement with the requirements of Scheme 
I is satisfactory. Per 100 eV, the number of cycles of 
the chain is 15.4 while the number of hydroxyl radicals 
participating in the initiation is 7.4. (i.e., 2.9 +  3.7 +  
0.8, being the sum of the yields of OH, H 02, and H20 2, 
since the last two are converted to OH by the ferrous 
ion, as shown in Scheme I). Thus, each OH radical 
on an average gives rise to 2.1 cycles of the chain before 
it is reduced by a ferrous ion.

The virtual absence of an effect on the G(Fe3+) 
upon addition of phenol to the Fricke dosimetric system 
has a simple explanation. It has been shown34'36 that 
the attack of OH on phenol produces the phenoxy radi
cal. Understandably, the ferrous ion simply reduces 
this radical back to phenol and there is no chain in this 
case.

The Homolytic Hydroxylation of Benzene. In con
nection with the hydroxylation of naphthalene,12 it has 
been pointed out that oxygen plays an important part. 
The H 02 elimination visualized by Dorfman16 has

further support from the present work. The inclusion 
of this step in the mechanism of formation of /3HMD is 
justifiable on the ground that there is a substantial gain 
in resonance energy in the formation of /3HMD as 
in the case of phenol. Such a reaction has been recently 
suggested in the case of the a-hydroxyisopropylperoxy 
radical36 which is an intermediate in the formation of 
acetone in the radiolysis of 2-propanol solutions.

There is a striking pH effect upon the course of the 
hydroxylation reactions (Table I). The only plausible 
explanation for it is a steric effect caused by the protona
tion of the OH adduct in the more acidic solutions and 
solvation of the -OH2+. The ortho positions are thus 
rendered less accessible to 0 2 addition and the phenol 
yield is reduced relative to that of /3HMD.

Acknowledgment. We wish to express thanks to K.
G. Deshpande and V. K. Bhalerao for numerous spec
tra taken toward this work.

(34) J. H. Merz and W. A. Waters, J. Chem. Sac., 2427 (1949).
(35) M. Ebert and E. J. Land, Trans. Faraday Soc., 63, 1181 (1967).
(36) G. Hughes and H. A. Makada, ibid., 64, 3276 (1968).
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Addition of cobalt(II) ion to dye-sensitized photopolymerization systems changes the kinetic characteristics of 
the system. The induction period can be eliminated. The rate is higher than that in the absence of cobalt and 
remains constant throughout prolonged irradiation. Furthermore, the monomer conversion is much greater 
than for the conventional systems. The cobalt ion forms a reversible oxygen carrier with the electron donor and 
thus serves as an oxygen buffer. It is demonstrated that oxygen is necessary for the initiation process in dye- 
sensitized photopolymerization. The reversible oxygen carrier also enhances the rate of photoreduction of dye 
in the absence of monomer.

I n t r o d u c t i o n

Since the discovery of dye-sensitized photopolymeri
zation2 considerable effort has been expended to im
prove its quantum efficiency (for review see Section J 
of ref 3). The polymerization system consists of a 
vinyl monomer in aqueous solution and is sensitized 
with a photoreducible dye in the presence of an electron 
donor for the light-excited dye. The dye may be a 
member of the acridine, xanthene, or thiazine families. 
The electron donor may be a mild reducing agent such 
as ascorbic acid or may be a secondary or tertiary nitro
gen compound such as ethylenediaminetetraacetic 
acid. The reaction is sensitive to visible light in the 
spectral region which the dye absorbs.

The light-excited dye is converted into a metastable 
species, presumably the triplet state, which thereupon 
abstracts an electron from the electron donor.4 The 
reduced dye, as the semiquinone, may react with am
bient oxygen to give the initiating radical and the dye 
is regenerated.2“ An alternative suggestion is that the 
semiquinone and the oxidized electron donor serve as 
the initiating species.6-7 However, in the rigorous 
absence of oxygen, the dye is photoreduced to its leuco 
form but no polymer is produced.2 Some authors7 
contend oxygen is not necessary for dye-sensitized 
photopolymerization since the oxygen level was reduced 
to 10-7 M  by flushing the system with helium and still 
the reaction proceeded. In the present paper it will be 
shown, however, that oxygen is a necessary component 
for the reaction.

The photopolymerization reaction, like all radical- 
initiated chain reactions, is inhibited by oxygen. The 
induction period is reduced by lowering the concentra
tion of oxygen. If oxygen were not necessary for the 
initiation process, then one should remove as much of 
the oxygen as possible to improve the over-all efficiency. 
If, on the other hand, oxygen is necessary for initiation, 
there should exist an optimum range of oxygen concen

tration for the greatest efficiency. The optimum range 
would then be where the oxygen level is low enough to 
eliminate the induction period and yet is sufficient to 
maintain the initiating processes. The best dye- 
sensitized photopolymerization system will be the one 
where the oxygen is maintained at the optimum level 
even as oxygen is being consumed during the course of 
the reaction. This would require a system in which 
there is a continuous supply of free oxygen in just the 
right amount to compensate for the oxygen being con
sumed in the initiation of polymerization.

In the present work the proper level of oxygen is 
maintained with a reversible oxygen carrier. A revers
ible oxygen carrier is a complex which combines with 
molecular oxygen when its environment is rich in 
oxygen and releases it when the oxygen concentration 
is low.8 In our system, the reversible oxygen carrier is 
a cobalt(II) complex. Many of the ligands for co
balt-oxygen carrier complexation are also electron do
nors for light-excited dyes.9 Thus, such substances 
may serve in dye-sensitized photopolymerization both 
as an electron donor and as a cobalt-complexing agent

(1) (a) Taken in part from the Ph.D. dissertation of N. L. Yang, 
Polytechnic Institute of Brooklyn, June 1969. Work was supported 
by the National Institute of Health on Grant GM 13823. (b) Address 
correspondence to the author at Mount Sinai School of Medicine of 
the City University of New York, New York, N. Y. 10029.
(2) (a) G. Oster, Nature, 173, 300 (1954); (b) G. K. Oster, G. Oster, 
and G. Prati, J. Amer. Chem. Soc., 79, 595 (1957).
(3) G. Oster and N. L. Yang, Chem. Rev., 68, 125 (1968).
(4) G. Oster and A. H. Adelman, J. Amer. Chem. Soc., 78, 913
(1956) .
(5) S. Toppet, G. Delzenne, and G. Smets, J. Polym. Sci., A2, 1539 
(1964).
(6) C. S. H. Chen, ibid., A3,1807 (1965).
(7) S. Chaberek and R. J. Allen, J. Phys. Chem., 69, 647 (1965); S. 
Chaberek, A. Shepp, and R. J. Allen, ibid., 69, 641 (1965).
(8) E. Bayer and P. Schretzmann, Struct. Bonding (Berlin), 2, 181 
(1967).
(9) G. Oster and N. Wotherspoon, J. Amer. Chem. Soc., 79, 4836
(1957) .
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for reversible oxygen binding. Since the ligand which 
is complexed with metal loses its electron-donating 
character,10,11 the ligand must be in excess of the co
balt (II) ion concentration.

The purpose of the present work is to demonstrate 
the advantages of the use of reversible oxygen carriers 
in dye-sensitized photopolymerization. The second 
purpose is to show the role of oxygen in the initiating 
process.

R e s u l t s  a n d  D i s c u s s i o n

As a model system for dye-sensitized photopolym
erization in the presence of reversible oxygen carriers, 
we have chosen methylene blue as the sensitizer, acryl
amide as the monomer, and triethylenetetramine 
(TETA) as both the electron donor and the ligand 
for Co(II). Two molecules of Con (TETA) combine 
with one molecule of oxygen to form the oxygenated 
species (TETA)Con02Con (TETA) with an association 
constant K 0l given by:

Figure 1. Monomer conversion curve for closed system. 
Methylene blue 5.5 X 10~5 M ,  acrylamide 3.8 M ,  

triethylenetetramine 2.0 X 10 ~2 M  at pH 9.6. Intensity 
of red light absorbed initially, 5.45 X 10~8 einstein cm-2 sec-1. 
Numbers on curves indicate molar concentration of Co(II).
See text for conditions for cirve e.

the aerobic system [02 ]f s taken as being 2.5 X 10-4Af; 
thus

[(TETA)CoiiQ2Coii(TETA) ] 
[(TETA)Con ]2[02] (1)

and is observed12 to be equal to 109. Other chelating 
agents such as diethylenetriamine, glycylglycine, and 
histidine whose Co (II) complexes are known to be 
reversible oxygen carriers,8 have likewise been found 
by us to serve as electron donors when present in excess 
of the cobalt concentration.

Methylene blue was chosen because its absorption 
spectrum does not overlap with that of the oxygenated 
form of the oxygen carrier which is yellowish. Other 
dyes such as rose bengal are also sensitizing dyes but, 
because of their color, their use complicates the pho
tometry of the system.

The photopolymerization reactions were carried out 
in two different conditions of oxygen control. In one 
series (the “ closed system” ), before Co(II) is added the 
solution is saturated with air and sealed off from the 
ambient atmosphere, both during the introduction of 
Co (II) and during the entire course of the photopolym
erization. In the other series (the “ aerobic system” ), 
the solution is saturated with air after Co (II) is added. 
In the aerobic system the air stream also serves to 
oxygenate the Co11 (TETA) complex. In the closed 
system the total oxygen concentration [02]t is the solu
bility of oxygen in the aqueous solution under 1 atm 
of air and is taken as 2.5 X 10~4 M. After Co(II), of 
final concentration C, is introduced, the total oxygen 
concentration [02]t is the sum of free oxygen [02]f 
and bound oxygen [02]b, from which, using eq 1

K 0l = [Q«Jb
{C  — 2 [ 0 2]b }2[0 2]f

=  109 (2)

Here we have assumed that all of the cobalt ions are 
complexed to the ligand which is in large excess. In

[0*]t =  2.5 X 10-4 +  [02]b (3)

Closed System Pholofolymerization. The course of 
photopolymerization of the cobalt-containing system 
with varying amounts of the metal ion under closed- 
system conditions is illustrated by curves a, b, c of 
Figure 1. These curves differ considerably from those 
for the conventional (i.en Co(II) absent) system, curves 
d and e of Figure 1. The conventional system when not 
deoxygenated (curve d) exhibits a long induction period 
of 35 sec and even afte- 50 sec of irradiation achieves 
only 2% monomer conversion. When Co(II) is added 
to the conventional system, the induction period is 
shortened and the rate of polymerization is increased 
(curves a, b, and c). At a cobalt concentration of 
10_3M  (curve c) the induction period is practically 
eliminated and after 50 sec of irradiation the monomer 
conversion is 20%, i.e. tenfold that for the conven
tional system under the same conditions (curve d). 
For the conventional system which has been deoxy
genated by passing a stream of helium through the 
solution for 30 min just prior to the irradiation, there is 
also no induction period (curve e) but the rate of poly
merization quickly levels off. Here after 35 sec of 
irradiation the extent o ' conversion reaches its limiting 
value, namely, 13%. This is in contrast to the cobalt- 
containing system where the polymerization proceeds 
with a relatively constant rate over an extended period 
of time of irradiation. Thus for a Co (II) concentration 
of 1 X  10 M  (curve c) in 35 sec the monomer con
version is 16% and at 91 sec the monomer conversion is 
27% and continues upward thereafter. Only in the

(10) G. K. Oster and G. Oster, ./. Amer. Chem. Soc., 81, 5543 (1959).
(11) J. Joussot Dubien and' A. Oster, Bull. Soc. Chim. France, 343 
(1960).
(12) O. Bek&roglu and S. Fallab, Helv. Chim. Acta, 46, 2125 (1963).
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very earliest stages of the reaction is the rate of con
version for the deoxygenated conventional system 
higher than that for the cobalt-containing system.

For the examples given in Figure 1 the ligand con
centration is more than an order of magnitude greater 
than the Co(II) concentration. When C o'II) and 
triethylenetetramine are at comparable concentrations, 
polymerization does not take place since then the ligand 
ceases to function as an electron donor.

The differences in the kinetic behavior between the 
conventional system and the cobalt-containing system 
can be explained in terms of the action of oxygen in the 
initiation process. The conventional system which has 
not been subjected to deoxygenation (curve d) exhibits 
a long induction period due to the inhibitory effect of 
the excess oxygen. The conventional system which 
has been deoxygenated by passing helium through it 
(curve e) immediately polymerizes an irradiation due to 
the low level of oxygen initially present. The poly
merization ceases, however, when all available traces of 
molecular oxygen are consumed in the initiating step. 
The cobalt-containing system, on the other hand, is 
equipped with an in situ oxygen reservoir, so to speak. 
Now there is no or only a short induction period (curves 
a,b, and c) since most or part of the total oxygen, [O2 ]t, 
is bound to the Co11 (TETA) complex. As free oxygen
[02]t is being depleted in the initiating step, the oxy
genated complex releases its bound oxygen to the system 
for participation in further initiation.

The oxygen carrier functions as an oxygen buffer. 
In the context of the present work we define the oxygen 
buffer capacity as the number of moles of oxygen re
leased from the complex per mole of free oxygen con
sumed in the polymerization process or, from eq 2

a [Chib =  [ o ^ _____________1____________
2>[0*]f [02]f 1 +  104{l0 [0 2]b[02]f} vi u

Hence as [02]f decreases there is an increasing tendency 
to release oxygen. For dilute systems the buffer ca
pacity is approximately proportional to the concentra
tion of the oxygenated carrier.

Aerobic Photopolymerization. In the aerobic series 
(Figure 2) each run has a different concentration of 
bound oxygen which depends upon the concentration of 
Co (II) the higher the limiting value of monomer con
version and the greater the steady-state rate of 
polymerization (curves a-d of Figure 2). In all cases, 
there is induction period due to the high initial free 
oxygen concentration. On irradiation the free oxygen 
is consumed in the course of the induction period and in 
the initiation, however, the bound oxygen is concur
rently being released. The reaction ceases when all 
the oxygen, whether free or stored in the complex, has 
been consumed. The higher the cobalt concentration, 
the higher is the limiting monomer conversion since 
more oxygen is stored. Since the buffer capacity is

Figure 2. Monomer conversion curve for aerobic system. 
Concentrations and intensity of light as in Figure 1.

greater at more concentrated cobalt solutions, the 
steady-state rate will likewise be higher.

In the absence of cobalt, the helium-purged system 
(curve e) exhibits no induction period. For the air- 
saturated case (curve d), however, there is, of course an 
induction period, which has a lower rate in the early 
stages of the polymerization but eventually overtakes 
the former system since there is more available oxygen 
and reaches a higher monomer conversion. Here again 
oxygen appears to be necessary for dye-sensitized photo
polymerization.

Photobleaching. In order to learn more of the role of 
the initiation process in photopolymerization, studies on 
the photobleaching (i.e., photo reduction) of methylene 
blue in the absence of monomer were carried out. In 
the closed system the addition of cobalt not only greatly 
accelerates the initial rate of fading but also eliminates 
the induction period (compare curves a, b, and c with 
curves d of Figure 3). The rate increases with in
creasing amount of Co (II) when TETA is in large excess 
but, parallel to the polymerization studies, the reaction 
does not proceed when the metal ion exceeds the con
centration of the ligand.10

The elimination of the induction period and the 
enhancement of the rate on addition of Co (II) to the 
closed system are due to the ability of the cobalt complex 
to bind free oxygen which would otherwise convert the 
leuco (reduced) dye back to the blue form. Indeed, 
the Con (TETA) complex is a very effective oxygen 
remover in that, for example, Co (II) at a concentration 
of 5 X 10 " 3 M  lowers the concentration of free oxygen 
to less than 10~7 M (see eq 2). In comparison, flushing 
the air-saturated system with helium for 40 min is
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Figure 3. Photobleaehing of methylene blue in closed system. 
Methylene blue 2.75 X 10-5 M ,  triethylenetetramine 7.50 X 
10-2 M  at pH 7.3. Numbers on curves indicate molar 
concentration of Co(II). For comparison, see the Co(II)-free 
system purged with helium for 30 min (curve e).

two orders of magnitude less effective in removing 
oxygen.6 This is manifested in photobleaehing as 
illustrated in curves c and e of Figure 3.

The hypothesis that the cobalt complex functions as 
an oxygen buffer is further borne out from observations 
of the spectral changes of this complex during both 
photobleaehing and photopolymerization. The yellow 
color associated with the oxygenated carrier bleaches 
concurrently with the photobleaehing of methylene 
blue. This is an indication of the release of oxygen from 
the carrier.

If, as has been contended6’6'7 the semiquinone species 
of the sensitizing dye and the oxidized electron donor 
are the initiating species, then the course of photopoly
merization should parallel the course of photobleaehing 
since these species are the primary photochemical 
products. That this is not the case can be readily seen 
by comparing the aerobic photopolymerization (Figure
2) with the aerobic photobleaehing (Figure 4). For 
aerobic photobleaehing, the addition of cobalt decreases 
both the rate and the limiting extent of reaction whereas 
the reverse is the case for photopolymerization. In
creasing the cobalt concentration increases the oxygen 
buffer capacity and hence provides more oxygen for the 
reoxidation of the leuco dye; thus the rate of photo- 
bleaching is decreased. With photopolymerization, on 
the other hand, the reaction is enhanced since there is 
more oxygen available for reacting with the leuco dye to 
produce the initiating species.

C o n c l u s i o n s

The new dye-sensitized photopolymerization system 
is unique in that the free oxygen concentration is main
tained in an optimum range for an extended period dur
ing the course of the reaction. The closed system poly
merizes immediately upon irradiation without the 
need for usual cumbersome degassing procedures. The 
reaction proceeds with a constant high rate and the

Figure 4. Photobleaehing of methylene blue in aerobic system. 
Concentrations (but no monomer) and intensities as in Figure 1.

conversion is greater than for the conventional system. 
A constant rate over long irradiation time implies that if 
our new system is used for photography the image pro
duced is a faithful replication of the exposure (he., 
dosage of light). Still further, the new system under 
aerobic conditions yields much higher monomer con
versions than does the conventional system. The 
behavior of the cobalt- jontaining systems clearly dem
onstrates that oxygen is essential for the dye-sensitized 
photopolymerization system described in this paper and 
may be the case for similar systems.

E x p e r i m e n t a l  S e c t i o n

Materials. Technical grade triethylenetetramine 
obtained from Fisher scientific Co. was purified by 
vacuum distillation over sodium metal. The purified 
TETA was standardized by conductometric titration 
with standard perchloric acid.

Acrylamide from Eastman Kodak Co. was recrys
tallized from chloroform and stored in a refrigerator.

Methylene blue (zinc free) and cobalt (III) chloride 
were of reagent grade obtained from Merck Co. A 
stock solution of Co (II) was standardized by titration 
with disodium ethylenediaminetetraacetate (disodium 
EDTA, 0.1 M, Fisher Certified reagent) using murexide 
as the indicator. Hekum was purified by passing the 
gas through a chrome us chloride solution to remove 
trace amounts of oxygen. All other chemicals w7ere 
analytical reagent grade.

Procedure. A 500-W tungsten lamp in a slide pro
jector was used as the light source. To eliminate fight 
below about 475 mg, a pale yellow glass filter was inter
posed and a heat glass filter was used to reduce radiation 
of wavelength above about 700 mg. To ensure uniform
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illumination of the sample cell a ground-glass plate was 
inserted in the usual slide position of the projector. 
The sample was fixed 10 cm from the front of the pro
jector. The lamp was stabilized with a constant-volt- 
age transformer. The intensity of light falling on the 
sample was determined with a calibrated thermopile 
(Epply Laboratories).

The polymerization was followed by the thermal-rise 
method2 and the adiabatic heat rise was followed with a 
thermistor unit (Yellow Spring Model 73) in conjunc
tion with a recorder. The temperature rise was con
verted into monomer converted into polymer by means 
of a conversion factor predetermined gravimetrically. 
For a 20-ml aqueous solution in a cylindrical test tube 2

cm in diameter a rise of 1° corresponds to a conver
sion of acrylamide of 1.25 X 10-3 mol. For the aero
bic system where the time of irradiation is long the 
sample cell was insulated to maintain adiabatic con
ditions.

The rate of photobleaching was followed photometri
cally using a red-sensitive silicon solar cell (Hoffman), 
the same light beam being used for the radiation and for 
the transmission measurements. An interference filter 
which transmitted maximally at 665 mju, corresponding 
to the absorption maximum of methylene blue, was 
interposed between the sample and the light detector. 
An optical cell with optical path of 1 cm was used as 
the reaction cell.

O n  t h e  M e c h a n is m  o f  D e c o m p o s i t i o n  o f  D i t h io c a r b a m a t e s 1* b

b y  S e r g e  J .  J o r i s , 10 K e i j o  I .  A s p i l a ,  a n d  C h u n i  L .  C h a k r a b a r t i ld

Department of Chemistry, Carleton University, Ottawa 1, Ontario, Canada (Received July 7, 1969)

The titration of the dithiocarbamates and the kinetics of their decomposition indicate that an intramolecular 
hydrogen bond exists between the sulfur and the nitrogen atoms of the dithiocarbamic (DTC) acid molecule. 
This intramolecular hydrogen bond is formed as soon as the sulfur atom of the dithiocarbamate ion protonates. 
The fractional charges resulting from the intramolecular hydrogen bond introduce a high internal energy in the 
DTC acids and are responsible for their great instability. This is proven by the kinetics of decomposition in 
mixed solvents, which also reveals the existence of a large steric effect on the solvation and on the related sta
bility of the DTC acids. Specific solvation of the DTC acids was also detected in mixed solvents. It is also 
shown that the activated complex for decomposition cannot be very different from the acid form of the dithio
carbamates.

I n t r o d u c t i o n

In a previous paper2 some erroneous conclusions 
found in the literature concerning the acidic properties 
of the dithiocarbamic (DTC) acids were corrected. 
It was proven that these acids are definitely monobasic 
(with the proton located on the sulfur atom) and differ 
therefore from the usual amino (or dithioamino) acids 
which are dibasic. This difference was explained2 by 
the delocalization of the free electrons of the nitrogen 
in the DTC anion (model I) and by the possible forma
tion of an intramolecular hydrogen bond in the acid 
molecule (see model III).

RX /

h i  s j

i

r \  . . p "
—  /N - C f  
H+ b/  n sh

RV +  &
/ N- <

R2 H— -Sj.
Ill

The kinetic profiles for the decomposition of the 
dithiocarbamates indicate that only the acid form of the

molecule decomposes. The overall equation for the 
decomposition is

RxRaNCSS- +  2H+ — R iR2NH2+ +  CS2 (1)

The proximity of the fractional positive charges on the 
nitrogen and carbon atoms in model III is obviously 
responsible for the decomposition of the molecule into 
carbon disulfide and an amine (this amine further proto
nates to form an ammonium ion). The zwitterion IV, 
which is an extreme case of model III, was initially pro
posed by Zahradnik and Zuman to represent the DTC 
acids in solution and the reactive form for their de-

(1) (a) This paper was partly presented at the 52nd Canadian Chem
ical Conference, Montreal, Canada, May 25-28, 1969. (b) This paper 
will constitute part of the Ph.D. thesis of K. I. A. (c) Postdoctorate 
research fellow, (d) Author to whom all correspondence should be 
addressed.
(2) S. J. Joris, K. I. Aspila, and C. L. Chakrabarti, Anal. Chem., 41, 
1441, 1969.
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composition.3 However no experimental evidence was 
given.

V  /✓r<_R2' H
IV

It has been reported more recently, that the steric 
effects in the kinetics of decomposition are difficult 
to explain.4 In this paper we discuss further the 
existence of an intramolecular hydrogen bond between 
the nitrogen and the sulfur atoms. By interpreting the 
kinetic data for the decomposition of the DTC molecule 
in mixed solvents, the present authors have established 
the dipolar ion (model III) as the reactive intermediate 
for the decomposition of the DTC molecule. This anal
ysis has also indicated the significance of the steric 
effect, especially, in regard to the solvation of the DTC 
molecule.

E x p e r i m e n t a l  S e c t i o n

Reagents. The dithiocarbamic acids considered in 
this study were generated from their sodium salt. The 
diethyl-, dimethyl-, and di-n-butyldithiocarbamates 
were commercial products. The other derivatives 
were prepared and purified according to the procedure 
described in the literature.6-7 AR grade methanol and 
dioxane were used for the preparation of the water- 
methanol and the water-dioxane mixtures. The values 
of dielectric constants corresponding to these mixtures 
are given in Table I. The variation of the dielectric

Table I : Dielectric Constants of Mixed Solvents at 25.0°

D ie le c t r ic  c o n s ta n t  fo r D ie le c t r ic  co n s ta n t  fo r
%  w a te r  in  th e w a te r -m e th a n o l w a te r -d io x a n e
m ix e d  so lv e n t m ix tu re s8 m ix tu r e s9

100 7 8 . 4 9 7 8 . 4 9

9 0 7 4 . 2 1 6 9 . 7 5

8 0 7 0 . 0 1 6 1 . 5 0

6 0 6 0 . 9 2 4 5 . 1 0

4 0 5 1 . 7 1 2 8 . 7 5

20 4 2 . 6 0 1 2 . 4 0

0 3 2 . 6 4 2.21

constant as a function of the composition of these mixed 
solvents is essentially linear.8'9 All percentage values 
considered in this paper are weight percentages.

Apparatus. A modified Bausch and Lomb Spec- 
tronic 505 recording spectrophotometer was used to 
study the kinetics of decomposition in mixed solvents. 
Matched silica cells of 10-mm path length were used 
and maintained at a constant temperature of 25.0 ±  1°.

Procedure. Solutions of 10-3-10-4 M  DTC acid 
were prepared by adding a measured amount of an un
buffered solution of the DTC salt to the mixed solvent 
kept in the silica cell. The mixed solvent was made

0.05 N  in HC1 in order to generate the DTC acid from 
the DTC sodium salt. At 98% methanol, the spectrum 
of the acid form4 of the dithiocarbamates was still ob
served. The solutions were mixed with a Teflon stirrer 
or a pipet bubbler; the mixing was completed within 
an average time of 6 sec, and the absorbance was 
measured immediately after mixing. In the concentra
tion range used, the plot of log concentration vs. time 
was found to be linear and gave reproducible rate con
stants to within ± 2 % . The absorbance was measured 
at about 275 m/x; the actual wavelength of measure
ment depended on the derivative used.

I n t r a m o l e c u l a r  H y d r o g e n  B o n d i n g  in  

t h e  D T C  A c i d s

The importance of the positive charge on the nitrogen 
atom during the decomposition process was pointed out 
in the Introduction. This positive charge can only arise 
as a result of (1) protonation of the nitrogen atom by a 
proton from the solvent (model V) or (2) an intramolec
ular hydrogen bond by means of the proton of the 
sulfur acid group (model V I).

/r<R. H SH
V

Rv +  /
/ N- <

r ;  h- - - s4-
VI

However, there is experimental evidence for the exis
tence of structure VI; potentiometric titration and 
polarographic analysis have definitively shown2 that the 
DTC molecule is monobasic and that the nitrogen atom 
does not accept a proton from the solution even though 
the decrease of the resonance in the molecule caused by 
protonation of the sulfur makes the nitrogen atom basic 
(see models I and II). An intramolecular hydrogen 
bond between the sulfur atom and the proximate ni
trogen atom most probably prevents the free electrons 
of the nitrogen from being oriented toward the solvent. 
Thus, further protonation of the molecule is prevented. 
In addition, if model V were the actual reactive species, 
one would expect that at high pH values (e.g., pH »  
pA s and [DTC- ] »  [H +]), the rate of decomposition 
would be proportional to the square of the proton con
centration since two proton atoms would be required 
prior to the decomposition of the DTC ion (DTC- ) 
(see model V ). Actually, the rate of decomposition at 
high pH values depends only on the first power of the

(3) R. Zahradnik and P. Zuman, Collect. Czech. Chem. Commun., 24, 
1132 (1959).
(4) D. M. Miller and R. A. Latimer, Can. J. Chem., 40, 246 (1962).
(5) K. 1. Aspila, V. S. Sastri, and C. L. Chakrabarti, Talanta, 16,1099
(1969).
(6) H. L. Klopping and G. J. Van Der Kerk, Bee. Trav. Chim., 70, 917 
(1951).
(7) D. J. Halls, A. Townshend, and P. Zuman, Anal. Chim. Acta, 
40,459 (1968).
(8) T. Shedlowsky and R. L. Kay, J. Phys. Chem., 60, 151 (1956).
(9) S. K. Garg and C. P. Smyth, J. Chem. Phys., 43, 2959 (1965).
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hydrogen concentration.2-6 The evidence2-5 is con
clusive that only one protonation is required for the de
composition of the DTC anion. The requirement of 
single protonation on the sulfur atom and the need for a 
positive charge on the nitrogen to explain the decom
position can only be satisfied by the intramolecular hy
drogen bond of model VI (the second proton of eq 1 is 
included only for the protonation of the amine released 
by the decomposition). Also, the anomalous acidic 
properties2 of the dithiocarbamates suggest that the 
intramolecular proton bridge would be formed as soon 
as the sulfur atom of the DTC anion is protonated. 
Similar observations were made in the case of several 
other acids.10-15

One should also recognize that the zwitterion (model 
IV) which had been proposed by earlier workers3 is too 
extreme a representation for the dithiocarbamic acid in 
solution. Indeed, the charge on the sulfur atom would 
give the molecule a dibasic character and the zwitterion 
IV would have a much higher solubility than the DTC 
anion.16'17 Such an increase in the solubility has not 
been observed.18

T h e  T r a n s i t i o n  S t a t e

The charge distribution in the dipolar acid molecule 
explains why only the acid form of the dithiocarbamates 
decomposes. A high internal energy is introduced in 
the DTC acids by the presence of the fractional charge 
on the nitrogen atom as a result of the formation of the 
intramolecular hydrogen bond. Therefore, one can 
consider that from the energetical and structural points 
of view, the transition state for the decomposition of the 
dithiocarbamates cannot be very different from the 
DTC acid molecule. The proximity of the fractional 
positive charges in the DTC acid molecule should 
elongate the vibrations on the N -C  bond axis to such 
an extent that the critical bond distance for decom
position is more easily exceeded causing rupture of the 
N -C  bond.

With the above considerations in mind, one would 
expect that the analogous carbamic acids would de
compose even more rapidly than these dithiocarba
mates. The reason for this enhanced decomposition 
rate is the presence of the more electronegative oxygen 
atom,19 which should increase the magnitude of the 
fractional charge on the carbon atom in the activated 
complex. Table II which presents the rate constants 
for decomposition of the DTC acids shows that they do 
not decompose at the same rate. As indicated by the 
following discussion on the solvation of the DTC acids, 
steric factor is responsible, to a large extent, for the 
wide variation in the decomposition rate.

S o l v a t i o n  o f  t h e  D i t h i o c a r b a m i c  A c i d s

Table II shows that the rate of decomposition of the 
dithiocarbamic acids generally increases as a function 
of the bulkiness of the substituents Ri and R2 on the ni-

Table II : Rate Constant (sec-1) for Decomposition of the DTC 
Acids in Aqueous Solution at pH 1.06 and 25.0°

DTC acid

Monomethyl
Pyrrolidine
Dimethyl
Di-n-butyl
Di-n-propyl
Diethyl
Diisopropyl * 10 11 12 13 14 15 16 17 18 19 20 21 22 23 24 25 26 27

Rate constant

3.50 X 10"4 
3.55 X 10-4 
4.90 X 10-2 
5.76 X 10-2 
6.61 X 10-2 
1.00 X 10-1 
1.66 X 10-1

trogen atom. This steric effect can be explained in sev
eral ways. The increasing size of Ri and R 2 can intro
duce a strain on the N -C  bond as a result of an inter
action with the relatively large sulfur atoms in the mole
cule (see Figure 1). However, such a strain should de
crease, in the same manner, the stability of the DTC 
anion. This is not observed, probably because of the 
stabilization by resonance in the anion. Another point 
to consider is the inductive effect of the bulky alkyl 
groups which would enhance the nucleophilic character 
of the nitrogen atom. However, the very large differ
ence in the decomposition rates of the dithiocarbamic 
acids listed in this paper must be due to factors more 
important than just mechanical strain and inductive 
effects. Indeed, the solvation of the fractional positive 
charges in the acid molecule must have a significant 
effect on the stability.20-27 For example, in aqueous 
solutions the negative end of the dipole of the solvent 
molecule will be located between the fractional positive 
charges on the nitrogen and the carbon atoms (Figure 
1). This will represent the most favorable state for the

(10) S. Patai, “The Chemistry of the Amino Group,”  Interscience 
Publishers, London, 1968.
(11) R. Kuhn and K. Geider, Chem. Ber., 101, 3587 (1968).
(12) L. Eberson, Acta Chem. Scand., 13, 224 (1959).
(13) L. Eberson and I. Wadsô, ibid., 17, 1552 (1963).
(14) R. P. Jensen, E. M. Eyring, and W. M. Walsh, J. Phys. Chem., 
70, 2264 (1966).
(15) H. M. Cardwell, J. D. Dunitz, and L. E. Orgel, J. Chem. Soc. 
3740 (1953).
(16) E. J. Cohn and J. T. Edsall, “ Proteins, Amino Acids and Pep
tides,” Hafner Publishing Co., New York, N. Y., 1965.
(17) J. P. Greenstein and M. Winitz, “ Chemistry of the Amino 
Acids,”  John Wiley and Sons, New York, N. Y., 1961.
(18) K. I. Aspila, S. J. Joris, and C. L. Chakrabarti, unpublished 
results, 1969.
(19) J. Hinze and H. H. Jaffé, J. Amer. Chem. Soc., 84, 540 (1962).
(20) F. E. Condon, ibid., 87, 4494 (1965).
(21) J. B. Hyne and H. S. Golinkin, Can. J. Chem., 41, 3139 (1963).
(22) D. Bethell and V. Gold, “ Carbonium Ions,” Academic Press, 
London, 1967.
(23) A. J. Parker, Chem. Rev., 69 ,1 (1969).
(24) D. J. G. Ives and P. D. Marsden, J. Chem. Soc., 649 (1965).
(25) L. W. Clark, J. Phys. Chem., 65, 180 (1961).
(26) M. S. Newman, “Steric Effects in Organic Chemistry,” John 
Wiley and Sons, New York, N. Y., 1956.
(27) N. B. Chapman, J. Shorter, and J. H. P. Utley, J. Chem. Soc., 
1291 (1963).
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Figure 1. Masking of the fractional positive charges in the 
DTC acids by the solvent (H20 ) during the solvation process.

electrostatic system, composed of two positive charges 
attracting a negative charge28 thereby lowering the po
tential energy of the acid molecule and would thus in
crease the activation energy for the decomposition, 
which will stabilize the acid molecule. Although such 
solvation is energetically favorable, one would expect 
the size of the substituents on the nitrogen to hinder, 
more or less, the solvent molecules from occupying the 
stabilizing position. Of all the DTC acids that have 
been considered, monomethyldithiocarbamic acid 
(MeHDTCH) should permit the most favorable ap
proach of the solvent to the positive sites of the mole
cule. Indeed, this compound is observed to be the 
most stable. On the other hand, diisopropyldithio- 
carbamic acid (f-Pr2DTCH) represents an extreme 
case of steric hindrance which prevents the solvent from 
solvating the fractional charges in the acid molecule. 
This is reflected in the very low stability of this acid. 
Even though in aqueous solutions the stabilization by 
the solvent makes the MeHDTCH almost 500 times 
more stable than the i-Pr2DTCH, such solvent stabi
lization does not completely prevent these acids from 
decomposing (e.g., MeHDTCH has a half-life of 32 
min).

The importance of the stabilization of the DTC acids 
by solvent is substantiated by the values for activation 
energies3 which are 21.7 kcal mole-1 and 12.7 kcal 
mole-1 for MeHDTCH and f-Pr2DTCH, respec
tively, and by the kinetic study of decomposition of 
these acids in mixed solvents.

Mixed Solvent Analysis
A study of the decomposition of DTC acids in mixed 

solvents should indicate how the repelling positive 
charges in model III influence the decomposition rate. 
The results of such a study of several dithiocarbamic 
acids are presented in Figures 2-4.

A decrease in the dielectric constant («) of the solvent 
should increase, theoretically, the stability of the DTC 
acids since these compounds would have lower dipole 
moments in a solvent of lower dielectric constant. In 
such cases, the activation energy to reach the transition 
state would be increased. Actually, an increase in the

Figure 2. Variation of the logarithm of the half-life for 
decomposition of diisopropyl DTC acid as a function of the 
composition of the mixed solvent at 25.0°: •, 
water-methanol mixtures; O, water-dioxane mixtures;
—, expected increase of log h  '2 in water-dioxane mixtures.

Figure 3. Variation of the lcgarithm of the half-life for 
decomposition of DTC acids as a function of the composition 
of the water-methanol mixed solvent at 25.0°: O,
monomethyl DTC acid; •, pyrrolidine DTC acid-

stability corresponding to a decrease of e is observed 
only for f-Pr2DTCH (Figure 2). For other dithio
carbamates, the expected increase in the half-life for de
composition is preceded by a decrease in stability of 
the compounds (Figure 4). For the MeHDTCH and 
pyrrolidinedithiocarbamic acid (PyrDTCH), only a de
crease of the stability of 'he acid is observed (Figure 3).

(28) R. A. Robinson and R. H. Stokes, “ Electrolyte Solutions,” 
Butterworth and Co. Ltd., Lor don, 1959.
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Figure 4. Variation of the logarithm of the half-life for 
decomposition of DTC acids as a function of the composition 
of the water-methanol mixed solvent at 25.0°: •,
dimethyl DTC acid; O, di-ra-butyl DTC acid; A ,  diethyl 
DTC acid.

These observations indicate, that depending on the de
gree of steric hindrance in the dithiocarbamates, the 
variation in the solvent dielectric constant can result in 
two different effects: stabilization or destabilization of 
the acid molecule. The former effect is seen in the de
composition of f-Pr2DTCH; this compound is very un
stable because of the lack of stabilization of the acid 
form by the solvent. In this case, the lowering of e re
sults only in a decrease of the dipolar charges in the 
DTC acid molecule by means of an inductive effect 
(the inductive effect would operate mainly on the frac
tional negative charges of the sulfur atoms since the 
positive centers are sterically hindered for this com
pound) . On the other hand, for less sterically hindered 
compounds which enable very efficient solvent stabili
zation (e.g., MeHDTCH and PyrDTCH),29 the lowering 
of e affects mainly the stabilizing ability of the solvent, 
which is directly related to the magnitude of the dipole 
moment in the solvent molecule. One would notice 
however, that for these less sterically hindered com
pounds, only a decrease in the stability is observed de
spite the fact that the decrease of e also affects the mag
nitude of the fractional charges in the acid molecule 
itself. It is therefore concluded that the stabilization 
of the DTC acids by solvent is the most critical factor 
in the decomposition process of these acids.

The result of opposing effects of e on the decomposi
tion rate is best seen in the case of the DTC acids which 
illustrate both effects because of their intermediate 
degree of steric hindrance (see Figure 4). Initially, the 
decrease of e reduces the solvent stabilization of the 
acid. However, the reduction of the dipolar charges in 
the acid molecule gradually becomes predominant and 
stabilizes the acid. The location of the minimum in the

S. J. Joris, K. I. A spila, and C. L. Chakrabarti

Figure 5. Influence of the bulkiness of the substituents in 
the DTC acids on the initial slope of the graph log U/2 vs. e 
at 25.0°.

three curves (see Figure 4) is probably determined by 
the effect of increasing steric hindrance to solvation. 
The steric hindrance increases in the order MeH
DTCH <  Et2DTCH <  Bu2DTCH. The more these 
compounds are sterically hindered, the lower is the 
methanol content required (1) to nullify the stabiliza
tion by solvent and (2) to increase the half-life by re
ducing the dipolar charges in the acid molecule.

Specific Solvation
The initial slope of the graph log U/2 vs. e depends on 

the compound considered (see Figures 3 and 4). Figure 
5 presents the values of these slopes (A log ti/jAe) cal
culated, for example, between 10 and 20 wt %  meth
anol. One qualitatively observes that the more bulky 
the alkyl substituents are, the higher is the value of 
A log U/J At. In keeping with the previous conclu
sions, this variation indicates a more efficient decrease 
of the stabilization by solvent in the case of bulky sub
stituents as e is lowered. Although the slope must be 
related to the steric factors, one cannot ignore the 
possibility of the specific solvation effect that is in
herent in the use of mixed solvents.30-36

(29) R. E. Marsh and J. Donohue, Adv. Protein Chem., 22, 235 
(1967).
(30) C. D. Ritchie, B. A. Bierl, and R. J. Honour, J. Amer. Chem. 
Soc., 84,4687 (1962).
(31) C. D. Ritchie and A. L. Pratt, ibid., 86, 1571 (1964).
(32) J. B. Hyne, ibid., 82, 5129 (1960); 85, 304 (1963).
(33) J. B. Hyne, R. Wills, and R. E. Wonkka, ibid., 84, 2914 (1962).
(34) J. B. Hyne and R. Wills, ibid., 85, 3650 (1963).
(35) J. B. Hyne, H. S. Golinkin, and W. G. Laidlaw, ibid., 88, 2104 
(1966).
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It is expected that the less sterically hindered dithio- 
carbamic acids would favor specific solvation, since in 
the case of these compounds the solvent molecules can 
approach closely the dipoles of the solute molecule and 
can interact strongly with them. However, in the case 
of the dithiocarbamates with a high degree of steric 
hindrance, the forces between the solute dipoles and the 
solvent are less.

Some effect of specific solvation is observed in the 
case of z-Pr2DTCH. One would expect that in 
water-dioxane mixtures the change in the stability of 
this DTC acid should be greater than in water-meth
anol mixtures, because of a larger change in the dielec
tric constant (Table I ) . Actually, the results in water- 
dioxane mixtures indicate (see Figure 2) that the in
crease of the stability of f-Pr2DTCH in these mix
tures is not as large as the increase expected from the 
values of dielectric constant for these mixtures (the 
expected increase is represented by the dashed line in 
Figure 2). This can be rationalized in terms of the di
electric constant around the molecule which is different 
from that in the bulk of the solution. In the case of 
f-Pr2DTCH, the specific solvation most probably 
occurs at the sulfur atoms of the molecule since the 
fractional positive charges in this compound are steri
cally hindered by the substituents.

Further experimentation of specific solvation of the 
dithiocarbamic acids is in progress.

Conclusions
It has been proven that the DTC acids contain an 

intramolecular hydrogen bond between the nitrogen 
and one of the sulfur atoms of the molecule. The

intramolecular hydrogen bond is formed immediately 
after the dithiocarbamate ion protonates and is there
fore responsible for the anomalous acidic properties of 
these dithioamino acids. The above definitive account 
clarifies the recently reported uncertainty on the nature 
of the DTC acids in solution.36

The repelling fractional positive charges inherent in 
the intramolecular hydrogen-bonded structure make the 
acid form of the dithiocarbamates very unstable. Both 
energetically and structurally, the acid form of the 
DTC molecule cannot be very different from the transi
tion state. However, the DTC acids can be stabilized 
to some extent by the solvation of their fractional 
charges. The stabilization caused by solvent depends 
largely on the size of the alkyl substituents on the ni
trogen atom. The analysis of the decomposition rates 
in mixed solvents indica:es that the dielectric constant 
of the medium influences the rate of decomposition in 
two opposing ways— (1) destabilization, by reduction of 
the solvation efficiency, or (2) stabilization, by reduction 
of the fractional charges in the acid molecule. The 
balance between these two effects is determined by the 
size of the substituents on the nitrogen atom.

This study also indicates some specific solvation of 
the DTC acids. Further investigation in this field is in 
progress.
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C o m p a r i s o n  o f  t h e  R e a c t i o n s  o f  A t o m i c  a n d  M o le c u la r  H a lo g e n s  w it h  S i lv e r
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Division of Mineral Chemistry, CSIRO, Port Melbourne, Victoria, Australia, SZ07 (Received August 11, 1969)

Atomic chlorine, bromine, and iodine were produced in a flow system by an electric discharge. An optical inter
ference method was developed for measuring the rate of halide film formation on silver and was used to compare 
the reactivity of the molecular and atomic species. This procedure enabled the existence of iodine atoms, 
downstream from a discharge, to be established. In contrast to the protective nature of silver halide films to 
halogen molecules, the rates of growth produced by halogen atoms were found to be independent of film thick
ness. Low activation energies and high collision efficiencies were found for the reactions with halogen atoms.

I n t r o d u c t i o n

Chlorine and bromine atoms were first produced by 
electrical discharge1 in 1933 but their rapid recombina
tion on the reaction tube walls discouraged experimen
tation until stimulus for further studies was provided 
by the realization of Ogryzlo2 of the advantages of wall 
“ poisoning”  with oxyacids, and by the development of 
an isothermal calorimeter3 suitable for use in halogen 
gases.

Rosner and Allendorf4'6 have studied the kinetics of 
chlorination of nickel, molybdenum, and boron by chlo
rine atoms and molecules at temperatures where the 
reaction products are volatile. A high reaction prob
ability was found for nickel above 1000°K but no 
difference was detected between the rates with chlorine 
atoms and molecules. With molybdenum in the tem
perature range 700-1100°K the reaction probability 
with atomic chlorine was two orders of magnitude 
greater than for the molecular reaction. In the same 
temperature range the activation energy for the molec
ular reaction was 13.7 kcal mol-1 and for the atomic 
reaction was less than 5 kcal mol-1. In the case of 
boron the rate of chlorine atom attack exceeded that of 
molecular chlorine 10-fold in the temperature range 
1100-2200°K while the activation energies were similar 
for both reactions (52 kcal mol-1), a result attributed to 
a higher sticking probability of Cl than Cl2 on chlorine- 
covered boron.

The reactions of the molecular halogens with silver 
have been extensively reported in the literature in 
connection with corrosion, etc. On the other hand, 
silver foil has been used to detect the presence of chlorine 
and bromine atoms and Gurman, et al.,6 investigated the 
reaction of the former with silver with a view to the 
measurement of chlorine atom concentration. They 
found that the velocity of the atomic reaction was inde
pendent of the thickness of the silver chloride film 
produced on the surface and proportional to the con
centration of chlorine atoms. The method used in 
these experiments involved measuring the decrease in 
the level of radioactivity of a silver sample when the

film of silver chloride was removed by washing. Chlo
rine atoms were produced by photolysis using a mercury 
lamp as a light source.

The following work compares the reactions of atomic 
and molecular chlorine, bromine, and iodine with silver 
using a light reflectance method for determining the 
thickness of the halide film produced. Because the 
method of study required the supply of a constant con
centration of atoms for periods up to 1 hr, a pre
liminary investigation was undertaken to determine the 
operating conditions necessary to achieve this.

E x p e r i m e n t a l  S e c t i o n

(a) Film Thickness Measurement. The rate of growth 
of halide films on silver surfaces was followed by record
ing the variation in the intensity of a beam of monochro
matic light reflected from the surface. Changes in 
intensity occur due to interference between rays re
flected from the film and from the silver substrate, 
during growth. The change in film thickness, x, asso
ciated with the change from a maximum to a minimum 
of intensity is given by

x =  \ -  sin<f)2)~ I/2 (I)

where <f> is the angle of incidence, X is the wavelength of 
the light, and y is the refractive index of the film.

This relationship does not apply to the first-order 
interference which occurs at a film thickness dependent 
upon the magnitude of the phase jumps occurring at the 
film interfaces.7 The phase jumps are unchanged for 
subsequent orders and so the increments in thickness,

(1) W. H. Rodebusch and W. C. Klingelhoefer, J. Amer. Chem. Soc., 
55, 130 (1933).
(2) E. A. Ogryzlo, Can. J. Chem., 39, 2556 (1961).
(3) L. Elias, E. A. Ogryzlo, and H. I. Schiff, ibid., 37,1680 (1959).
(4) D. E. Rosner and H. D. Allendorf, J. Phys. Chem., 69, 4290 
(1965).
(5) D. E. Rosner and H. D. Allendorf, ibid., 72,4259 (1968).
(6) V. S. Gurman, V. A. Lishnevskii, and G. B. Sergeev, Izv. Vyssh. 
Ucheb. Zaved. Khim. Khim. Tekhnol., 1, 29 (1960).
(7) A. B. Winterbottom, Trans. Faraday Soc., 42,487 (1946).
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given by eq 1, are constant. As the main concern of 
this work has been to compare rates of film growth, no 
correction has been made for this effect on the total 
film thickness. The magnitude of the correction would 
be about 200 A; i.e., the first order interference occurs at 
a film thickness approximately 200 A less than shown on 
the graphs. The growth of Agl films up to 2.2 
AgBr up to 0.8 p, and AgCl up to 0.4 p thick could 
be monitored by this method provided the rate of 
growth was not too rapid. This is hereafter referred 
to as the interference method.

The above method was not entirely satisfactory 
for measurements of the rate of formation of AgBr 
and AgCl films because of their greater opacity, es
pecially when film formation was rapid. An alterna
tive method used the experimentally established fact 
that the change in reflectivity to polychromatic light 
during film growth could be represented by a simple 
exponential expression of the form

/  =  I0e~kt

Where I  is the reflected light intensity, k is a constant, 
and I = Io where t =  0, i.e.

d In y
____ To

di
=  - k (2)

where k is the specific reaction rate.
In cases where a linear rate of growth had been 

established by the interference method, the inter
ference curves were used to obtain a relationship be
tween Z/7a and the film thickness

d In j  
io

( 3 )

from which the velocity of film growth v was calculated

da; k
dt a ( 4 )

This is hereafter referred to as the reflection method.
(b) Chemicals. Silver. The silver used was made 

from AR silver nitrate fused at low pressure with 
AR sodium chloride and cast into 3/ 8-in. diameter 
rods. Spectroscopic examination indicated that, Ni, 
Cu, Ca, Fe, Si, and Na were present in concentrations 
of less than 10 ppm. Mg, Zn, Pb, Cr, Sb, As, Sn, 
Cd, and B were not detected.

Two methods of surface preparation were used; (1) 
mechanical polishing with fine abrasive and (2) abras
ion down to 600 mesh paper followed by electropolish
ing.8

Argon. Welding grade argon was purified by pass
ing over zirconium powder at 800°.

Chlorine. Commercial chlorine was passed suc

cessively over glass wool at —30°, silica gel, and 
magnesium perchlorate.

Bromine. AR bromine was dried by passing the 
gas over phosphorus pentoxide.

Iodine. AR iodine v/as melted through a sintered 
glass disk and resublimed under vacuum.

Traces of organic impurities remaining in the gases 
were removed by using an auxiliary discharge applied 
by means of two external electrodes connected to the 
tuned circuit of a self-excited oscillator operating at 
18 MHz, upstream from the main discharge to bring 
about dissociation and polymerization. This method 
also removed traces of oxygen from iodine by produc
ing solid iodine oxides.9

Apparatus. The apparatus consisted of a Pyrex 
vacuum flow system coupled via a trap to a vacuum 
pump. Gases were admitted to the system through 
glass capillaries and could be directed either to a 
by-pass tube or the reaction tube by means of a three- 
way stopcock. Before entering the reaction tube the 
gases were passed through the section of tube where 
trace impurities were removed.

Figure 1 shows the reaction tube used for following 
the growth of films on the flat section of a silver rod. 
The main radiofrequeney generator10 was a vacuum tube 
power amplifier excited by a crystal-controlled generator 
at 29 MHz. Power was controlled by a variac in the 
primary of the high voltage supply and the radiofre
quency was coupled to the reaction tube by inserting the 
latter into the tuning coil of the plate circuit of the 
power amplifier. This coil could be moved over a dis
tance of 20 cm. The reaction tube was supplied with a 
water jacket and an earth shield between the coil 
and the side arms holding the sample and atom de
tector.

Two atom detectors were used, one similar to that 
described by Ogryzlo,2 and the other consisting of a 
coil of 150 cm of 40 s.w.g. nickel wire. The latter 
was employed for the detection of low atom concentra
tions. The bridge circuit was automatically balanced 
by means of a dc amplifier and servo motor driving a 
resistance in series with the bridge. A viton “ O”  ring 
seal enabled the detector coil, mounted on a glass 
rod, to be positioned in the reaction zone or withdrawn 
into the branch arm. Chlorine and bromine atom 
concentrations were measured satisfactorily but iodine 
atom concentrations were too low to measure by this 
method.

The sample consisted of a flat surface machined 
on the end of a 6/i6-in. diameter silver rod which fitted 
into a branch arm via an “ O”  ring seal. A thermocou
ple passed through a small hole drilled down the

(8) W. J. McG. Tegart, “The Electrolytic and Chemical Polishing of 
Metals,” Pergamon Press Ltd.. London, 1959, p 68.
(9) D. I. Walton and L. F. Phillips, J. Phys. Chem., 70, 1317 (1966).
(10) F. K. McTaggart, “ Plasma Chemistry in Electrical Discharges,” 
Elsevier Publishing Co., Amsterdam, 1967, p 40.
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Figure 1. Reaction tube.

TO3 VIEW

center of the rod to within l/ 8 in. of the flat surface 
and the sample could be heated or cooled by placing 
flanges attached to the end of the rod in a suitable 
bath. The surface of the sample was illuminated 
through a side arm at 45° to the reaction tube axis 
and the reflected light was received through an opposite 
branch by a cadmium sulfide photoconductive cell 
(Philips Type ORP60). The change in potential 
across a resistance in series with this cell and a battery 
was recorded on a chart recorder. Portions of the 
reaction tube and the branch arms were painted black 
to prevent light, other than that from the sodium 
lamp and the discharge, from reaching the reaction 
zone. An alternative arrangement enabled the sample 
surface to be placed parallel to the axis of the reaction 
tube so that light from the discharge did not strike 
the surface. Preliminary experiments with various 
sources of illumination and with the silver sample facing 
the discharge and at right angles to this direction, 
failed to reveal any evidence that photolysis was af
fecting the rate of film growth. In the case of atomic 
iodine, uneven films were produced when the sample 
surface was parallel to the reaction tube axis due 
to the already low iodine atom concentration being 
depleted by reaction with the leading edge.

Gases leaving the reaction zone passed through a 
liquid nitrogen trap and then into a second trap which 
also received the gases from the by-pass tube. When 
using Cl2 and Br2 the pressure in the reaction tube 
was measured by a sulfuric acid manometer connected 
between this tube and the vacuum pump. The flow 
rates of argon used as a diluent for I2 and of chlorine 
were measured with floating ball type flowmeters and 
those of bromine and iodine by weighings. The flow 
rates of Br2 and I2 were controlled by using thermo- 
stated reservoirs of these elements. All joints and 
stopcocks were lubricated with Kel-F grease.

For work with chlorine and bromine the walls of 
the reaction tube, including the discharge region, were 
poisoned by coating with 5% phosphoric acid solution 
followed by heating under vacuum to 200° for 1 hr.

(d) Conditions for Constant Atom Concentration. Ex
periments with chlorine and bromine indicated that 
the number of atoms reached a maximum at between 
0.4 and 0.5 Torr. A rapid decrease occurred when 
the pressure was lowered below 0.4 Torr and a slower

Time, min.

Figure 2. Effect of operating conditions on Br yield: curve
1, no pump down period, water cooled; curve 2, 5-min 
pump down, no water cooling; curve 3, 30-min pump 
down, cooling on 18 min after start of discharge; curve 4, 
60-min pump down, water cooled.

decrease when the pressure was increased above 0.5 
Torr. Also, the number of atoms increased with flow 
rate and power input. These results are similar to 
those found for hydrogen by Shaw;11 however, with 
chlorine and bromine significant dissociation occurred 
with very low levels of power input (e.g., atom con
centrations were measurable with power inputs as low 
as 2 W). In addition, variations in the yield due 
to wall effects occurred which were illustrated by ex
periments in which the pumping down period (before 
initiating the discharge) and the temperature of the 
reaction tube walls were varied.

These experiments were carried out with chlorine 
and bromine, the tube being opened to the atmosphere 
between each run. The results for bromine at a flow 
rate of 4 1. hr-1, pressure of 0.5 Torr, power input 
of 15 W, with the detector 20 cm from the end 
of the visible discharge, are represented in Figure 2.

An initial atom yield in proportion to the duration 
of the pump down period will be noted. The yield 
increased with time in all except curve 4 which 
was preceded by a 60-min pump down period. The 
decrease in yield following the initial increase was 
greatest for curve 2 in which no cooling water was 
used. The opening of the tube to the atmosphere 
always restored the original condition presumably 
by restoring water to the acid.

The production of a reasonably steady concentra
tion of atoms for extended periods therefore involved 
operating under conditions which enabled the wall 
poison to retain a near-optimum water content with a 
low rate of evaporation, i.e., a low input, low atom 
concentration, and cooling of the discharge tube.

(11) T. M. Shaw in “ Formation and Trapping of Free Radicals,” 
A. M. Bass and H. P. Broida, Ed., Academic Press, New York, N. Y., 
1960, p 58.
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Figure 3. Variations in reflected light intensity due to 
interference during the growth of Agl films on silver exposed 
to: (a) molecular iodine, top; (b) atomic and molecular 
iodine, bottom.

Results
1. Comparison of Molecular and Atomic Iodine At

tack on Silver. Using argon as a carrier gas at a flow 
rate of 1 1. hr-1 (0.9 Torr), iodine vapor was 
passed over silver at 25°. Recorder traces, show
ing the variation in the intensity of light as Agl 
films formed on the surface, were made first in the 
absence of a discharge and then with the discharge 
turned on. Typical results obtained with an iodine 
flow rate of 0.17 g hr-1 (pi, =  0.0315 Torr) are shown 
in Figures 3a and b.

The increment in Agl thickness causing a change 
from constructive to destructive interference was cal
culated from eq 1 to be 710 X 10-8 cm (u =  2.2). A 
correction for the asymmetry of the trace was made 
by taking the points of contact of the dotted curve 
(see Figure 3a) with the trace, for the measurement 
of the time at which integral increases in thickness 
occurred. Rate curves for the above results are shown 
in Figure 4.

In contrast to the simple parabolic form of the 
molecular rate curves, the atomic rate curves consisted 
of parabolic and linear components. At a certain 
film thickness which depended upon pi2, the con
tribution by I2 to the rate of growth became negligible 
compared with I and interference peaks at this stage 
recurred at regular intervals. Further evidence for 
this effect was obtained by turning off the discharge

Silver 869

Figure 4. Agl film thickness plotted against time for 
molecular iodine and atomic and molecular iodine, I2, at 
0.17 g hr“ 1.

at this point which resulted in a negligibly small rate 
of film growth due to I2. The slope of the straight 
portion of the curve, see Figure 4, was therefore taken 
as the velocity of film growth due to I.

The differences between the rates of growth due 
to I2 and I became more marked at lower I2 flow 
rates, e.g., at an I2 flow rate of 0.002 g hr-1, pi, =
3.16 X 10~4 Torr, rate curves were obtained as shown 
in Figure 5. Assuming that all the I2 is dissociated 
and the density of the Agl film is 6.01 g cm-3, we 
may calculate the reaction probability (ei) defined 
as the ratio of the I flux effective in producing Agl 
( Z a « i )  to the I collision flux with the film surface 
(Zj) where ZAei is found from the velocity of film 
growth and Zi is given by the equation

Zi = pi(2rMRT) ~ '/! mol cm-2 sec-1 (5)

where M is the atomic weight of I2.
The value of 0.73 obtained for ei under the above 

conditions will be higher if less than 100% dissociation 
is assumed. It may therefore be regarded as a mini
mum value. The highest velocity of film growth mea
sured for I was 11.6 X 10~8 cm sec-1 obtained when 
the I2 flow rate was 1.5 g hr-1. Atoms were detected 
and the concentration was approaching that required 
to give 1 mW of power, the lower limit of measurement 
of the isothermal detector. If 1 mW of power is as
sumed, a maximum value of reaction probability of 
0.8 is obtained. While it may be argued that both 
values of ei calculated above would be decreased by 
lower values of density due to porosity in the film, 
it is apparent that the reaction probability is high 
and that it remains high during film growth. Also 
the degree of dissociation of I2 at low iodine pressures 
must be high.

Although generally the I2 contributed significantly 
to the initial film growth rate during reaction in the 
presence of I, the contribution of I2 was less than that
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Figure 5. Agl film thickness plotted against time at a low 
iodine flow rate, I2 at 0.002 g hr-1.

to be expected from a simple addition of the molecular 
rate to the atomic rate. The further observation 
was made that a thick film (5 X 10~6 cm) produced 
by reaction with I2 commenced to thicken at a con
stant rate when exposed to I, the rate being similar 
to that found for continuous growth in the presence 
of I at a comparable thickness.

The rate of the reaction indicated by the slope 
of the lines in Figure 5 appeared to change at a filmo t t
thickness of approximately 4000 A. A similar ap
parent change in the parabolic rate constant kp, de
fined by the equation x2 = kpt, where x is the film 
thickness at time t, was also noted and is illustrated 
by plotting film thickness against iI/! as in Figure 6.

Effect of Temperature. A small negative tempera
ture coefficient was found for the parabolic rate con
stant in the temperature range 0-50°. No significant 
variation in the rate of the atomic reaction could be 
detected over a similar range. This result was also 
obtained when both I2 and I contributed to the growth 
of films and may be illustrated by the three typical 
rate curves shown in Figure 7. These curves repre
sent the combined action of I2 and I on silver at the 
same iodine flow rate and at three different tempera
tures. In the initial stages of film growth the parabolic 
rate law predominates and the differences in the film 
thickness after a given time indicates the effect of 
temperature on the parabolic rate. As the film thick
ness increases, the rate of growth approaches a con
stant value, indicated by the slope of the nearly straight 
portion of the curves, which is determined mainly 
by the reaction of I. The negligible effect of tempera
ture on the linear rate is consistent with the high 
reaction probability found for I.

Effect of Pressure, (a) Molecular Iodine. Mea
surements of kp at a series of iodine flow rates corre
sponding to partial pressures in the range 0.001- 
0.23 Torr, indicated a direct proportionality with pres
sure.

Figure 6. Agl film thickness plotted against the square root 
of the time for molecular iodine at different I2 flow rates, I2 
at 0.28 and 0.17 g hr-1.

Figure 7. Agl film thickness plotted against time at constant 
iodine flow rate and at temperatures of 0, 25, and 50°, with 
atomic and molecular iodine, I2 at 0.73 g hr-1.

(b) Atomic Iodine. The I concentration was too 
low to measure directly by isothermal calorimeter; how
ever the linear rate of Agl film growth, taken to be 
due to I, was found to increase with pi, from a value 
of 3.3 X 10~8 to 11.6 X 10~8 cm sec-1 in the pressure 
range 0.001-0.23 Torr. This increase with pressure 
was more rapid at low than at high values of pi2.

2. Comparison of Molecular and Atomic Bromine 
Attack on Silver. Most of the experiments with bro
mine were performed without the use of argon as a 
carrier gas. The interference curves obtained were 
similar to those obtained with iodine in that they 
showed a parabolic rate law for molecular bromine 
and a linear rate law for atomic bromine. It was 
noted that below 10°, uneven film growth occurred 
with bromine when the auxiliary discharge was not 
used to remove trace impurities. In these cases the 
surface acquired a patchy appearance and rate curves 
of sigmoid form, typical of lateral growth, were recorded.
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Br, g h r" '.

Figure 8. Linear rate constant v  for the reaction of atomic 
bromine on silver plotted against bromine atom flow rate.

Effect of Bromine Atom Concentration on Rate on Film 
Growth. The use of argon-bromine gas mixtures en
abled stable low atom concentrations to be obtained 
which were measured by means of a sensitive detector 
coil capable of responding to a few milliwatts placed at 
the position normally occupied by the sample. Having 
established the required bromine atom concentration 
the detector coil was then replaced by the silver sample 
and the rate of film growth measured. The results 
shown in Figure 8 were obtained using an argon flow 
rate of 1 1. hr-1, Br2 at 0.43 g hr-1, total pressure 1.0 
Torr, and the silver at 25°.

Assuming a density of 6.47 g cm-3 for the AgBr 
in the film, the average value of the Br reaction prob
ability ( « B r ) ,  defined similarly to «i, is calculated to be 
0.52. After allowing for porosity we are still left with a 
high «Br and this value was maintained during film 
growth up to a thickness of 0.8 X  10-4 cm. Assuming 
20% porosity in the film and a uniform thickness 
over the sample area, the rates of growth found at 
these low Br atom concentrations account for all the 
available Br. Above a Br flow of 0.1 g hr-1 the rate 
of growth showed no further increase with Br atom 
concentration and a steady value of film growth was 
obtained; i.e., excess Br atoms were being supplied.

Effect of Temperature, (a) Molecular Bromine. The 
parabolic rate constants kp were determined at tem
peratures in the range 25-125° and at a pressure 
of 0.5 Torr by the interference method. An Arrhenius 
plot of the results is shown in Figure 9 from which 
an activation energy of 15 kcal mol-1 was calculated.

(b) Atomic Bromine. The rate of the atomic re
action was measured in the temperature range —20 
to 50° by the reflection method. The Br2 pressure 
was 0.5 Torr, linear flow rate 580 cm sec-1, and the 
Br partial pressure 0.03 Torr. This corresponded to a

Figure 9. Arrhenius plot of the (i) parabolic rate constant 
( k p )  for the reaction of molecular bromine on silver and (ii) 
the specific reaction velocity / for molecular chlorine 
on silver.

1 /T .U 10 5).

Figure 10. Arrhenius plots of the linear rate constant v  for 
the reaction of (i) atomic bromine on silver and (ii) atomic 
chlorine on silver.

supply of Br of approximately 15 times the number 
required to produce the maximum rate of film growth 
observed. Values of the linear rate constants v for 
the atomic reaction were used to obtain the Arrhenius 
plot shown in Figure 10. The activation energy cal
culated from these results was 5 kcal mol-1.

3. Comparison of Molecular and Atomic Chlorine 
Attack on Silver. Interference curves produced during 
the growth of silver chloride films by the action of 
molecular and by atomic chlorine are shown in Figures 
11a and b.
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Figure 11. Variations in reflected light intensity due to in
terference during the growth of AgCl films on silver exposed to: 
(a) molecular chlorine, top; (b) atomic chlorine, bottom.

While the rate of film growth produced by Cl was 
again constant as found with I and Br, the molecular 
reaction at temperatures between 100 and 150° ap
peared to obey a direct logarithmic law of the form

x =  c In (at +  1) (6)

where x is the thickness at time t and c and a are 
constants. Values of x and t taken from the curves 
representing reaction at 100 and 122°, respectively, 
in Figure 11a were used to obtain the plots shown 
in Figure 12. Changes in Pcu in the range 0.5- 
500 Torr did not significantly alter the rate found 
at several given temperatures in this range.

Effect of Chlorine Atom Concentration on Rate of 
Film Growth. Using a similar procedure as described 
for low Br concentrations, the rate of AgCl film growth 
was measured at low Cl concentrations. Unlike Br 
and I the rate of film growth for low [Cl] was found 
to decrease as the film thickness increased. The ini
tial rate of growth however was proportional to the 
atom concentration and like Br and I indicated a 
high reaction probability; e.g., eCi =  0.25 assuming a 
density of 5.56 g cm-3 for AgCl. Above a Cl flow 
of approximately 0.06 g hr-1 the rate of AgCl film 
growth became steady indicating an excess of Cl atoms. 
Measurements of film growth rate made in the presence 
of an excess of Cl showed a constant rate up to thick
ness of 0.4 g..

Effect of Temperature, (a) Molecular Chlorine. No 
visible film was observed on the silver surface exposed 
to Cl2 at room temperatures for lengthy periods at 
0.5 Torr pressure. However changes in the reflectivity

Figure 12. Values of AgCl film thickness x  and time t  

obtained from the curves shown in Figure 11(a) representing 
reaction at 100 and 122° are shown plotted in the form x  

v s .  log ( a t  + 1 ) .

were recorded which indicated the formation of a thin 
highly protective film within a few minutes of exposure. 
The reflectivity method was used to measure changes 
in the rate of film formation in the temperature range 
100-160°. An activation energy of 22 kcal mol-1 
was obtained from these results; see Figure 9.

(6) Atomic Chlorine. The growth rate of AgCl was 
measured when pCi, was 0.45 Torr, linear flow rate 
190 cm sec-1, and pci 0.02 Torr, corresponding to a 
fivefold excess of Cl over that required to produce 
the maximum rate of film growth observed. An Ar
rhenius plot of the results is shown in Figure 10.

An activation energy of approximately 5 kcal mol-1 
was calculated for this reaction.

General Observations. In the foregoing results the 
measurements of film growth rate were made on sur
faces prepared by mechanically polishing and by electro
polishing. The type of surface preparation made no 
significant difference to the rate of growth the halide 
films.

The films produced by atomic halogens gave the 
surface a more matte appearance than those produced 
by molecules.

D i s c u s s i o n

Wall Poisoning. Wall “ poisons”  such as water, 
oxyacids, “ Drifilm,”  etc., have long been recognized 
as effective agents for increasing the downstream con
centration of various atoms obtained from electrical 
discharges. Also traces of impurities in the gas stream 
are often found to increase the yield of atoms sub
stantially above those obtained from highly pure gases. 
Earlier theories as to the mechanism of the latter 
effect assumed the formation of short-lived interme
diate compounds, but more recently Kaufman, et al.,12 
have ascribed the influence of such impurities to their 
adsorption on the walls and the subsequent change 
in the surface recombination efficiency; i.e., they func-

(12) F. L. Kaufman, e t  a l . ,  “ Chemical Reactions in Electrical Dis
charges,” American Chemical Society, Washington, D. C., 1969, 
Chapter 3.
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tion as wall poisons. In the case of the halogen atoms 
it has been established that water molecules are efficient 
third bodies for atom recombination in the gas phase 
and that oxyacids on the walls act as poisons.

Our results pointed to there being an optimum value 
of water content in the oxyacid used above which water 
molecules evaporating into the gas phase became 
significant as third bodies for gas-phase recombination, 
and below which the wall-poisoning effect decreased. 
Loss of water molecules was caused initially by pump
ing at the working pressure and the atom yield rose 
with time to a maximum value. Thereafter further 
loss could result from heating due to atom recom
bination and the atom yield slowly decreased. Cooling 
of the reaction tube resulted in an almost uniform 
atom yield for periods sufficiently long for experi
mental runs. It appears reasonable therefore to con
clude that the efficacy of the oxyacids as wall poisons 
depends on the hydrophilic character they confer to 
the surface thus enabling a relatively high surface 
concentration of water species to coexist with a low 
gas-phase concentration.

Formation of Halide Films. Early work on the 
growth of halide films on silver at temperatures of 
200-400° established that a parabolic rate law applied 
and provided evidence to support the cationic diffusion 
mechanism proposed by Wagner.13 More recently it 
has been claimed that this mechanism is also operative 
down to room temperature,14'15 although the supporting 
data are less convincing. In the present work the 
rate law for Cl2 is a logarithmic rather than a parabolic 
one and the activation energy we found for the re
action (22 kcal mol-1, 100-150°) is substantially higher 
than the activation energy of cationic conduction in 
AgCl calculated from results obtained by Compton16 
(8.4 kcal mol“ 1) for the same temperature range and 
indicates that a different mechanism becomes effective 
below 150°. This change could be due to impurities 
which are known to have a marked effect on the 
diffusion mechanism in silver halides and are reported 
to become more effective in AgCl below 150°C.17 
While the rate of growth of AgBr and Agl films follow 
parabolic laws, the films are polvcrystalline and porous 
and as the ionic conductivity at low temperatures 
is a structure-sensitive property18 any comparison of 
parabolic rate constants with values calculated from 
Wagner’s theory would need to take account of this 
fact. From this and other considerations the similarity 
in the values of activation energy of the bromine 
reaction at temperatures of 25-125° to that of the 
cationic conductivity of Ag in AgBr17 does not nec
essarily support a Wagner-type mechanism. On the 
other hand the direct proportionality between the 
parabolic rate constant and I2 pressure would appear 
to contradict the existence of this type of mechanism 
in the case of Agl film formation at low temperatures.

We observed an apparent small change in the rate

during the growth of Agl films at a thickness of ap
proximately 0.4 X 10~4 cm (see Figures 5 and 6) 
which is accompanied at a slightly greater thickness 
by an increase in the light-scattering coefficient of 
the film. The rate change may be an apparent one 
due to structural changes in the film affecting the 
optical method of measurement or such changes could 
be responsible for actual variations in rate. Similar 
behavior was indicated with AgBr films but could 
not be established unequivocally due to the greater 
opacity of the films.

The only linear film growth rates previously noted 
for molecular halide reactions with silver occurred 
when traces of H20  ar.d CCL were present14 and much 
smaller rates than those for the pure halogen vapors 
were obtained. In these cases the rate-determining 
factor was attributed t i  phenomena occurring at the 
film-gas interface. The results presented here for the 
halogen atoms show that linear rate laws apply for 
Cl, Br, and I, respectively. At low atom concen
trations, first-order kinetics appear to be obeyed 
and the reaction probaoility of the atoms is close to 
unity; furthermore, this very high value is maintained 
over considerable film t lickness except for a relatively 
small decrease in the case of Cl. At high atom con
centrations the rates for Cl and Br are independent 
of film thickness up to the limits allowed by the method 
and are several orders of magnitude greater than those 
obtained at any appreciable film thickness for the 
molecules. Despite the slight difference in appearance 
of films formed by atoms and molecules, respectively, 
the rates of film growth do not depend on the species 
used for the initial film formation. Thus all films 
afford considerable protection to further attack by 
halogen molecules but are penetrated with considerable 
ease by halogen atoms, and the kinetics suggest con
trol at the silver-silver halide interface.

Previously it was noted that halide films formed 
by molecular halogens on silver are porous. It is 
probable that the films formed at lower temperatures 
and more rapidly by atomic attack are no less porous 
and that the passage of atoms occurs through the 
labyrinth of crystallite boundaries, subboundaries, and 
other structural imperfections which account for the 
porosity. The Pilling-Bedworth19 ratios for AgCl, 
AgBr, and Agl are 2.5, 2.8, and 4.0, respectively, and 
the growth of films from the metal surface with the

(13) C. Wagner, Z. Phys. Chem., 32B, 447 (1936).
(14) D. M. Smythe and M. Cutler, J. Electrochem. Soc,, 106 (2), 
107 (1959).
(15) J. L. Weininger, ibid., 105, 577 (1958).
(16) W. D. Compton, Phys. Rev., 101, 1209 (1956).
(17) R. J. Friauf, ibid., 105, 843 (1957).
(18) J. W. Mitchell in “ Chemistry of the Solid State,”  W. E. Gamer, 
Ed., Butter worth and Co. London, Ltd., 1955, p 316.
(19) N. B. Pilling and R. E. Bsdworth, J. Inst. Metals, 29, 529 (1923).
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resulting intrusion of large volumes of products at 
this location might be expected to cause considerable 
disruption of the film compared with growth from 
the film-gas interface which would occur if a Wagner-

type mechanism prevailed. Further work which 
should establish whether in the case of halogen molecules, 
the growth occurs at the halogen-silver halide or the 
silver halide-silver interface, is planned.

Mass Spectrometric Investigation of the Fragmentation Pattern 

and the Pyrolysis of Borane Carbonyl1

by O. Herstad,2 G. A. Pressley, Jr., and F. E. Stafford
Department of Chemistry and the Materials Research Center, Northwestern University, Evanston, Illinois 60201 
(Received July 14, 1969)

Borane carbonyl, BH3CO, and its pyrolysis have been investigated using a mass spectrometer as the detector of 
a molecular beam issuing from a flow reactor. The high resolution of the instrument and a movable beam de
fining slit made it possible to distinguish between residual background, background caused by the effluent from 
the reactor, and the molecular beam molecules (i.e., pyrolysis effects in the ion source were eliminated) and also 
to discern reactive intermediates. The first mass spectrum of BH3CO free of pyrolysis products is reported as 
well as a clear-cut identification of borane, BH3, formed in the pyrolysis. Pressures of BH3 about six times 
greater than that of the other product, B2H6) were obtained. This confirms the identification and the mass 
spectrum of BH3 formed from B2He. The ion BHO+ was observed at high temperature and may be due to 
BH2OH.

Introduction
Borane, BH3, has long been postulated as a reactive 

intermediate in formation and dissociation processes 
for polyboranes and other borane compounds.8-6 
However, the only direct identifications of BH3 have 
been by mass spectrometry.7-9 Of these, only one 
paper reports a mass spectrum of BH3, in that case 
produced from B2H6.9

To our knowledge, at least three laboratories have 
attempted to use various optical spectrometric tech
niques including matrix isolation to identify BH3 pro
duced by pyrolysis or flash techniques from a variety of 
compounds; none has yet been successful enough to 
publish.

In addition, mass spectrometry involves ionization, 
fragmentation, and possibly excitation. In particular, 
the process B2H6* (excited) ->  BHS+ could account for 
the results of Baylis, et al.9 Therefore, means were 
sought to produce BH3 in high yield and to replicate 
the mass spectrum of BH3 produced from a source other 
than B2H6.

Borane carbonyl has been extensively investi
gated8’10-14 and seemed to be a propitious starting mate
rial because of its reported pyrolysis mechanism10-14

BH3CO BH3 +  CO — >  (1)

and because of a previous mass spectrometric study8 of 
its pyrolysis from which was reported formation of 
BHa.

Neither a mass spectrum of BH3CO free of pyrolysis

(1) Supported by the United States Atomic Energy Commission, 
Document No. COO-1147-31. The acquisition and maintenance of 
the mass spectrometer facility was made possible by grants from the 
Materials Research Center, the AEC, and the University. Presented 
at 3rd Great Lakes Regional Meeting of the American Chemical 
Society, Northern Illinois University, DeKalb, 111., June 5, 1969.
(2) Institute of Inorganic Chemistry, Technical University of Nor
way, Trondheim, Norway.
(3) R. M. Adams, “ Boron, Metallo-Boron Compounds and Boranes,” 
Interscienee Publishers, New York, N. Y., 1964.
(4) R. T. Holzmann, "Production of the Boranes and Related 
Research,” Academic Press, New York, N. Y., 1967.
(5) W. N. Lipscomb, “ Boron Hydrides,” W. A. Benjamin, Inc., New 
York, N. Y „ 1963.
(6) A. E. Stock, "Hydrides of Boron and Silicon,” Cornell University 
Press, Ithaca, N. Y., 1933.
(7) T. P. Fehlner and W. S. Koski, J. Amer. Chem. Soc., 86, 2733 
(1964).
(8) T. P. Fehlner and W. S. Koski, ibid., 87,409 (1965).
(9) A. B. Baylis, G. A. Pressley, Jr., and F. E. Stafford, ibid., 88, 2428
(1966).
(10) A. B. Burg, ibid., 74, 3482 (1952).
(11) S. H. Bauer, ibid., 78,5775 (1956).
(12) Y. C. Fu and G. R. Hill, ibid., 84, 353 (1962).
(13) M. E. Garabedian and S. W. Benson, ibid., 86, 176 (1964).
(14) G. W. Bethke and M. K. Wilson, J. Chem. Phys., 26, 1118 
(1957).
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or other impurities (except for a preliminary result 
from this laboratory15) nor that of BH3 produced from 
it has been reported.

Subsequent to the start of our work Fehlner and 
Mappes16 reported a reinvestigation of the BH3CO 
pyrolysis at higher pressures and longer contact times 
than those to be reported on below. Diborane was 
observed in large quantities, but BH3 was barely dis
cernible.

In this paper is reported a reinvestigation of the 
pyrolysis of BH3CO in a flow reactor. The dissociation 
of BH3CO and the reaction products, including inter
mediates, have been studied as a function of temperature 
by means of molecular beam mass spectrometry. In 
addition to the study of the dissociation process, the 
molecular beam fragmentation pattern (i.e., that free 
of effects of pyrolysis) of BH3CO has been determined 
and is reported for the first time.

Experimental Section

Borane carbonyl was synthesized using the method of 
Burg and Schlesinger,17 as modified by J. C. Carter,18 
by treating B2H6 with CO at 20 atm. Diborane (96% 
10B and 4% nB) was prepared by the LiAlH4 reduc
tion of 10BF3-Et2O. Borane carbonyl thus produced 
was purified by trap-to-trap distillation in an all-glass 
apparatus and stored at —196° (liquid N2). During 
the experiments, the sample was kept in a Pyrex con
tainer at —160.5° (isopentane slush), at which temper- 

ture the pressure of BH3CO is 4 X  1CD2 Torr.17 At 
ne entrance of the inlet system the pressure was re- 
uced by a metering valve to 7 X 10_4 Torr, as deter
mined from the ratio of ion intensities at the opening 
ised and at the full opening of the valve. The rest 
of the inlet system, the furnace, the movable beam de
fining slit (called the “ shutter” ), and the ion source 
region were the same as described earlier.9 The only 
change was that the reactor in this case was made of 
molybdenum (instead of stainless steel) and had a lid 
with a knife-edged slit of 0.2 cm2, giving a calculated18 
contact time of 1.8 msec.

The molecular beam effusing from the reactor usually 
was ionized by 70-eV electrons except when appearance 
potential measurements were made. The ions formed 
were accelerated through 4000 V, mass analyzed, ac
celerated through an additional 3200 V, and detected 
by a 20-stage Cu-Be secondary electron multiplier.

Appearance potentials (AP) were measured by the 
vanishing current method, using ionization efficiency 
curves made automatically with an X -Y  recorder.20 
Argon, leaked directly into the mass spectrometer, was 
used as the calibrant.

Identifications of ions and their neutral progenitors 
were accomplished using mass number, mass defect, 
isotopic ratios, shutter effect,21'22 and intensity variation 
as a function of temperature.

All ion current readings at “ centered”  and “ dis
placed”  shutter settings were time averaged. These 
averages and the instrument settings were read directly 
into a DEC (Digital Equipment Corporation, May
nard, Mass.) PDP-8/S digital computer which was 
programmed to calculate total ion current (amperes), net 
molecular beam ion current, shutter percentage,21 
“ grid”  currents, and gain. These data were imme
diately printed out on a Teletype, and were also stored 
in core or on a disk memory so they could later be put 
out on tape for further calculations in the University’s 
central computer facility.

Data and Results
Fragmentation Pattern of BH3CO. The fragmenta

tion pattern of 10BH3CO was determined from the mass 
spectra obtained with the reactor at temperatures of 
290—150° K, over which range it remained nearly 
constant and where no thermal decomposition could be 
observed.

Shutterable mass peaks were observed in three mass 
regions: (1) m/e =  42. 41, 40, 39, and 38; (2) m/e 
=  24, 23, and 22; (3) m /i =  13, 12, 11, and 10. That 
part of the mass spectrum assigned to BH3CO, and in 
some cases stripped of contributions from trace amounts 
of B2H6, is given in Table I.

The entire mass range m/e =  43 to 75 was searched. 
No peaks were observed our detectability limit was 
0.05% of the reference peak.

Region (1) can then be assigned to the ions BH3CO+, 
BH.CO+, BHCO+, and BCO+. The major molecular 
beam mass peak in this group is at m/e =  39 (mainly 
10BHCO+); m/e = 42 is due to the ion species nBH3- 
12CO+ and 10BH313CO+. The measured ratio 7(42+)/ 
7(41+) was 0.047, compared to 0.049 calculated from 
the isotopic contributions of UB23 and 13C24 (4% UB and 
1.1% 13C).

(15) Private communication. Earlier measurements on BH3CO done 
at this laboratory by S. M. Schildcrout.
(16) Private communication. Preliminary report on the thermal 
decomposition of borane carboryl, BH3CO, by T. P. Fehlner and G. 
W. Mappes, Aug 1968; J. Phys Chem., 73, 873 (1969).
(17) A. B. Burg and H. I. Schlesinger, J. Amer. Chem. Soc., 59, 780 
(1937).
(18) J. C. Carter, Ph.D. Thesis, University of Michigan, Ann Arbor, 
Michigan, 1961.
(19) S. Dushman, “ Scientific Foundations of Vacuum Technique,” 
2nd ed, revised by J. M. Lafferty, John Wiley & Sons, Inc., New York, 
N. Y., 1962.
(20) R. J. Loyd and F. E. Stafford in “ Mass Spectrometry in Inor
ganic Chemistry,”  Advances ir. Chemistry Series, No. 72, American 
Chemical Society, Washington, D. C., 1968, pp 127-136.
(21) The movable beam defining slit (“ shutter” ), located between the 
crucible orifice and the ion source, permitted differentiation of species 
originating from the crucible, the crucible lip, the radiation shields, 
and the residual background gases. The ratio of molecular beam to 
total ion intensity at a given mass peak is called the “ percentage shut
ter effect.”  Highly reactive species, which are expected to be de
stroyed by every collision with the vacuum chamber walls, have high 
shutter effects (~100% ), while stable species have small ones (e.g., 
5-10% for Ar at these temperatures).
(22) F. E. Stafford, G. A. Pressley, Jr., and A. B. Baylis, ref 20, 
pp 137-152.
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Table I : Observed and Stripped Molecular Beam 
Mass Spectra of BH3CO

m/e
96% »OB, 

rel intensity Ion Rel int®

42 2.6
41 62.0 “ BH3CO + 59.
40 83.0 b h 2c o + 79.
39 100.0 BHCO + 100.
38 0.86 BCO- 0.86
24 0.15 BH2C + 0.10
23 1.2 BHC+ 1.2
22 0.6 BC + 0.6
13 1.1 b h 3+ ~ 0 6
12 28.1 b h 2+ 28.
11 14.5 BH + 14.3
10 6.4 B + 6.4

“ Calculated from column 2 assuming 4% UB. See ref 23. 
6 See text.

Mass peak 23 was the most intense peak in mass re
gion (2). The intensity of mass peak 25 was not mea
surable except during the first experiment after changing 
to a new sample of 10BH3CO. Since mass peak 25 is 
the major peak in the molecular beam mass spectrum of 
>°B2H6,9 this behavior indicates that a small amount of 
diborane was present initially as an impurity. Conse
quently mass peaks 24, 23, and 22 were assigned to the 
ionic species 10BH2C + (isoelectronic with CN+ and 
C2), I0BHC+, and 10BC+, respectively. These assign
ments agree with those of Fehlr.er and Koski,8 who 
were unable to report relative intensities. In mass 
region (3), the ratios 7(10+)/7(39+), 7 ( l l +)/7(39+), 
7(12+)/7(39+), and 7(13+)/7 (39+) were nearly constant 
below 500°K, indicating that these mass peaks are due 
to the fragments B +, BH+, and BH2+ from BH3CO. 
The BH3+ ion seems not to be formed by fragmentation 
of BH3CO since the measured ratio 7(13+)/7(12+) =  
0.037 is smaller than that calculated from the nominal 
isotopic contribution of 4%  UB, specified by the sup
plier.23 The monoisotopic molecular beam mass spec
trum calculated, assuming 4.0% UB, of 10BH3CO is 
given in Table I, column 4.

Thermal Dissociation of BH3C0. The thermal dis
sociation of BH3CO started at about 500°K, as seen 
from the drop in the intensity of m/e =  39 (10BHCO+) 
in Figure 1. Above this temperature the intensities of 
the mass peaks 38, 39, 40,41, and 42 all dropped steadily 
with increasing temperature. However, a slight change 
(Figure 2) in the ratio 7(41+)/7 (39+) was observed just 
below the temperature where the pyrolysis started, 
dropping from 0.62 (the value obtained in the low tem
perature range) to about 0.55 in the pyrolysis range. 
Similar changes were not observed for the other inten
sity ratios as seen from Figure 2.

Above 500°K, where the intensities of the fragments 
from BH3CO were decreasing, the intensities of the mass 
peaks 22, 23, 24, 25, and 26 increased, reached a maxi-

O. Herstad, G. A. Pressley, Jr., and F. E. Stafford

T °K

Figure 1. Variation in ion current X \ /  T /To with reactor 
temperature. T  is the variable temperature and To is a 
reference temperature (404°K). The factor \ /T /T o  is 
introduced to correct for changing molecular beam 
velocity with temperature.

mum at about 700°K, and fell off rapidly at higher tem
peratures as shown in Figure 3. The measured ratios 
7(24+)/7(25+) =  0.48 and 7(22+)/7(25+) =  0.56 are in 
fair agreement with the respective values 0.44 and 0.52 
obtained for diborane at this laboratory.9

The observed ratio 7(26+)/7(25+) =  0.2 over the 
range 500-740°K. This is about three times that re
ported for diborane,9 indicating possibly that a small 
amount of another neutral species contributed to mass 
peak 26. However, the low absolute intensity of mass 
peak 26 makes measurement of its relative intensity 
uncertain. Thus, the molecular beam ion intensities at 
mass peaks 22, 23, 24, 25, and probably 26 are assigned 
to ion fragments from diborane in the pyrolysis region 
above 500°K.

Mass peak 27 also was shutterable above 500°K, and 
increased rapidly with temperature without reaching a 
maximum at 700°K as shown in Figure 3 (see also the 
figure caption). The ratio 7(27+)/7(26+) increased 
from about 2 at 500°K to 23 at 739°K at which tem
perature it has a 30% shutter effect. This shows that 
the neutral species giving rise to the ion current at m/e

(23) Analysis given by the supplier, United States Atomic Energy 
Commission, Oak Ridge, Tenn., claims a minimum of 96% 
10B. Therefore, the concentration of nB may be less than 4% in some 
samples.
(24) “ Chart of the Nuclides,”  Knolls Atomic Power Laboratory, 
Naval Reactors, U. S. Atomic Energy Commission 9th ed, Revised 
to July 1966.
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Figure 2. Relative ion intensities at m /e 38, 40, and 41 as 
percentages of m/e 39 vs. temperature.

27 makes little or no contribution to the current at mass 
peak 26. In experiments in which 10BH3CO and nB2H6 
where admitted simultaneously (see below), this peak 
was observed to grow in just down of mass nB2H5+. 
Accordingly, this peak at m/e 27 formed from a pyroly
sis product of 10BH3CO is assigned to the ion 10BHO+. 
The excess intensity observed at m/e = 26 (relative to 
7(25+)) may be due to 10BO+, but this must be formed 
independently of 10BHO+.

The molecular beam intensities at m/e 10,11,12, and 
13 increased both absolutely and relatively. The ratio 
7(13+)/7(12+) increased from 0.037 to 0.36. Since the 
only known borane that gives any appreciable BH3+ on 
fragmentation is BH3, this is strong evidence for the 
formation of monoborane.

In addition to the increasing intensities of the mass 
peaks in the monoborane region, their shutter percen
tages21 increased strongly with temperature as shown in 
Figure 4. This also points clearly to BH3 neutral. The 
shutter percentage for mass peak 13 is expected to be 
100% if no other ion species contribute to that peak. 
In this case, however, nBH2+ from BH3CO was not 
resplved from the I0BH3+.

By using the known mass spectra of B2H6 and BH3CO 
to subtract out the contributions due to fragmentation 
of BH3CO and B2H6 we deduce the mass spectrum of 
BH3. The monoisotopic mass spectrum of 10BH3 is 
obtained by further subtracting out a 4%  isotopic23 
contribution from irB. These residual intensities of 
10BH+, 10BH2+, and 10BH3+ are shown in Figure 5 as a 
function of temperature. The average mass spectrum 
of BH3, obtained for the temperature range 640-740°K,

Figure 3. Variation in the ion currents at m /e 22, 24, 25, 
26, and 27 as a function of temperature. Not shown on the 
graph is the ion current for 27 + equal to 4.5 X 10-11 A at 
739°K; % shutter effect = 30%, while for m/e 22-26 it is 
6-7% at this temperature.

Figure 4. Shutter percentages for m/e 11, 12, and 13 as a 
function of temperature.

is given in Table II. As shown in the table, this mass 
spectrum of 10BH3 is in good agreement with the only 
other reported mass spectrum.
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Figure 5. Ion currents of 10BH+, 10BH2+, and 10BH3 + 
as a function of temperature. The contributions due to 
fragmentation of BH3C0 and B2H6 at these masses have been 
subtracted out. Note that these ion currents are 
substantially higher than those in the diborane region as 
shown in Figure 3.

Table II: Comparison of Monoisotopic Molecular Beam Mass
Spectrum of 10BH3 Formed from BH3CO and from B2H6

-Starting material-
Ion BHaCO BaH,“

“BH3+ 37 31
i0BH2+ 100 100
“BH + 16 16
ioB + 9 8

“ Reference 9. See this paper for a comparison with BX3 
(X = halogen) and other MnlX 3 mass spectra.

It now must be shown that the BH3 spectrum re
ported above does indeed come from BH3 neutral pro
duced from BH3CO, and not from the B2H6 produced as a 
side product in the reaction. In order to resolve this im
portant problem, nB2H6, containing the normal isotopic 
composition of boron24 (20% 10B and 80% nB), was 
leaked into the mass spectrometer together with
10BH3CO (96% 10B) at 769° K  (the highest temperature 
used in the earlier experiments). Since the major peak 
in the mass spectrum of nB2H69 is at m/e =  27 and nBH3 
from it is observed at m/e =  14, it was possible to study 
the pyrolysis of nB2H6 in presence cf the pyrolysis prod
ucts from 10BH3CO.

From the mass spectra of * 10B2H6 (96% 10B) and 
nB2H6 it can be calculated that at equal ratios of 10BH3/  
10B2H6 and nBH3/ nB2H6 for the respective diboranes, 
the intensity ratio 7(14+)/7(27+) (for nB2Ha) should be
1.6 times that of 7(13+)/7(25+) (for 10B2H6, 96% 10B).

Mass peak 27 from nB2H6 was observed at the high 
mass side of 10BHO+ from the pyrolysis of 10BH3CO, 
and the two ion peaks were completely resolved. 
nB2H6 was admitted in such an amount that its shutter- 
able intensity at m/e 27 was about the same as that 
for 10B2H6 at m/e 25.

The measured ratio 7(14+)/7(27+) =  4.05 X 10-2 
for the pyrolysis of nB2H6 is to be compared with 
7(10BH3+)/7(25+) =  2.1, the latter obtained for the py
rolysis of 10BH3CO just before nB2H6 was introduced. 
The small value for 7(14 +)/7(27 +) shows that very little 
BH3 is being formed from B2H6 under the experimental 
conditions (reactor, material, pressures, contact time) 
used. Therefore, the BH3 observed is formed directly 
from the pyrolysis of BH3CO. The agreement between 
the mass spectra for BH3 obtained in this work and that 
reported9 earlier confirms that the latter also was due to 
BH3 neutral.

The appearance potential for BH3+ was measured 
using higher resolution than usual. With the exit slit 12 
X 10-3 in., the ions 10BH3+ and nBH2+ were resolved. 
The electron energy scale was calibrated by setting the 
measured AP(Ar+) =  IP(Ar) =  15.75 eV.26 The 
corrected value for AP(BH3+) was found to be 14.0 ±  
2 eV. The large uncertainty is due to the low molecular 
beam intensity of BH3+.

The obtained AP(BH3+) is 2-2.5 eV higher than 
earlier reported values, 11.4 ±  0.27 and 12.32 ±  0.1,26 
and probably is due to the low beam intensity.

Yield of BHz and B2H6. The ratio between mono- and 
diborane is nearly constant in the pyrolysis region, as

13
shown in Figure 6 (top) where the ratio 5 = 2  7(7+)/

i'=1026
2  7(7+) is plotted vs. temperature. If the secondary 
¡ = 22
electron multiplier gains are equal and the cross sec
tion27 for the ionization of diborane is about twice that 
of monoborane, the ratio p(BH3)/p (B 2H6) is about 5.6. 
If anything, the secondary electron multiplier gain for 
B2H„+ ions is greater than that for BEL + ions, changing 
this ratio in favor of BH3.

The formation of BH3 and B2H6 relative to the loss of 
BH3CO is shown in Figure 6 (bottom), where

(25) C. E. Moore, “Atomic Energy Levels,” Vol. 1 and 2, National 
Bureau of Standards, Circular 467, U. S. Government Printing Office, 
Washington, D. C., 1949, 1952.
(26) J. H. Wilson and H. A. McGee, Jr., J. Chem. Phys., 46, 1444
(1967).
(27) S.-S. Lin and F. E. Stafford, ibid., 47, 4664 (1968); the argu
ments of this paper show that the arguments given by F. E. Stafford 
(ref 20, p 153) for the validity, and for the small deviations from the 
“ additivity rule” for cross sections are roughly valid also for the 
2(r;2) method of calculating cross sections.
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-  13 26 -| p ji

E  i(i+) +  E  ia +) V tT
- i= 10 ¿ = 22 J ' - l Oa =  --------------------------------- j= ---------
7(39+ )t „ -  7(39+)

is plotted vs. temperature. T is the variable temper
ature, and T0 =  404°K is a reference temperature. 
As seen from Figure 6, the loss of BH3CO to products 
other than mono- and diborane rapidly increases up to 
about 600°K, and then becomes constant up to 740°K. 
By assuming 100% yield at 535°K, we find that at the 
maximum intensity of BH3 and B2H6, at about 700°K, 
the yield is only 20% or less. The maximum yield of 
boranes from the total amount of BH3CO introduced is 
obtained at about 740°K, also being 20% or less.

This low yield shows that other products must be 
formed. One possibility was indicated in an earlier 
result from our laboratory,16 when some evidence for the 
formation of higher boranes was observed using higher 
inlet pressure and contact time for the reactor, which in 
that case was made of stainless steel.

In the present work, attempts were made to replicate 
the earlier result using the same experimental condi
tions, except that the reactor was made of molybdenum. 
No or very little evidence for higher boranes was ob
served, even when a mixture of B2H6 and BH3CO was 
introduced and reacted at temperatures between 450 
and 600°K.

The earlier result15 may be due to a catalytic effect 
from stainless steel (<0.08% C, 2% Mn, ~ 8 %  Ni, 
18-20% Cr) not obtained with molybdenum.

Thus, the observed, but unexplained loss of borane 
supports earlier work,16 which reports free hydrogen 
(not recorded in the present work) as a significant 
pyrolysis product from BH3CO, as well as the invariable 
observation in this laboratory and others of dark de
posits on the reactor walls. Longer contact times for 
the reactor results in a larger yield of B2H6 in agreement 
with the observations of other workers.1616

A referee has asked us to comment about why a 
molecule that decomposes measurably rapidly at 0CC 
is observed here to decompose only at 500°K  (227 °C), 
as shown in Figure 1. The preexponential factor of 
the rate constant for reaction 1 has been estimated by 
Garabedian and Benson13 to be 10 exp(14.4 ±  0.5) 
and the activation energy to be less than 23.7 kcal/mol. 
This leads to characteristic (1/e) decomposition times 
of 10 exp (0 ±  1) msec, in good agreement with the flow 
time of the reactor of 1.8 msec. The problem, however, 
is more complicated. Under the present conditions, 
the mean free path is long compared to reactor dimen
sions and gas-wall collisions predominate. The reactor 
surface, created by decomposition of the borane car
bonyl, is at best poorly characterized, as indicated by 
the review of Newkirk;28 we have mentioned above 
that higher molecular weight products of the reaction 
seem to depend on whether a stainless steel or molyb-

Figure 6. Crosses (bottom curve), left-hand ordinate: Yield 
of BHs and BiHe vs. loss of BH 3C O  as a function of temperature. 
The quantity a gives the yie:d as the total amount of mono- 
and diborane relative to the loss of borane carbonyl. The 
intensities of m /e  10, 1 1 , 12, and 13 are stripped of the 
contributions due to fragmentation of B H 3CO . Circles (top 
curve), right-hand ordinate: Ratio between mono- and 
diborane intensities as a function of temperature.
The intensity ratios, b, average to 2.8, indicating that there is 
about six times as much BHs as B2H6 present; see text 
for definitions of a and b.

denum substrate is used Furthermore, the question is 
more general and involves the ability of a gas to equili
brate with a surface. It thus involves all “ double 
Knudsen cell”  experiments in which a sample is vapor
ized from one compartment held at a constant tem
perature and caused to dissociate in a second held at a 
higher, variable temperature. The most extreme cases 
where the equilibration problem is recognized are those 
in which BH3, BH2R, and/or various hydrocarbons seem 
to be formed by gas phase reactions and then survive 
many collisions with surfaces at ~2000°.29,30 Dis
crepancies, however, between double Knudsen cell 
results and other results seem to indicate that this 
problem is more widespread and serious than previously 
believed.

Since this paper was completed and submitted, 
Ganguli and McGee31 have reported an electron impact 
study of borane produced by pyrolysis of BH3CO. 
They do not, however, report a mass spectrum of BH3. 
Borane and BH3+ both are believed to be planar, while

(28) A. E. Newkirk, “ Prep iration and Chemistry of Elemental 
Boron,”  Advances in Chemistry Series, No. 32, “ Borax to Boranes,” 
American Chemical Society Washington, D. C., 1961, p 35.
(29) S. J. Steck, G. A. Pressley, Jr., and F. E. Stafford, J. Phys. 
Chem., 73,1000(1969).
(30) S. J. Steck, G. A. Pressley, Jr., S.-S. Lin, and F. E. Stafford, 
J. Chem. Phys., 50, 3196 (1963).
(31) P. S. Ganguli and H. A. McGee, Jr., ibid., 50, 4658 (1969).
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the -B H 3 groups in both diborane and borane carbonyl 
are not planar. The BH3+ ions formed by fragmenta
tion of these molecules, therefore, are likely to have 
appreciable internal and translational energy. Con
sequently the value D(BH3-B H 3) =  59 kcal/mol 
derived from appearance potentials31 must be taken 
as an upper limit.

Mappes and Fehlner32 report a high absolute yield 
synthesis of borane from the carbonyl. The BH3 mass 
spectrum reported by them is in excellent agreement 
with those given in the present Table II.

Conclusion
The molecular beam mass spectrum of BH3CO be

lieved to be free of pyrolysis products and other impur
ities has been obtained for the first time and is shown 
to have fragments of the type BHZC + in addition to 
BH„CO+ (y =  0,1, 2, 3) and B H r(x  = 0,1, 2); BH3+ 
not formed in measurable amounts.

Pyrolysis of BH3CO under the specific conditions used 
in this investigation, low inlet pressure and short con
tact time for the reactor, gave a high enough concentra
tion of BH3 that it could be identified clearly and its 
molecular beam mass spectrum obtained. This spectrum 
agrees with that obtained earlier from B2H69 and used in

interpreting results obtained for the high-temperature 
reaction of B<tC with H2,29 thus confirming the identifi
cation and quantitative estimates of BH3 concentration 
in the latter29 case.

Destruction of BH3CO to products other than BH3 
and B2H6 takes place through the whole temperature 
range where the pyrolysis is studied, and is in dis
agreement with the assumptions of a previous kinetic 
study.8 The ion BHO + as well as hydrogen and black 
deposits in the reactor also were observed. Por
ter reports33 that evidence for BH2OH is observed when 
BH3CO is decomposed by flowing through a hot quartz 
tube and the products are condensed in a rare gas 
matrix. Our observation of BHO + is consistent with 
the previous observation of BH2OH.34
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The Hydrogen-Deuterium Exchange of Benzene at a Fuel Cell Electrode

by H. J. Barger, Jr., and A. J. Coleman
Energy Conversion Research Division, U. S. Army Mobility Equipment Research and Development Center, 
Fort Belvoir, Virginia 22060 (Received June 11, 1969)

The hydrogen-deuterium exchange of benzene at a fuel cell electrode was studied at 0.30 V. After electro
chemical pretreatment the electrode was potentiostatically held at 0.30 V as benzene passed over the electrode 
surface. The amount of exchange increased rapidly for 1-2 min then abruptly diminished. The percentage 
of the various deuteriobenzenes ranging from C6H5D to C<>D6 suggests at least two types of exchange reactions, 
both of which occur concurrently.

Elucidation of the anodic oxidation reaction mecha
nism of hydrocarbons has been of interest for several 
years as a key step in the development of practical fuel 
cells which directly oxidize logistic fuels such as combat 
gasoline and kerosene. An important part in the over
all mechanism is the initial adsorption and bonding of 
the hydrocarbon to the electrocatalyst. Recently 
hydrogen-deuterium exchange has been used to study 
the adsorption of propane on a fuel cell electrode.1 
Most of the material removed from the electrode by the 
cathodic pulse was completely deuterated. These

results suggested that the intermediate species on the 
surface were highly mobile and that carbon-catalyst 
and carbon-hydrogen bonds could be made and broken 
very easily. In this paper, the isotopic exchange of 
benzene at a fuel cell electrode is reported. Benzene is 
a common component of many logistic fuels and has 
been shown to be extremely detrimental to the oxida
tion of alkanes on platinum electrodes.2 By studying

(1) H. J. Barger, Jr. and A. J. Coleman, J. Phys. Chem., 72, 2285
(1968).
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the hydrogen-deuterium exchange of benzene under 
conditions similar to those of an actual fuel cell, it was 
hoped that some information could be obtained as to 
how benzene adsorbed, what its structure on the 
surface was, and thus the reason why benzene acts as an 
electrocatalyst poison. In addition, the many nonelec- 
trochemical exchange studies of benzene on platinum 
could be compared to exchange at the electrode and 
would perhaps aid in the interpretation of these results.

Experimental Section
Apparatus and Materials. The electrochemical cell 

and circuitry used in these experiments have been de
scribed previously.3 The working electrode was an 
American Cyanamid Type LAA 25 consisting of 25 m g/ 
cm2 of platinum pressed together with 25 wt %  Teflon 
on a tantalum screen. A Teflon film was applied to the 
gas side of the electrode for wet-proofing. The helium 
carrier gas used in these experiments was 99.99% min
imum purity and was used as received. The benzene, 
Fisher spectroquality, and the electrolyte, Brinkmann 
Instruments 85% perdeuteriophosphoric acid with a 
99% deuterium content, were also used as received. 
The flow system diagrammed in Figure 1 was connected 
to a CEC 21-130 mass spectrometer equipped with a 
CEC 5-124 oscillograph which allowed scans between 
mass 76 and 100 to be made in 2 sec or at the rate of 30 
per min. By manipulation of valves 1, 2, and 3, helium 
could be passed over the working electrode or through 
a benzene saturator and the resulting mixture used as 
the reactant. Flow rates, 0.5 to 2.0 ml/sec, were con
trolled with a capillary flow meter and a precision needle 
valve, which were calibrated with a bubble flow meter. 
A benzene concentration of 2.8 X 10~7 mol/ml was 
used most often since this represented the best com
promise between good mass spectrometer sensitivity and 
electrode life. Reactant concentrations were deter
mined by weighing the amount of benzene collected at 
liquid nitrogen temperature for 10 min at each flow 
and saturator temperature. The benzene saturator 
and cell temperatures were controlled to ±0.1°, and 
were monitored continuously with calibrated iron-con- 
stantan thermocouples connected to a Hewlett-Packard 
7100 B dual channel strip chart recorder with a full 
scale range of 1 mV.

Experimental Procedure. Before conducting an ex
periment, a pretreatment procedure4 was followed to 
prepare a reproducible catalyst surface and to determine 
the electrochemical surface area.5 While sweeping with 
helium, the working electrode was held for 25 min at
1.35 V vs. the dynamic hydrogen electrode,6 dhe, in the 
same medium whereby the catalyst surface and species 
on the surface were oxidized. The potential was then 
lowered to 0.05 V for 3-5 min to reduce the platinum 
oxide. Next the potential was raised to 1.35 V for 5 
min followed by cathodically pulsing the working elec
trode at a constant current of 1.0 A. A Hewlett-

T
TO VACUUM PUMPS

Figure 1. Diagram of flow system: T, helium supply; M, 
mercury manometer; N, needle valve; F, capillary flow 
meter; S, benzene supply and constant-temperature bath; 
P, preheater; V, valves; C, electrochemical cell and oven; 
Tc, thermocouples.

Packard 7001A time based X -Y  recorder was used to 
record the cathodic charging curve from which the 
surface area was calculated assuming 210 /xcoul/real 
cm2 for a monolayer of hydrogen.7 Then the potential 
was held at 0.3 V, the potential of interest, until the 
deposited deuterium fro m the cathodic pulse had been 
oxidized (1-2 min). T ie  adsorption potential, 0.30 V, 
was chosen for this study because it represented a point 
where benzene readily adsorbed but oxidized little.8 
An exchange experiment was started by opening valves 
1 and 3 while simultaneo isly closing valve 2 and starting 
the mass scan. A low ionization voltage (9.45 V) was 
used to minimize fragmentation of the hydrocarbons. 
After 2-5 min, the cell was flushed with helium 
until no peaks were S3en on the oscillogram. The 
electrode was cathodicdly pulsed to remove any ad
sorbed hydrocarbons1 after which the pretreatment 
could be started again.

Results and Discussion
The measured values of the peaks comprising the 

mass spectra were treated with a Mathatron computer- 
calculator to correct fcr naturally occurring isotopic 
contributions to the deuteriobenzenes, to calculate the 
percentage concentration of each deuteriobenzene with 
and without C6H6, and to calculate <£.9 No correction 
for differences in mass spectrometric sensitivities for the 
various deuteriobenzenes was made in these calcula
tions.10 The quantity 4>, mentioned above equals 
ih%  CeH ^Di and reflects the number of hydrogen- 
deuterium exchanges per 100 molecules of benzene,

(2) (a) E. Luksha and E. Y. Weissman, J. Electrochem. Soc., 116, 120
(1969) ; (b) J. F. Lennon, E. Luksha, and E. Y. Weissman, ibid., 116, 
122 (1969).
(3) H. J. Barger, Jr., and M. L. Savitz, ibid., 115, 686 (1968).
(4) (a) S. Gilman, J. Phys. Chem., 67, 78 (1963) ; (b) S. E. Brummer 
and M. J. Turner, ibid., 71, 2825 (1967).
(5) B. E. Conway and D. Gilroy, Can. J. Chem., 46,875 (1968).
(6) J. Giner, J. Electrochem. &oc., I l l ,  376 (1964).
(7) ’ S. B. Brummer, J. Phys. Chem., 69, 562 (1965).
(8) (a) W. Heiland, E. Gileadi, and J. O’M. Bockris, ibid., 70, 1207 
(1966) ; (b) M. L. Savitz and A. L. Hubbard, J. Electrochem. Soc., 116, 
714 (1969).
(9) J. R. Anderson and C. Kemball, Advan. Catal., 9, 51 (1957).
(10) S. Meyerson, H. M. Grubb, and R. W. Van der Harr, J. Chem. 
Phys., 39,1445 (1963).
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Figure 2. Plot of <j> and per cent C6H6 vs. time.

TIME (SECONDS)

Figure 3. Distribution of benzene isomers vs. time at 1.00 
ml/sec and 60°.

i.e., <f> divided by 600 gives the fraction of hydrogens 
that underwent exchange. Figure 2 is a typical plot 
of 0 and percentage C6H6 vs. time, zero seconds occur
ring when valves 1 and 3 were opened and valve 2 was 
closed. This figure illustrates the facile nature of the 
exchange reaction of benzene on a fuel cell electrode at 
0.3 V. This is in marked contrast to results using 
propane as the reactant1 where no deuterated com
pounds could be detected until the working electrode 
was cathodically pulsed. There are three distinct

Figure 4. Variations of $  at various benzene concentrations 
(in mol/ml X 107): 4.2, • ;  2.8, O; 2.1, X ; 1.7, □ .

regions in the 0 vs. time plot (Figure 2). In the first 
region, 0 increases linearly. After 10-25 sec, de
pending on flow rate, a slope change occurs and some
times even a hump results. This hump is quite promi
nent at 60 and 70°. After this break in the initial 
slope, <t> continues to increase but at a slower rate until 
the maximum is reached whereupon 0 declines. Figure 
2 also shows the nearly symmetrical relationship be
tween 0 and %  C6H6 as a function of time. The change 
with time of the concentrations of all the benzenes under 
the same reaction conditions is seen in Figure 3. As 
would be expected from the large weighting factor of 
6, the shape of the percentage C6D6 plot closely follows 
the shape of the 0 plot (Figure 2). The percentage of 
C6HD5 increases with C6D6 but at a slower rate, and its 
decline after 0max is more gradual. The absolute per
centages of the C6HiD2, C6H3D3, and C9H2D4 compounds 
change very little with time although the relative per
centage increase of each shows some increase after 
0max- The percentage of C6H5D slowly increases after 
0max as C6D6 declines.

The rapidly increasing and decreasing benzene per
centages as a function of time suggested a complex and 
changing process. Additional information was needed 
to gain more of an understanding of these reactions, so 
the process was studied as a function of benzene con
centration, flow rate, and reaction temperature. In 
Figure 4, the effect of benzene concentration on the 
shape of the 0-time plots is shown where the flow rate 
and reaction temperature were not varied. At the 
higher benzene concentrations, the maximum value of
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Figure 5 • (f>m ax  per m2 vs. the mean time in the cell at 60°,
•  ; 70°, X ; 90°, O; and 100°, □ .

4> occurred sooner than at the lower benzene concentra
tions. Generally, the reaction temperature and the 
flow rate caused only minor variations in the <f>-time 
plots. The time to reach the maximum of <f>-time plot 
and the time at which measurable amounts of deuter- 
ated compounds came off the electrode decreased as the 
flow rate increased.

The initial, rapid increase in 4> as a function of time 
followed by a slower increase and finally a decline was 
observed for all reaction conditions. Thus during the 
course of these experiments, steady state was not at
tained. In one extended run in which benzene was 
passed over the working electrode for 1 hr, <f> decreased 
continuously after the maximum. There are 2 unique 
points in time for all experiments, d<f>/dt =  0 or 0max and 
at the first break on the upward slope, d4>/dt ^  constant. 
A plot of the value of <f> at <f>max divided by the surface 
area vs the mean time in the electrochemical cell (volume 
of the cell gas cavity divided by the flow rate) gave a 
family of curves seen in Figure 5. The terms contact 
time and residence time are not used to avoid confusion 
relating to the length of time the reactant spends on the 
catalyst. It was necessary to normalize <f> for surface 
area because the surface area of the working electrode 
as measured by deuterium deposition varied as the 
electrode aged and with temperature, the reason for 
which is beyond the scope of this paper. These data 
(Figure 5 and Table I) were plotted according to the 
first-order equation kr =  1 /S In [1/(1 — <f>/600) ] where 
S is the surface area. The rate constants at the various 
temperatures were obtained from the slopes of the lines 
in Figure 6; the logarithms of these rate constants when 
plotted against the reciprocal temperature gave the line 
in Figure 7. Treatment of the data for <f> at the first 
break in the 4> vs. time plots gave similar results. The 
Arrhenius plots gave activation energies of 2.85 kcal 
mol-1 for the point in time at 4>max and 1.57 kcal mol-1 
for the point at the first break. Table II lists rate con
stants for the process at both points. These rate con
stants may be expressed as In k =  — 2847/E71 +  0.838

Table I

Mean time

T, °K
in cell, 

sec
Surface 
area, m2 $ at $max <f> at break

333 5.6 £.77 425 397
333 3.7 £.69 351 332
333 2.7 6.52 320 280
333 1.5 5.58 205 170
343 5.7 £.26 427
343 3.6 £.41 362 326
343 2.7 £.25 327 240
343 1.5 £.25 222 192
363 5.6 4.93 447.5 410
363 3.5 4.84 372 330
363 2.7 4.87 321 280
363 1.5 5.11 226.5 207
373 5.7 4.71 470 415
373 3.7 4.61 395 347
373 2.7 4.50 324 281
373 1.5 4.71 250 211

Table II

T, °K
k (at <£max)i 

%  sec-1 m“2
k' (at break), 
% sec-1 m”2

333 £.23 3.02
343 £.42 3.30
363 4.46 3.68
373 £.06 3.80

and In k ' =  — 1574/ET — 1.13 for the points at <f>max 
and the first break in the <f> vs. time plot, respectively. 
The low values of the energy of activation at these two 
points in time compared to 10-19 kcal mol-1 previously 
obtained for hydrogen-deuterium exchange of benzene 
on platinum9'11 suggest a diffusion controlled reac
tion.11,12 Diffusion control in a system of this sort is 
not surprising.13 The data were subjected to least- 
square fits in determining the slopes.

We have used the word process to describe the hydro
gen-deuterium exchange occurring in these experiments 
because there seem to be at least two and perhaps more 
types of reactions taking place. One type involves 6 
site multiple exchange and occurs during one residence 
of the benzene on the catalyst. This reaction probably 
accounts for the formation of the C6D6, C6HD6, and 
some of the C6H2D4. The latter two deuteriobenzenes 
occur because the deuterium concentration on the 
catalyst surface is less taan 100%, especially after the 
reaction has been in progress for some time. Support 
for this suggestion is seen in Figure 3 where the C6HD5 
benzene percentage declines much slower than that of

(11) J. L. Garnett and W. A. Sollich, J . Catdl., 2 , 339 (1963).
(12) A. M. North, “ The Collision Theory of Liquids,”  John Wiley & 
Sons, Inc., New York, N. Y „ 1964.
(13) G. C. Bond, “ Catalysis by Metals,”  Academic Press, New York, 
N. Y., 1962.
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Figure 6. First-order plot of data in Table I at <j>max-

103/T°K

Figure 7. Arrhenius plot of data in Table II at <j>mu.

C6D 6 after 0max. The other type of reaction involves 
single stepwise exchange and gives rise to the C6H5D, 
C6H4D2, C6H3D 3, and the remainder of the C6H2D4. Suc
cessive adsorptions on the catalyst or perhaps two, three, 
or four stepwise exchange reactions during one residence 
on the surface could account for C6H4D2, C6H3D3, and 
C6H2D 4. The second possibility might occur after 
benzene <r bonded to the catalyst; the resulting unpaired 
electron or charge could be localized at the ortho or para 
positions allowing subsequent exchange at these posi
tions. If these suggestions are correct, there must be at 
least two different types of reaction sites on the surface, 
one type site for each reaction. Multiple exchange 
would most likely occur when the plane of the benzene 
ring is parallel to the catalyst surface; stepwise, single 
exchange would occur on those sites where benzene ad
sorbed normal to the catalyst surface. Possible modes

Figure 9. Boozer-Lewis treatment for data at <j>max at flow 
rates of 0.48, •; 0.73, X, 1.00, O; and 1.78, □.

of bonding and structures of the reaction intermediates 
have been suggested previously.9'14“ 16

The percentage distribution of the various benzenes 
at 0max normalized on a per square meter basis is seen 
in Figure 8 for a “ medium” flow. At faster flows, there 
was considerably more C6H6, and conversely at slow 
flow rates the percentage concentrations of C6D 6 and 
C0HD5 were larger than at faster flows. It is apparent 
that the time in the cell is more important than tem
perature in determining the product composition. For 
all flows, a U-shaped distribution was obtained with 
the minima at C6H3D 3. At the slow flow rate, there 
was a marked shift toward C6D6 because there was a 
greater chance for additional residences of the benzene 
on the surface. Wei17 has pointed out that distribu
tions of this sort suggest diffusion controlled reactions 
and noted the pitfalls inherent in drawing mechanistic

(14) (a) J. L. Garnett and W. A. Sollich, J. Catal, 2 , 350 (1963); 
(b) J. L. Garnett and W. A. Sollich-Baumgartner, J. Phys. Chern., 68, 
3177 (1964).
(15) F. Hartog, J. H. Tebben, and C. A. M. Weterings, Proc. Int. 
Congr. Catal., 3rd, Amsterdam, 2, 1199 (1964).
(16) J. J. Rooney, Chem. Brit., 2, 242 (1966).
(17) J. Wei in “Applied Kinetics,”  American Chemical Society Publi
cations, Washington, D. C., 1967, p 71.
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conclusions about a mechanism involving two types of 
catalyst sites such as suggested above. Support for 
two types of reactions is seen in Figure 9. Using the 
treatment of Lewis and Boozer,18 the logarithm of the 
rate constant ratio was plotted against the reciprocal 
of the reaction temperature. The method and the 
rationale for this procedure are briefly outlined below. 
When different products result from the same reactant, 
the ratio of the yield of these products under certain 
circumstances equals the ratio of the respective rate 
constants. In this treatment, we assumed some of the 
benzene exchanged by one reaction to give C6D6, Cr,HD6, 
and one-half the C6H2D., and by another reaction to give 
the remainder of the deuteriobenzenes. Placement of 
half the CeH2D 4 in each category was arbitrary but 
seemed reasonable on the basis of the isotopic distribu
tions (Figure 8). The fraction of hydrogens undergoing 
exchange by the former process <f>2/600, equals 4 X %  
C6H2D4/2  +  5 X %  C6HD5 +  6 X %  C6D6, and simi
larly the fraction of hydrogens that exchanged by the 
latter process equals <f>i/600 or 1 X %  C6H6D +  2 X 
%  C6H4D2 +  3 X %  C6H3D3 +  4 X %  C6H2D 4/2. 
The value of <f> as used earlier thus equals <j>i +  </>2. The 
rate of both reactions may be written as d$i/d£ =  k ji ■ 
(CeH6) and d<f>2/d f =  fc2/ 2(C6H6) . Division of one rate by 
the other gives d<f>2/d 0x =  fc2/ 2//ci/i. Assuming the same 
dependence on benzene concentration for both reactions, 
on integration we have <fa/<t>i = k2/ki. When the loga
rithm of 4>2/<t>2 at the 0max point in time, corrected for 
surface area, was plotted against the reciprocal of RT 
(Figure 9), the slopes of the resulting lines equal the dif
ference in activation energy of the two reactions. A 
least-squares fit gave lines with slopes corresponding to 
0.93, 0.70, 0.45, and 0.44 kcal mol-1 respectively at 
flows of 0.50, 0.75, 1.00, and 1.75 ml/sec. The larger 
energy of activation differences at the slower flows may 
result from consecutive <t>\ type reactions which would 
appear at $2. In any case, these plots suggest that two 
types of reactions are occurring and that their energies 
of activation differ very little.

First-order plots of <f>2 normalized for surface area 
resulted in the lines (Figure 10) which were reasonably 
linear except for the points at the slow flow. This 
deviation is ascribed to two effects. At the slow flow, 
more of the reactant benzene exchanges than at the 
faster flow creating an appreciable concentration of 
hydrogen on or near the catalyst surface. In addition 
because of the long time in the cell, second and third 
readsorptions probably occur. Thus instead of shifting 
the distribution of the deuteriobenzenes overwhelmingly 
toward C6D6, there may be some back reactions of the 
sort C6D6 ->■ C6HD6, etc. The fact that the deviation 
from linearity is less at 90 and 100° than at the lower 
temperatures may be explained by the faster diffusion of 
hydrogen into the bulk electrolyte at these tempera
tures. When the logarithms of the slopes from the 
linear portion of the lines in Figure 10 were plotted

H y d r o g e n - D e u t e r iu m  E x c h a n g e  o p  B e n z e n e 885

Figure 10. First-order plot of fa at <f>max for temperature 60°, 
• ; 70°, X ; 90°, O; 100°, (C ) .

against the reciprocal of RT, a, line (Figure 11) with a 
least-squares slope equivalent to an activation energy 
of 1.45 kcal mol-1 was obtained. The values of <f>i were 
not plotted because they showed little change with 
temperature and flow (Table III).

Evidence suggesting two types of reaction sites was 
obtained on considering the cause for the decline in <f> 
after the maximum. Figure 3 showed that the decline 
can be attributed to the decrease in C6D6 and C6HD6

Table III

T„ °K
Mean time in 

call, sec «¿1

60 1.5 47.8
1.8 50.8
2.7 54.8
3.7 54.3
5.6 48.6

70 1.5 49.3
2.7 55.3
3.6 55.4
5.7 48.8

90 1.5 52.0
2.7 55.8
3.5 54.8
5.6 46.2

100 1.5 49.7
2.7 54.7
3.7 51.4
5.7 40.6

(18) E. S. Lewis and C. E. Boozer in “ Technique of Organic Chem
istry,”  Vol. VIII, Part II, A. Weissberger, Ed.,Interscience Publish
ers, New York, N. Y., 1963.
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Figure 11. Arrhenius plot of fa.

because the other deuteriobenzenes have about the same 
concentrations after the maximum or actual increase. 
The decrease in yield of the fa reaction was probably 
caused by tightly bound carbon moieties acting as 
poisons on the fa reaction sites alone. Evidence 
supporting this contention is seen in Figure 12. In this 
experiment after the electrode pretreatment, benzene 
was passed across the catalyst surface as usual. Then 
the gas space above the electrode was swept with 
helium until benzene could no longer be detected. On 
reintroducing benzene to the working electrode, <f> 
rapidly climbed to a point close to where it was at the 
beginning of the helium sweep, taking much less time 
than when the catalyst surface was clean at the begin
ning of the experiment. When the gas space and lines 
were again swept free of benzene with helium and the 
working electrode cathodically pulsed, only deuterated 
cyclohexanes and a small amount of C6D6 and C6HD5 
were observed. (This reaction will be reported in 
detail later.) Thus the only species on the catalyst 
surface giving a detectable product still had a six- 
membered ring intact.

Many of the suggestions in this paper must be 
regarded as tentative until more is known about these 
reactions. The dangers of being too certain about 
kinetics and mechanisms in a system of this sort have 
been amply stressed.17’19 In the future, we plan to 
study the effect of potential on these reactions and 
hope to determine whether one of the reactions may be

0 10 20 30 40 SO 60 70 80 90 100 110 120 130 
TIME, SECONDS

Figure 12. Plot of <t> vs. time.

specifically inhibited by poisons. Meaningful com
parisons to earlier work on the hydrogen-deuterium 
exchange of benzene should be delayed until some of 
these results have been obtained.

Discussion of Errors. Temperatures and flow rates 
were measured with 0.5% precision and, because of 
calibration procedures, within 1.0% of their true 
values. The parameter contributes more to the 
uncertainty of the rate constants and activation 
energies reported here. It is recognized that when 
sampling a continuous gas stream, it is desirable to 
sample all components simultaneously. In this partic
ular system, this was impossible. Each group of seven 
peaks for a calculation <f> was scanned in 0.7 sec and 
repeated every 2 sec. The error incurred from changing 
benzene concentrations during this 0.7 sec is quite 
difficult to assess. From the 4> vs. time plots most values 
fell within ±  2% of the line drawn through the points 
and in the most extreme case were only 5%  off. It 
was calculated that an error of the latter magnitude 
would give an uncertainty in the rate constants and 
energies of activation of ± 8  and ±13 %, respec
tively.
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(19) J. M. Thomas and W. J. Thomas, “ Introduction to the Principles 
of Heterogeneous Catalysis,”  Academic Press, New York, N. Y., 
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Tautomeric and Protolytic Properties of o-Aminobenzoic 

Acids in Their Lowest Singlet and Triplet States

by A. Tramer1
Institute oj Physics, Polish Academy of Science, Warsaw, Poland (Received June 2, 1969)

Absorption, fluorescence (in water at 293°K), and phosphorescence (in ethanol rigid glasses at 77°K) spectra of 
bications, cations, neutral molecules, and anions of N-methylanthranilic and N,N-dimethylanthranilic acids 
have been recorded, pA values in the excited singlet Si and triplet Tt states have been evaluated by means of 
the Forster cycle. The constants Kt of the tautomeric equilibria between the molecular (M) Ar(NH2) (COOH 
and quasizwitterionic (Z) Ar(NH3+)(COO_) forms of amino acids in both states have been determined. The 
solvent effects on the absorption and fluorescence spectra in nondissociating solvents and the kinetics of the 
Z M transition in excited states are discussed.

In the first part of the present work,2 the structures of 
the tautomeric forms of the o-aminobenzoic acid deriva
tive N-methylanthranilic acid (MA) and N,N-dimethyl-

(MA)

anthranilic acid (DMA) were investigated by infrared 
and ultraviolet spectroscopy in their ground electronic 
state. It was shown that in the molecular (M) form, 
an intramolecular hydrogen bond between the carboxyl 
and amino groups is not formed, while in the quasi
zwitterionic form (Z) a strong intramolecular hy
drogen bond (-COO • • H • ■ NR2- )  changes the conforma
tion of the amino group and removes the conjugation 
between the nitrogen lone electron pair and the ring ir- 
electron system.

(M)

•N(CH3)2

COOH

The equilibrium constant of the M

A  t = m
[M]

Z reaction

was evaluated and shown to be strongly solvent depen
dent. In all solvents, the K t values are much higher 
in the case of DMA.

In this work, the problem of the tautomeric equi
libria M ;=± Z in the lowest excited singlet and triplet 
states is discussed. The acidity constants A a of the 
amino and carboxyl groups conjugated to the aromatic 
systems are known to change by many orders of magni
tude and in opposite directions in the lowest excited 
singlet state (Si).3a b Similar, though less pronounced, 
changes occur on excitation of a molecule to the 
lowest excited triplet state Ti.4 It may, therefore.

be expected that A t, related to the A a values of inter
acting groups by Mason’s equations,5 will be drastic
ally changed in Si and T! states. If the direct deter
mination of excited state A t values (pAts and pAtT) is 
impossible, they can be evaluated by combining the 
equilibrium constants pA as or pAaT of protolytic reac
tions.6'6

In this purpose absorption, fluorescence, and phos
phorescence spectra were recorded for bicationic (B), 
cationic (C), molecular (M), and zwitterionic (Z) forms 
of neutral molecules and anions (A) of MA and DMA. 
The difference of the acidity constants in the excited 
(pAae) and ground (pAa°) state of the AH acid was esti
mated from the spectral shift of the electronic transi
tion in the acid AH and its conjugated base A~.3ft’7

he
p A a6 -  p A a° =  —  (vAJ, —  VA-)

When it was possible, ApAa was evaluated from the 
shift of the (0,0) band, determined as the intersection 
of normalized absorption and fluorescence bands. In 
other cases (nonfluorescent forms, S -T  transitions) a 
similar reasoning may be based exclusively on the shift 
of the absorption or luminescence band, but the errors 
in the pAae values are then certainly much greater.

From ApAa and from the ground-state pAa° values 
evaluated2 for M and Z forms, the pA as and pAaT 
constants and hence the pA ts and pA tT have been esti
mated. The conclusions are confirmed by a study of

(1) Laboratoire de Photopbysique Moléulaire, Faculté des Sciences, 
91, Orsay, France.
(2) A. Tramer, J. Mol. Structure, 4, 313 (1969).
(3) (a) A. Weller, “ Progress in Reaction Kinetics,” Vol. I, Pergamon 
Press, Oxford, 1961, p 188; (b) H. Beens, H. Grellmann, M. Gurr, 
and A. H. Weller, Disc. Faraday Soc., 39,183 (1965).
(4) G. Jackson and G. Porter, Proc. Roy. Soc., A260, 15 (1961).
(5) S. F. Mason, J. Chem. Soc., 675 (1958).
(6) R. E. Ballard and J. W. Edwards, ibid., 4868 (1964).
(7) T. Förster, Z. Elektrochem., 54, 42, 531 (1950).
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Table I : Absorption Spectra of Anthranilic Acids in Ethanol Solutions.

Anthranilic acid N-Methylanthranilic acid N.N-Dimethylanthranilic acid
Form and solvent V C V « V e

Neutral 29,500 5,200 28,100 5,900 29,500 2 0

(M or Z) 35,000 900
ethanol

40,350 8,800 39,050 9,800
36,000 1,000

42,100 9,000
.44,750 18,000 44,150 23,000

Cation (C) 35,650 900 35,600 750 35,200 800
1 N  H2S04 36,550 1,000 36,500 800 36,100 900
in ethanol .44,250 13,000 43,850 14,000 42,700 11,800

Bication (B) 35,700 1,300 35,700 1,600 35,500 1,800
coned HîSOj 41,950 9,800 41,750 10,750 42,200 12,600

Anion (A) 31,150 4,000 29,750 1,900 32,700 1,750
0.1 N  NaOH 1.40,750 9,800 39,150 8,600 37,900 7,000
in ethanol 43,850 10,000

Table II : Characteristics of the First (Si <-> So and Ti -*• So) Electronic Transitions for Differently Protonated Forms of 
N-Methylanthranilic (MA) and N,N-Dimethylanthranilic (DMA) Acids in Water

B C M
MA

z A

V&ba 35,800 36,600 28,400 37,000 30,250
Vil 22,500 23,900
m 25,000°

25,450*’
26,400“
27,2006

Eph 24,100 24,400 21,600

DMA
21,900

Eabs 35,700 36,400 31,000 37,000 33,100
vn 27,200 22,700 23,700
Voo .32,500* 25,600° 27,300°

31,450*’ 26,850*’ 28,400*’
Vph 23,900 24,400 20,100 24,700 21,600
(00) frequencies evaluated as: “ frequencies of intersection points of absorption and fluorescence bands andh as r»o = V i U a b s

the solvent effect on the absorption and fluorescence 
spectra of aminobenzoic acids and of their hydrogen- 
bonded complexes in nonaqueous solutions.

Experimental Section
The methods of purification of chemical compounds 

and the apparatus used for absorption measurements 
have been described.2 The fluorescence spectra were 
recorded by means of a spectrofluorzmeter composed of 
an SPM-1 Zeiss-Jena monochromator, an EM I 6256B 
photomultiplier, a UNIPAN 202 and 203 narrow-band 
amplifier and phase-sensitive detector, and an MAV re
corder. The system was equipped with a 176-Hz 
chopper which could work also as a one-disk phosphoro- 
scope. The spectral sensitivity distribution was deter
mined by recording the fluorescence spectra of standard 
compounds.8 The fluorescence was excited by the 
groups of Hg lines at 3650, 3130, and 2750 A from an 
HBO 500 high-pressure mercury lamp isolated by means 
of Schott glass filters or a Zeiss 2750 A interference filter.

The phosphorescence was excited either with the entire 
Hg spectrum or with selected wavelengths.

The fluorescence spectra were measured at the room 
temperature. The spectra of deaerated and non- 
deaerated solutions were found to be identical. The 
phosphorescence spectra were studied in ethanol rigid 
glasses at 77°K with silica cells immersed in liquid ni
trogen in a silica dewar vessel equipped with optical 
windows. All solvents were nonfluorescent or very 
weakly fluorescent; when necessary, the background of 
the solvent fluorescence was taken into account.

Acid-Base Equilibria. To evaluate the pA as values, 
absorption and fluorescence spectra of anthranilic acid, 
MA, and DM A were studied in water and in aqueous 
H2SO4 and NaOH solutions. The principal absorption 
bands of differently protonated forms are listed in 
Table I. More detailed data concerning the first Si <->

(8) E. Lippert, W. Nägele, I. Seibold-Blankenstein, H. Steiger, and 
W. Voss, Z. Anal. Chem., 170,1 (1959).
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Figure 1. Absorption and fluorescence spectra of 
N-methylanthranilio acid: solid line, neutral molecule in 
water; broken line, anion (A) in 0.1 N  NaOHaq.

Figure 2. Absorption and fluorescence spectra of 
N,N-dimethylanthranilic acid: 1, neutral molecules (M +  Z) in
water; 2, anion (A) in 0.1 N  NaOHaq; 3, bication (B) in 
35.7 N  H2S04.

So and Tj -*■ S0 transitions in M A and DM A are given 
in Table II; absorption and fluorescence spectra are pre
sented in Figures 1 and 2. The absorption spectra of 
neutral M and Z forms of M A and DMA were repro
duced and discussed in ref 2.

The C forms (cations) of both acids are not fluo
rescent in 1-5 M  H2SO4 solutions. In view of the close 
analogy of their absorption spectra with those of non- 
fluorescent o-alkylbenzoic acids, this fact is not aston
ishing. No fluorescence which could be ascribed as 
corresponding to the Z form of M A or DM A (close ana
logs of o-alkylbenzoate anions) was detected; the 
DMA fluorescence spectrum is always the mirror image 
of the absorption band of the M form, even when ex
cited in the spectral region where all quanta are ab
sorbed by the Z form.

A characteristic feature of both acids is a very small 
(as compared to the benzoic acid) red shift of the order 
of a few hundred cm-1 on protonation of the carboxyl

Figure 3. Absorption spectra of N,N-dimethylanthranilic acid: 
1, M and Z forms in water; 2, cation (C) in 2 A  H2S04aq; 3, 
bication (B) in 35.7 N  H2S04; 4,17.8 N  H2S04; 5, 28.4 N  H2S04; 
6, 33.0 N  H2S04.

Figure 4. Relative optical densities (O) and fluorescence 
intensities (X) of the bication (B) of N,N-dimethylanthranilic 
acid vs. the H0 acidity funct.on of H2S04 solutions.

group in concentrated sulfuric acid solutions. The 
process B ;=± C +  H + was studied in more detail in the 
case of DM A (Figure 3.. The absorption spectrum is 
continuously red-shifted without any change in the 
band shape when the H2SO4 concentration is increased 
from 1 A  to 20 N. This shift may be considered due to 
the solvent dielectric effects. A pronounced change in 
the band shape suggesting the formation of a new 
species (bication) occurs only in 25-35 N H2S04 and is 
accompanied by the appearance of a violet fluorescence 
which is assigned to the B form. The optical densities 
D at 34,250 cm-1 (where the intensity changes are the 
most distinct) are taken as a measure of the bication 
concentration. In Figure 4, D/D0 (where Do is the op
tical density at 34,250 cm-1 in 35.7 N H2SO4) is plotted 
against H0, the acidity function of H2S04 solutions (H+ 
would be more correct in this case, but we do not have 
reliable H+ values for :his concentration range9). In 
the same plot relative .ntensities of the bication fluo
rescence excited with k 2750 A, I/Io (where 7o is its 
intensity in 35.7 N H2SO4), vs. H0 are given. More con-

(9) M. A. Paul and F. A. Long, Chem. Rev., 57, 1 (1957).
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centrated acids would be needed for exact \)K determi
nations but it seems that pfvBc° and pA BcS are very 
close to each other and amount to 8 or less.

The phosphorescence of differently protonated forms 
was studied in ethanol rigid glass solutions: in pure 
ethanol (neutral molecules), in 1 A  ethanolic H2SO4 
(cations), and in 0.1 iV ethanolic NaOH (anions). The 
bication spectrum was studied in concentrated H2SO4 
rigid solution. For the first three forms the solvent 
shift need not be taken into account but the shift from 
B to C may be due to the solvent as well as to the pro
tonation effect.

In the case of M A the phosphorescence spectra of 
B, C, M, and A forms may be easily identified. As 
might be expected, no Z-form phosphorescence was ob
served, the Z form being virtually nonexistent in eth
anolic solutions. The phosphorescence of the B, C, 
and A forms of DM A resemble closely those of the anal
ogous forms of MA, but quite specific effects are found 
in the case of neutral molecules. Here the spectrum 
when excited with unfiltered mercury light, consists 
of two bands: a weak band in the 25,000-cm-1 re
gion, characteristic of B and C (protonated in the amino 
group) forms of both acids and a stronger band at 
20,100 cm-1 which is red-shifted with respect to the M- 
form emission of MA (Figures 5, 6). When the phos
phorescence is excited with Hg 3650-A lines (absorbed 
only by the M form of DMA) the first band disappears. 
When the excitation is carried out with 2750-A lines 
(i.e., mainly the Z form is excited), the relative intensity 
of the first band increases. It seems reasonable to 
assign the first band to the phosphorescent transition 
in the Z form and the second to that in the M form 
of the neutral molecule. The dependence of the 
emission spectra on the wavelength of the exciting 
light shows that the Z M transitions may take place 
during the lifetime of the excited species and that 
this process is an irreversible one.

From the spectra of different protonated forms, the 
spectral shifts v a h  — p a -  may be determined but the 
accuracy of the Av measurement varies a great deal 
from one case to another. The most reliable data 
may be obtained from the Si <-> S0 transition in the 
fluorescent compounds, i.e., for M and A forms of 
both acids and the B form of DMA. The (0-0) 
transition is defined either as the average of the absorp
tion and fluorescence band maxima or as the inter
section point of normalized absorption and fluorescence 
band contours. The errors are somewhat greater in 
the case of DMA, where the Si •*- So absorption bands 
appear as shoulders of stronger absorption bands. The 
Z and C forms are not fluorescent but since their 
absorption bands possess a similar vibrational struc
ture, the shifts of the corresponding maxima may 
be taken as very closely to that of the (0-0) transition. 
vc — VM must be approximated also by the shift ab
sorption maxima and, since the shapes of the bands

Figure 5. Phosphorescence spectra of N-methylanthranilic 
acid at 77°K: 1, B in 35.7 N  H2SO<; 2, C in 1 N  H2SO, in 
ethanol; 3, M in ethanol; 4, A in 0.1 N  NaOH in ethanol.

Figure 6. Phosphorescence spectra of N,N-dimethylanthranilic 
acid at 77°K: 1, B in 35.7 N  H2SO<; 2, C in 2 N  H2S04 in 
ethanol; 3, M and Z in ethanol excited with (a) 3650-A Hg 
lines (b) unfiltered Hg spectrum (c) 2750-Â Hg lines; 4, A in 
0.1 N  NaOH in ethanol.

are different, the errors in this case may be much 
greater. In evaluating the vn — vc value the 
solvent shift from water to concentrated H2S04 
must be taken into account: Av is considered as
being equal to the frequency difference between the 
absorption maxima of B and C in concentrated sul
furic acid solutions.

The data concerning the triplet state are deduced 
from the shifts in the phosphorescence spectra of 
ethanol rigid glass solutions. This procedure may be 
subjected to strong criticism. First of all, the shift 
of the band maximum may be not equal to that of 
the (0-0) transition, especially when the band shapes 
are different as it is for the M and C forms. A more 
serious objection is that the frequency shifts mea
sured in ethanol rigid medium are applied to estimate 
the pK  values in liquid water solutions where the 
energy of the phosphorescing species may be strongly 
influenced by the relaxation of solvent molecules.10

(10) A. Grabowska and B. Pakula, Photochem. Photobiol., 9, 339 
(1969).
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Table III: pK  Values of N-Methylanthranilic (MA) and N,N-Dimethylanthranilic (DMA) Acids 
in So (pK°), Si (pAs), and Ti (pAT) Electronic States

------------------------------------MA-
pK ° p K a

P-Kbc  — P-Kbc0 1.7
P A cm 2.61 -1 5
pAcz 2.03 2.9
PKua 4.66 8.5
pKzA 5.48 -6 .7
pK t -0 .5 8 17.5

DM A-
PAT p K s P F ?

0.65 1.5 1.1
-3 .4 4 -1 1 .5 - 7 .5

1.4 2.7 2.0
5.3 6 10 9

8.58 0.3 2
-2 .6 9.8 6

pAar values must be, therefore, considered only as 
rough approximations.

From the frequency differences vx — vv deduced in 
this way the ApA values pA Ivs — pA x„° and pAX„T — 
pAxy° may be calculated by means of the Weller 
equation3“

pKexc -  PK° =
0.625

T
Av

if the entropy of the protolytic reaction is assumed 
to be equal in the ground and in the excited state 
and pK xv characterize different protolytic processes 
listed in Figure 7. pKxy° values (except for pAsc0) 
were evaluated previously.1 The values of pKs 
and pA T are given in Table III; for the B ;=± C +  H+ 
equilibrium only ApA values are available.

Since the constant of the tautomeric equilibrium, 
K t, is related to the acidity constants6

A  t =  =  K q z / K c u  =  K m a / K z a

K t in Si state (Ats) for both acids and in Ti state 
(KtT) for DMA only (in MA the phosphorescence 
of the Z form was not detected and K czT and A zaT 
constants could not be determined) may be evaluated 
in two independent ways. The results differ by 2-3 
pK units in all cases, and this may be taken as evidence 
that the errors in pA exc estimations do not greatly 
exceed ordinary error limits in pK evaluations based 
on the Forster cycle.

From the data given in Table III, important con
clusions concerning the structure of excited molecules 
may be deduced, (a) The M ^ Z  equilibrium is strongly 
displaced to the left in the Si and Ti states. This 
would be expected on general considerations of the 
acid-base properties of aromatic amines and acids in 
the excited states. That the excitation of the Z form 
of DM A leads, in a variety of solvents, to the fluores
cence emission of the M form is direct evidence of 
the stabilization of the M form in the Si state. This 
problem will be discussed in a more detailed way in 
the last section of this paper, (b) The acid properties 
of the -N R 2H + group are strongly increased in both 
excited states. As in the case of aromatic amines11

Figure 7. Scheme of pro .o ytic reactions.

the change in pA  is very high for the Si •*- S0 transi
tion but is different for two processes involving the 
acid dissociation of the — NR2H+ group: C M +  
H+ and Z A +  H+. The corresponding ApK 
values are —17.6 and —11.5 in the former case and 
— 12.2 and —8.3 in the latter for M A and DMA, 
respectively. This difference probably exceeds the 
error limits and may be explained by the influence 
of the intramolecular hydrogen bond. The proton of 
the ammonium group is more strongly bonded to the 
-COO”  group in Z thin in the case of C which con
tains a more acidic -COOH group.12 In the excited 
state, increased basic properties of the carboxyl cancel 
to some extent the enhancement of the acid strength of 
the amino group. It should be pointed out that the pK 
increase in the Ti state although considerably weaker 
than that in the Si stats, is relatively large compared to 
aniline and naphthylamines.4 (c) Similar but more pro
nounced effects due to the presence of intramolecular 
hydrogen bonds are observed in the case of protolytic 
processes involving the carboxyl group. The acidity 
of the M form is lowered in the Si state (ApA ~  4) 
as for other aromatic acids.13'14 In contrast, the

(11) T. Fôrster in “ Photocnemistry in Liquid and Solid States,” 
F. Daniels, Ed., John Wiley md Sons, New York, N. Y., 1960.
(12) E. Czarnecka and A. Tramer, submitted for publication.
(13) E. L. Wehry and L. B. Rogers, J .  Amer. Chem. Soc., 88, 351 
(1966).
(14) E. van der Donckt and G. Porter, Trans. Faraday Soc., 64, 
3215 (1968).
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Table IV : Absorption (rabs) and Fluorescence (rn) Band Maxima Frequencies, Frequencies of the (00) Transitions (voo), Stokes 
Shifts (Sx), and Equilibrium Constants of Complex Formation in the Ground (K e) and Excited Si (K e) States of N-Methylanthranilic 
Acid (MA)

Solvent Base âbs m voo bv K e Re

Cyclohexane
(monomer)

None
27,750 24,400 26,100 3350

(dimer) 27,300 23,850 25,550 3450 7.5 X 103 8.5 X 104
Cyclohexane Dioxane 28,050 24,300 26,250 3750 30 15
Cyclohexane TEA 28,300 24,650 26,450 3650 900 100
Cyclohexane Ethanol 28,100 24,000 26,000 4100
Dioxane 28,000 24,000 26,000 4000
Ethyl acetate 27,950 23,650 25,800 4300
Acetonitrile Dioxane 27,800 23,350 26,100 4450
Ethanol 28,100 23,300 25,700 4800
Water 28,400 22,500 25,450 5900

equilibrium constants Kcz and Kvc are less sensitive 
to the electronic excitation (ApK  is 0.9 and 1.3 in 
the former and 1.7 and 1.5 in the latter case for MA 
and DMA, respectively) than the p/C of the protonation 
of benzoic acid (an analog of the B C +  H+ reaction) 
which is increased in the Si state by + 7  pK  units.3b 
The low values of ApAnc and ApAcz as compared 
to ApA ma may be explained by the effect of the 
NR2+'—H- -0 = C  hydrogen bond in Z (whose existence 
was shown by infrared spectroscopy2) and in C. As 
the acidity of the ammonium group increases in the 
Si state, the hydrogen bond is strengthened and this 
may counterbalance the enhancement of basic proper
ties of the carboxyl group. Very poor proton-acceptor 
properties of the C form of DMA, stabilized probably 
by the intramolecular hydrogen bond, are directly 
evidenced by direct measurements of the absorption 
and fluorescence as a function of the acid concentration 
(Figure 4). For DMA, pA Bc° ~  pABcS ~  — 8 while, 
for the benzoic acid, pK° = — 7.415 and pKs = —1.2.3b

The results may be summarized by saying the effects 
of the electronic excitation on the acid-base properties 
of amino and carboxyl groups in the ortho position 
are qualitatively the same as in the case of isolated 
groups but they may be attenuated by the influence 
of the intramolecular hydrogen bond.

Solvent Effects in Nondissociating Solvents. Absorp
tion and fluorescence of M A and DMA were studied 
in a series of solvents (cyclohexane, dioxane, ethyl 
acetate, aceto-nitrile, dimethylformamide, and ethanol) 
as well as in mixed solvents (cyclohexane-di- 
oxane, cyclohexane-ethanol, cyclohexane-triethylamine 
(TEA), dimethylformamide-TEA). The solvent 
effects are due to a superposition of the dielectric 
solvent shift and of the spectrum changes resulting 
from the formation of hydrogen-bonded complexes 
with basic compounds. The effects of the second kind 
were studied in more detail for MA in cyclohexane 
solutions; the frequencies of absorption and fluores
cence bands and the equilibrium constants of complex

Figure 8. Absorption and fluorescence spectra of 
N-methylanthranilic acid: 1, 5 X 10~4 mol/1. in cyclohexane 
(dimer); 2, 5 X 10-s mol/1. in cyclohexane (monomer); 3, 10“6 
mol/1. in 10~3 mol/1. TEA in cyclohexane (TEA complex).

formation in the ground state (Ke) and in the excited Si 
state of the amino acid molecule (Ke) are given in 
Table IV. K e values were evaluated from the de
pendence of optical densities on the base concentration 
by means of the simplified Benesi-Hildebrand equation;16 
K e from the shift of the (0-0) band on complex forma
tion by a procedure analogous to the Forster cycle.17 
Some examples of the spectra are given in Figures 
8 and 9.

As was previously shown,2 MA is present in cyclo
hexane solutions solely in the M form. The dimer 
formation in more concentrated solutions is accom
panied by a red shift of absorption and fluorescence 
bands. This effect seems to be quite general and its 
explanation was given by Hochstrasser in his study 
of 1-naphthoic acid solutions.18 The dimer composed

(15) L. A. Flexsner, L. P. Hammett, and A. Dingwall, J. Amer. 
Chem. Soc., 57,2103 (1935).
(16) K. Szczepaniak, M. Golinska, and J. Mikolajczyk, Acta Phys. 
Pol., 34, 431 (1968).
(17) N. Mataga and Y. Kaifu, Mol. Phys., 7,137 (1964).
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Table V: Absorption and Fluorescence Maxima (xabn and xn), Band Shifts (Axabs and Axn), and Stokes Shifts (3x) for 
N,N-Dimethylanthranilic Acid (DMA) Solutions

Solvent Base Fab 8 xfl A xaba Ax[l ÔV

Cyclohexane None 28,600 24,500 0 0 4100
Acetonitrile None 28,900 23,700 +300 -800 5200
Tetrahydrofuran 29,600 23,900 +  1000 -600 5700
Cyclohexane TEA 30,100 24,600 +  1500 +  100 5500
Dimethylformamide 30,200 23,800 +  1600 -700 6400
Dimethylformamide TEA 32,600 23,700 +4000 -800 8900

Figure 9. Absorption and fluorescence spectra of 10 ~4 mol/1. 
N,N-dimethylanthranilic acid in: 1, cyclohexane; 2,0.7 
mol/1. TEA in cyclohexane; 3, dimethylformamide; 4, 0.7 
mol/1. TEA in dimethylformamide.

of one excited and one ground-state molecule is sta
bilized by the increased basic properties of the excited 
species and by the excitonic effects; hence, Kg < K e 
and Ax <  0.

In contrast, in the hydrogen-bonded complexes with 
basic (proton-acceptor) compounds, a weakening of 
intermolecular interactions in the excited state should 
be expected. The spectra of M A in the presence of 
dioxane, TEA, etc., are blue-shifted as anticipated, 
the shift being stronger for the absorption than for 
the fluorescence band. This effect is more pronounced 
in DMA, which is a very weak acid in the Si state (pK  =
9.6). While the absorption spectrum of the M form 
is very sensitive to small quantities of TEA added 
to cyclohexane solution,2 the fluorescence remains prac
tically unchanged even at the TEA concentration of 1 
mol/1. In strongly polar solvents (dimethylform
amide, acetonitrile) where the absorption spectrum 
of the D M A-TEA complex, quite similar to that of 
the DM A anion, points to the formation of hydrogen- 
bonded ion pairs,2 the emission spectrum is almost 
identical with that of free (bonded to solvent) DMA 
molecules (Figure 9). The acidity of DM A in the

excited state is so strongly reduced that hydrogen 
bonds are broken or extremely weakened.

The dielectric solvent effects are thus obscured by 
those of specific intermolecular interactions. It seems, 
however, possible to estimate their magnitude (in 
the case of M A only) if the choice of solvents is limited 
to those of similar basicity (dioxane, ethyl acetate) 
and to the nearly inert solvents containing a small 
amount of the base (dioxane) sufficient to ensure the 
bonding of almost all Ma  molecules. When the values 
of the Stokes shift Sx — xabs — m are plotted against 
the values of the Lippert-Mataga function of the 
solvent,19'20 the points corresponding to this group 
of solvents (marked by crosses in Figure 10) lie almost 
on a straight line, the slope of which is similar to that 
found by Mataga20 for anthranilic acid. The difference 
between the ground-state (p.e) and excited-state (ge) 
dipole moments of M A may be roughly estimated 
from the Lippert-Mataga equation

5x = 5xo +  E(w,e)hca3

where

F(n,e)
. -  1 
2e +  1

n2 — 1
2 n2 +  1

as equal to /ie — Mg =  1-75 D, if the Onsager radius
o

of the molecule is taken as a =  3.5 A.
The Stokes shifts in other solvents are either smaller 

(monomer and dimer in cyclohexane) or much greater 
(ethanol, water). It seems that in the last case the 
strong solvent shifts may be due to the re-forming 
of the hydrogen-bond 3G system, solvent-solute, in the
excited state (breaking of the ROH ------NR2- and
strengthening of the RO— ED • 0 = C  bonds).

In view of specific effects due to intermolecular 
interactions, the estimation of dielectric shifts in the 
case of DMA was not possible.

The Z M Transitions in Excited States. As men
tioned above, the excitation of the Z form of DMA 
results in a fluorescence emission corresponding to the

(18) R. M. Hochstrasser, Can. J. Chem., 39,1776 (1961).
(19) E. Lippert, Z. Elektrochem., 61, 962 (1957).
(20) N. Mataga, Bull. Chem. Soc. Jap., 36, 654 (1963).
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Figure 10. The Stokes shift in N-methylanthranilic acid 
spectra plotted v s .  the F(n,e) function of solvents.

M form. When the Z form is excised in rigid solutions, 
the phosphorescence consists of two bands assigned 
to Z and M forms, while the excitation of the M 
forms yields only the M form phosphorescent emission. 
The Z -vw*- M radiationless transition may thus take 
place during the lifetime of the excited species, but 
the process is irreversible as might be expected in view 
of the energy differences between corresponding Si 
and Ti levels and of the values of the K ts and KtT 
equilibrium constants.

In Figure 11, possible ways of energy degradation 
in the case of the Z form excited to the Si state are 
listed. Relatively inefficient Si S0 transitions21 
are omitted. The T] level of the M form may be 
populated by two different ways, SiZ Txz T iM 
and Siz SiM £í-*- T iM. The first way is certainly 
effective since the (8) process is responsible for the 
M-form fluorescence excited in the Z form absorption 
region. Since the intersystem crossing in Z (7) and 
the Z M transition are competitive, ks must be of a 
similar order of magnitude to fc7. No data concerning 
fc7 in aromatic acids are available, but values of 1010-  
1012 sec-1 seem to be reasonable (cf. ref 22). If ks =  
fc7, the lifetime of the excited Z form would exceed 
by 2-3 orders of magnitude the period of O-H • • N 
stretching vibrations. The analogous process in the 
lowest triplet state, the TiZ «»* T iM transition, if 
it occurs at all, is an extremely slow one. Its rate 
constant (fc9) must be comparable to h  +  fc5 which 
is of the order of 1 sec-1 (in the case of fc9 »  ki -f- ks 
the TiZ level would be rapidly depopulated and the 
Z-form phosphorescence would be quenched).

These estimations point to the existence of potential

Figure 11. Scheme of lowest electronic levels and transitions 
in the neutral N,N-dimethylanthranilic acid molecule.

energy barriers for Z M processes very important 
in the Ti, much lower in the Sr state, although the 
energy differences between the Z and M forms are 
similar in both excited states. This barrier could be 
considered as corresponding to the proton transfer 
in the hydrogen bond but this explanation seems to 
be highly improbable. The potential energy barrier 
for the proton transfer in the much weaker and more 
symmetric hydrogen bond in the excited molecule of 
salicylic ester was shown to be very low.3b In our 
case we are certainly concerned with a very strong, 
short (the N • • • 0  distance may be estimated to be 
~2 .5  A) hydrogen bond. The other explanation that 
can be proposed is based on the assumption (discussed 
in more detail in ref 1) that the conformation of the di- 
methylamino group is different in the M  form (the 
symmetry plane of the NR2 group perpendicular to 
the ring plane— the nitrogen lone-electron pair conju
gated with the ring x-electron system) and in the 
Z form (the symmetry plane of NR2 in the ring plane). 
If this is the case, the Z M transition would neces
sitate the rotation of the dimethylamino group around 
the Car-N  bond, which would be the rate-determining 
step of the process.

In any case, the difference between the rates of 
the (8) and (9) processes is puzzling. More detailed 
studies of the fluorescence and phosphorescence yields 
and lifetimes and of their solvent and temperature de
pendence are needed to elucidate this problem and 
they are now in progress in this laboratory.

(21) V. L. Ermolaev and E. B. Sveshnikova, Acta Phys. Pol., 34, 
771 (1968).
(22) M. A. El-Sayed, ibid., 34, 649 (1968),
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A Calculation of the Energy Barriers Involved in the 

Isomerization Processes of Ethylene in Its 

Excited and Ionized States

by A. J. Lorquetla
Institut de Chimie, Université de Liège Sart-Tilman par Liège I, Belgium (Received August 1, 1969)

The lowest singlet and triplet electronic states of the ethylene molecule anc the lowest doublet and quartet 
electronic states of its positive ion have been studied by a semiempirical quantum chemical method. For each 
state, the energy of several nuclear configurations has been calculated, in orde:’ to determine the preferred path
ways of evolution. In the case of the triplet state, there are two low-energy processes. One of them is the 
cis-trans isomerization, and the second is a rearrangement process involving the ethylidene configuration 
(CH3CH). The results agree with the accepted views concerning the sensitized photochemistry of ethylene.

Introduction

In a previous paper,lb the C2H4+ ion in its ground 
doublet state was studied by a semiempirical SCF 
calculation. It was shown that the equilibrium con
figuration of this ion was twisted, and that the potential 
function corresponding to the twisting motion had a 
double minimum and was remarkably flat. The ex
change phenomenon occurring among hydrogen atoms 
(scrambling process) was also studied in the case of 
C2H4+, and it was concluded that this process took place 
through the asymmetrical configuration CH3CH+.

The purpose of this paper is to report a similar study 
for the mechanisms involved in the evolution of the first 
triplet state. A comparative study will be made of the 
properties of the lowest electronic states of singlet and 
triplet multiplicity of the ethylene molecule and of 
doublet and quartet multiplicity of the ethylene ion. 
The method of calculation has been described else
where.115 It is the CNDO/22 version of the self- 
consistent field molecular orbital method, with slight 
semiempirical modifications.

Results

The calculations have been made in the neighborhood 
of particular geometrical configurations, depicted in 
Figure 1, and conventionally designated as the “ planar,”  
“ twisted,”  “ perpendicular,”  “ bridged,”  “ doubly- 
bridged,”  “ asymmetrical”  (ethylidene), and “ asym
metrically bridged”  configurations. The latter con
figuration corresponds to the intermediate state postu
lated by Whalley3 in a study of the mercury-sensitized 
photochemistry of ethylene. Table I gives the energy 
of the most stable structure for each state and con
figuration, determined by varying every internuclear 
distance and angle, and measured from the ground state 
of the neutral molecule.

The method is found tc overestimate the internuclear 
distances, but in a rather uniform way (20-25% in
crease).

Several experimental results are available to enable us 
to determine the accuracy of the calculations. They 
are summarized in Table II.4-8

We conclude that, in general, the method is capable of 
giving fairly reliable estimates of at least qualitative 
significance.

A. The Twisting Motion. The corresponding po
tential function has already1 been discussed in great 
detail for the doublet state of the ion. For the triplet 
state of the molecule and the quartet state of the ion, 
one notices from Table I that this motion does not in
volve the angle of twist 9 only, but is accompanied by an 
appreciable variation of internuclear distances and 
angles, especially in the case of the quartet state.

Calculations were also made for intermediate values 
of the angle of twist (no' reported here for the sake of 
brevity). They show that the potential function for 
the twisting motion is remarkably flat, especially in the 
neighborhood of the minimum.

B. The Flapping Distortion. Walsh9 has suggested 
that in its first excited state, the C2H4 molecule should

(1) (a) Chercheur qualifié du Fonds National Belge de la Rech
erche Scientifique; (b) A. J. Lorquet and J. C. Lorquet, J. Chem. 
Phys., 49, 4955 (1968).
(2) J. A. Pople and G. A. Segal ibid., 44, 3289 (1966).
(3) E. Whalley, Can. J. Chem., 35, 565 (1957).
(4) D. F. Evans, J. Chem. Soc., 1735 (1960).
(5) J. E. Douglas, B. S. Rabinovitch, and F. S. Looney, J. Chem. 
Phys., 23,315 (1955).
(6) D. P. Chong, and G. B. Kistiakowsky, J. Phys. Chem., 68, 1793 
(1964).
(7) A. J. Merer and L. Schoonveld, J. Chem. Phys., 48, 522 (1968).
(8) W. C. Price and W. T. Tuite, Proc. Roy. Soc., A174, 207 (1940).
(9) A. D. Walsh, J. Chem. Soc., 2325 (1953).
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Table I: Energies of the Different Configurations of C2H4 and C2Kt+

Species

Neutral 
molecule, 
singlet state

Neutral 
molecule, 
triplet state

Ion,
doublet state

Ion,
quartet state

Configurations

Planar
Perpendicular 
Bridged 
Doubly bridged 
Asymmetrical

Asymmetrically bridged

Planar
Planar
Perpendicular 
Bridged 
Doubly bridged 
Asymmetrical

Asymmetrically bridged

Twisted
Planar
Perpendicular 
Bridged 
Doubly bridged 
Asymmetrical

Asymmetrically bridged

Planar
Perpendicular 
Bridged 
Doubly bridge d 
Asymmetrical

Asymmetrically bridged

Geometrical parameters

< C C H  =  1 2 2 ° ; B ( C H )  =  1 . 3 7 1 ;  f i ( C C )  =  1 . 6 1  A ;9  =  0 °  

< C C H  =  1 2 2 ° ; E ( C H )  =  1 . 3 7 A ; f f ( C C )  =  1 . 6 7 A ; 0  =  9 0 °  
B (  C r ib )  =  1 . 3 5 A ; B ( C iH i ) =  1 .5 9  A; « ( C C )  =  1 . 8 1  A  

R ( C C )  =  1 . 7 1  A ;  B ( C H )  =  1 . 7 1  A; 
ft (C iH )  =  1 . 3 6  A; f i ( C 2H )  =  1 . 3 8 A ; B ( C C )  =  1 .7 0  A;

< C 2C iH  =  1 8 0 ° ;  < C ! C 2H  =  1 0 5 °
« ( C C )  =  1 .8 5  A; B ( C H 4) =  1 .5 8  A; B ( C H 2) =  1 .3 9  A;

f i ( H iH 4) =  2 .5 2  A; < C 2C iH 2 =  10 4 °
Vertical transition
9  =  0 ° ;  < C C H  =  1 2 0 ° ;  B ( C H )  =  1 . 3 6 A ; B ( C C )  =  1 .7 8  A ;
9  =  9 0 ° ;  < C C H  =  1 2 1 ° ;  B ( C H )  =  1 . 3 7  A; B ( C C )  =  1 .7 2  A; 
B ( C H 4) =  1 .5 7  A; R ( C H 2) =  1 .3 4  A; f i ( C C )  =  1 . 7 8 A 
R ( C C )  =  1 .6 6  A; B ( C H )  =  1 .7 7  A 
B ( C C )  =  1 .7 0  A; B ( C iH )  =  1 . 3 4  A; B ( C 2H ) =  1 .3 6  A;

< C 2C ,H  =  1 8 0 ° ;  < C iC 2H  =  1 0 7 °
B ( C C )  =  1 .6 0  A; .R (C H i) =  2 . 1 9  A; B ( C H 2) =  1 .3 8  A;

B ( H 4H 4) =  0 .96  A; < C 2C iH 2 =  1 3 3 °

<CCH = 120°;«(CH) = 1.38A; «(CC) = 1.69 A; 9 = 37° 
<CCH = 120°; «(CH) = 1.38° A; «(CC) = 1.70 A; 6 = 0° 
<CCH = 120°; «(CH) = 1.38A; «(CC) = 1.68A; 9 = 90° 

B ( C iH 2) =  1.37 A; «(Crib) =  1.78 A; «(CC) =  1.53 A 
«(CC) = 1.7 A; «(CH) = 1.7 A 
«(CC) = 1.69 A; «(CiH) = 1.37 A; «(C2H) = 1.39 A;

< C 2C 4H  =  1 8 0 ° ;  < C 4C 2H  =  1 0 4 °
« ( C C )  =  1 . 6 4 A; « ( C H i)  =  1 .6 6  A; « ( C H 2) =  1 . 3 9 A;

« ( H i H 4) =  2 .4 4  A; < C 2C 4H 2 =  1 3 5 °
< C C H  =  1 2 8 ° ;  « ( C H )  =  1 . 4 1  A; « ( C C )  =  1 .7 2  A; 9  =  0 °  

< C C H  = 1 0 4 ° ;  « ( C H )  = 1 . 3 8 °  A; « ( C C )  = 1 .8  A;9 = 9 0 °  
« ( C iH 2) =  1 .3 6  A; « ( C 1 H 1 ) =  1 .5 9  A; « ( C C )  =  1 .8 6  A 
« ( C C )  =  1 .6 2  A; « ( C H )  =  1 .8 0  A 
« ( C C )  =  1 .8 0  A; « ( C 4H ) =  1 . 4 1  A; « ( C 2H ) =  1 .3 9  A;

< C 2C 4H  =  1 8 0 ° ;  < C 4C 2H  =  9 4 ° .
« ( C C )  =  1 .8 7  A; « ( C H 0  =  1 .6 0  A; B ( C H 2) =  1 .3 8  A; 

B ( H 4H 4) =  2 .5 6  A; < C 2C iH 2 =  1 2 8 °

Energy, eV 

0
3 .9 3
8 .9 1
8 .0 9
3 . 2 7

2 .9 0

4 .5 2

3 . 5 5
2 .6 0

9 . 9 1  
8 .6 2  
3 .2 4

7 .0 3

1 1 . 4 4
1 1 . 5 4
1 2 . 3 4

1 5 . 2 5
1 6 .7 0
1 2 . 2 3

1 3 . 7 6

1 8 . 2 0

1 7 . 5 7
1 9 . 3 2

2 1 .9 8
1 8 .9 0

1 8 .0 7

Table II : Comparison between Calculated and Experimental Energies

■Energy, eV-
Process Caled Exptl Ref

(1) Vertical singlet-triplet transition 4.52 4.6 4
(2) Planar ground state to 90° twisted 3.93 2.8“ 5

perpendicular ethylene in its singlet 
state

(3) Planar ground state to lowest level of 2.6 2.3 6
the triplet state (perpendicular)

(4) Planar ground state to asymmetrical 3.24 3.06 6
triplet state (ethylidene)

(5) Twisting motion of the C2H4 + ion in its 0.1 0.05 7
doublet state (two barriers)6 0.8 0.3 7

(6) Adiabatic ionization 11.5 10.5 8

a Activation energy of the cis-trans iscmerization reaction involving no spin multiplicity change. 6 Estimated from bond dissociation 
energies and heats of hydrogenation.

have a pyramidal arrangement of the bonds about each C 
atom.

We have investigated this possibility by calculating 
the energy of the system as a function of the angle be
tween the molecular plane before distortion and the 
plane H1C1H2 after distortion, which we call 5.

In the case of the singlet state of the molecule and the 
doublet state of the ion, in the planar and perpendicular 
configurations, the minimum of energy corresponds to a 
value of 5  equal to zero (no distortion takes place).

In the case of the triplet state, this kind of distortion 
stabilizes both the planar and the perpendicular con-
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Figure 1. Geometrical configurations of ethylene and its ion: 
a, planar; b, perpendicular; c, twisted; d, bridged; e, doubly 
bridged; f, asymmetrical; and g, asymmetrically bridged.

figurations, but to a small extent. When the molecule 
is trans-bent, the largest gain in energy is equal to 0.13 
eV for a value of 5 equal to 33° ; when it is cfs-bent, the 
gain is equal to 0.4 eV for a value of 5 of 42°. When the 
perpendicular configuration is distorted, the maximum 
gain in energy is equal to 0.09 eV (6 =  31°). The latter 
distortion leads to the most stable configuration of the 
triplet (E = 2.51 eV).

Our calculations agree with Walsh’s predictions, but 
they also show that the gain in energy obtained by the 
flapping distortion is rather small.

C. The Scrambling Process. Four possible mecha
nisms for exchange phenomena among hydrogen atoms 
have been studied.

H
H2C = C D 2 — HC CD — H D C =C H D  (1) 

D

The intermediate form is the “ bridged” structure repre
sented in Figure Id.

H
H

H2C = C D 2 — C H D C =C H D  (2)
D 
D

The intermediate form is the “ doubly bridged”  struc
ture represented in Figure le.

H2C = C D 2 — HC— CHD2 ^  H D C =C H D  (3)

The intermediate form is the “ asymmetrical”  structure 
represented in Figure If.

HD
H2C = C D 2 ^ H C  CD ^  H D C =C H D  (4)

The intermediate form is the “ asymmetrically bridged” 
structure proposed by Whalley3 and represented in 
Figure lg.

The energy difference between each of the possible 
intermediate forms and the lowest energy configuration 
was calculated by the CNDO method for the lowest 
state of each multiplicity Again, the geometrical con
figurations giving the lowest energy were determined by 
varying all the internucleir distances and angles. The 
results are summarized in Table III.

Table III: Energy Barriers fir the Different 
Rearrangement Mechanisms“

Process Singlet
eV-----------

Triplet
'---------- E  i
Doublet

ion. eV —'  
Quartet

(i) 8.9 7.3 3.8 1 .8
(2) 8 .1 6 .0 5.3 4.4
(3) 3.3 0 .6 0 .8 1.3
(4) 2.9 4.4 2.3 0.5

• This table gives, for each state, the energy difference between 
each intermediate structure and the lowest energy configuration. 
In the case of the neutral molecule, the lowest energy configura
tion is, for the singlet state, "Re planar configuration, and, for the 
triplet state, the perpendicular one (the small gain in energy 
realized by the flapping motion has not been taken into account). 
In the case of the ion, the lowest energy configuration is, for the 
quartet state the perpendicular configuration, and, for the doublet 
state, the twisted configuration.

Process 3 (via asymmetrical ethylidene) is therefore 
seen to be responsible for the rearrangement occurring in 
the ionic doublet and molecular triplet states, whereas in 
the case of the quartet state of the ion, a similar rear
rangement process should probably occur through proc
ess 4.

A question now arises concerning the exact signifi
cance of the energy differences given in Table III—to 
what extent can these numbers be assimilated to activa
tion energies? It is not evident that the energy varia
tion along the reaction pa :h will be of the type depicted 
in Figure 2a. A second possibility is depicted in Figure 
2b ; in that case, our calculations would indicate only a 
lower limit to the activation energies.

It is very difficult to investigate this by means of cal
culations because the number of geometrical parameters 
to optimize for a distorted intermediate calculation is 
very large. We tried it, I owever, in a favorable case.

One finds that the energy variation along the reaction 
path is uniform, as in Figure 2a. The calculation was 
made in the case of the doublet state of C2H4+ passing 
from the planar to the bridged configuration. It was 
supposed that during the whole reaction the molecule 
was planar and had a center of symmetry.
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Figure 2. Two possible variations of the energy along the 
reaction path.

The progression of the reaction was measured by the 
value of a, the angle between the C2Ci bond and the 
C1H1 bond. The values of the other geometrical param
eters were determined by successive approximations to 
obtain, for each value of a, the minimum value of the 
energy. The results are given in Table IV, where the

Table IV: Energy Variation along a Possible Reaction Path 
in the Case of the Doublet State of C2H4 + Passing from the 
Planar to the Bridged Configuration

S(CiHs), ft(CiHi), R (C C ), E ,
a (3 A A A eV

120° 120° 1.38 1.38 1.70 11.54
90° 131° 1.37 1.40 1.73 13.05
70° 161° 1.37 1.53 1.62 14.75
64° 33' 180° 1.37 1.78 1.53 15.25

energies are measured from the ground state of the 
neutral molecule, and fi is the angle between the bonds 
C2Ci and CiH*.

In the other cases, a similar calculation is practically 
impossible. In the intermediate steps, the symmetry of 
the molecule is very low. The number of possible reac
tion paths becomes very large, and the number of geo
metrical parameters to optimize for each point of a 
given path becomes prohibitively large.

But this very difficulty makes it reasonable, although 
by no means certain, to generalize our previous result, 
and to argue that the number of possible different paths 
leading from A to B (Figure 2) is so large that it will 
always be possible to find at least one with no secondary 
maximum.

The Sensitized Photochemistry of C2H4
The mechanism proposed by Callear and Cveta- 

novi610 for the mercury sensitized reaction of ethylene is 
generally accepted. According to this mechanism, 
C2H.i is first converted into a vibrationally excited trip
let state molecule (designated as C2H4*), which can 
undergo cis-trans isomerization by deactivation. This 
state (C2H4*) cannot decompose directly to acetylene 
and hydrogen, but can isomerize to another triplet state 
(C2H4**) which can so decompose. The latter state 
(C2H4**) is also capable of undergoing extensive hydro
gen rearrangement. For that reason, Callear and 
Cvetanovic suggested that the C2H4** state might have 
the ethylidene structure (CH3CH; see Figure If).

Our calculations agree with Callear and Cvetanovic’s 
mechanism, since they show that there are two low en
ergy processes for the evolution of C2H4 in its triplet 
state: (1) cis-trans isomerization, with possible trans
formation into a quasi-free rotor, or (2) isomerization to 
triplet ethylidene. The other processes are character
ized by much higher energy barriers (see Table III). 
In particular, the state suggested by Whalley3 (asym
metrical bridge, Figure lg) as an alternative possibility 
for the structure of C2H4** is probably ruled out.

From Table I, one sees that the most stable configura
tion of the triplet state is the perpendicular one (2.6 eV 
above the ground state). Next comes the asymmetrical 
ethylidene at about 3.2 eV, and then the planar con
figuration at about 3.5 eV above the ground state. The 
energy necessary to convert the molecule into a free 
rotor is thus, according to our calculations, slightly 
greater than that required to induce the hydrogen mi
gration.

cis-trans isomerization of deuterated species is, how
ever, always possible even if the energy of the sensitizer 
is reduced down to about 2.6 eV, because the formation 
of the perpendicular triplet by collision need not be a 
vertical one. Collisional deactivation of the perpen
dicular triplet should give either isomer with equal 
probability, at least in the case of ethylene-d2, where 
there is no difference in energy between the two isomers 
in their ground state.

On the other hand, hydrogen rearrangement, evi
denced by the formation of anti-G 1I2= C D 2 from 
CH D =CH D , is only possible if the sensitizer provides 
an amount of energy which we calculate as about 3.2 eV. 
This agrees with a recent experimental work,11 where it 
is stated “ This leads us to speculate that when the en
ergy transferred to the vibrationally excited triplet state 
from a sensitizer is lower than the energy of the lowest 
triplet of benzene (i.e., 3.6 eV), it does not always cross 
over to E** even if it is not collisionally stabilized, but 
has a possibility to change to another state (probably 
another vibrationally excited state) which undergoes 
only cis-trans isomerization.”

Finally, there appears to be a certain probability for 
the scrambling process to occur in the singlet state, this 
time probably by process (4), i.e., the mechanism sug
gested by Whalley (ref 3 and last paragraph of ref 13).

Remarks on the Ethylene Decomposition Reaction. It 
has been pointed out by Cundall12 that the decomposition 
reaction

3C2H4 (vibrationally excited) — > 3C2H2 +  H2

is endothermic even in the mercury photosensitization 
experiments.

(10) A. B. Callear and R. J. Cvetanovic, J. Chern. Phys., 24, 873 
(1956); R. J. Cvetanovic in “ Progress in Reaction Kinetics,” 
Vol. 2, G. Porter, Ed., Pergamon Press Ltd., London, 1964.
(11) S. Hirokami and S. Sato, Can. J. Chern., 45, 3182 (1967).
(12) R. B. Cundall, private communication.
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Another possibility, however, would be that C2H2 is 
formed in the singlet state, either from a spin-forbidden 
predissociation or from the vibrationally excited singlet 
ground state of ethylene.

The second mechanism has been recently advocated 
by Hunziker,13 who has introduced a third intermediate 
state (C2H4f) in addition to the other two already pos
tulated by Callear and Cvetanovic.10 This new state 
would decompose into acetylene and hydrogen and 
would be produced from the triplet ethylidene by an 
intersystem crossing to some vibrationally excited 
singlet state.

What would be the geometrical configuration of this 
new intermediate state, postulated by Hunziker?

According to our calculations there are three possi
bilities corresponding to the three possible low-energy 
configurations of C2H4 in its singlet ground state: (1)

the planar configuration, (2) the asymmetrical ethyl
idene, and (3) the asymmetrical bridge proposed by 
Whalley.3 Concerning the latter, an independent obser
vation by Hunziker in the isotopic scrambling might pro
vide some possible evidence for the occurrence of the 
third possibility.
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Determination of the Equilibrium Constants of Associating 

Protein Systems. V. Simplified Sedimentation Equilibrium 

Boundary Analysis for Mixed Associations

by P. W. Chun and S. J. Kim
Department of Biochemistry, College of Medicine, University of Florida, Gainesville, Florida 82601 
(.Received August 25, 1969)

A simplified procedure for the determination cf equilibrium constants for mixed associations of the type iA +  
j B AASj or «A +  mB ATb +  AftIh, where i +  h = n, and j  +  l = m, are described. The procedure is
applied to a thermodynamically ideal situation, but its application in the anal; sis of reaction boundaries of any 
mixed association in a biological system is also considered. The equations outlined are based on concentration 
as a function of radial distance at sedimentation equilibrium.

In recent years, the theoretical treatment of asso
ciating protein systems of the type nA +  mB C has 
been based on the interpretation of data obtained by 
various physical techniques.1-6

Nichol and Ogston6 and Adams7 have described pro
cedures for analyzing mixed associations of this type in 
an ideal system from sedimentation equilibrium 
boundary experiments. Adams, et al.,s describe the 
equilibrium constants and nonideal term Bi} evaluated 
from mixed associations using osmometric measurements
(Afnapp).

The principal drawback of these earlier procedures 
for determination of the apparent equilibrium constant 
and composition of the complex is the cumbersome ma
nipulation of the data involved.

This communication describes a greatly simplified 
procedure for quantitative evaluation of the equilibrium 
constants of any mixed type of association in an ideal

(1) R. F. Steiner, Arch. Biochem. Biophys., 49, 71 (1954).
(2) G. A. Gilbert, Proc. Roy. Soc., A250, 377 (1959).
(3) J. L. Bethune and G. Kegeles, J. Phys. Chem., 65, 1755 (1961).
(4) G. A. Gilbert and R. C. LI. Jenkins in “ Ultracentrifugal Analysis 
in Theory and Experiment,” J. W. Williams, Ed., Academic Press, 
New York, N. Y „ 1963, p 59.
(5) L. W. Nichol, A. G. Ogston, and D. J. Winzor, Arch. Biochem. 
Biophys., 121, 517 (1967).
(6) L. W. Nichol and A. G. Ogston, J. Phys. Chem., 69, 4365 (1965).
(7) E. T. Adams, Jr., New York Academy of Science Conference 
on Advances in Ultracentrifugal Analysis, Feb 15, 1968.
(8) E. T. Adams, Jr., A. H. Pekar, D. A. Soucek, L. H. Tang, and 
G. Barlow, Biopolymers, 7 ,5 (1969).
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situation. Application of column matrix transforma
tion is used in determining concentration as a function 
of radial distance at sedimentation equilibrium. Asso
ciations of the following three types are considered

A +  B AB (i)

ik  +  j ]B < > A.Pj (ii)

nk  -f- ?tiB  ̂ — kiBj -f- k hBh

i -\- h = n, j  +  l = m (iii)

Column Matrix Transformation for Evaluation of the 
Equilibrium Constant and Composition 
o f the Complex

Basic Equations and Assumptions. The assumptions 
that are used in the analysis of mixed associations 
of all types based on sedimentation equilibrium experi
ments are (1) that the partial specific volumes of all 
species are the same, (2) that the refractive index incre
ments of all species are equal, (3) that the system is 
ideal in that the activity coefficient of each solute species 
is unity, and (4) it is assumed that the system undergoes 
no volume change on chemical reaction. As the result 
of these assumptions, the differential equation for sedi
mentation equilibrium9 is given by

d In Ctj W2(dp/dCt)M w T1,
" d ^ '  = 2RT = LMil (1)

where Ctj is the concentration of the component A (Bj 
and Mij =  iMA +  j M B, the partial differential,10 
bp/dC*, at constant concentration of all other species 
equals (1 — vtp). Equation 1 is integrated between 
any two limits, a and r, provided that rm ^ a and r ^ 
rb where rm and rb refer to meniscus and bottom of cell, 
respectively.

In C l jM

-Cy(a)_
LM„(r* -  a2) =

L(iMA +  jM B)(r2 -  a2) (2)

Substitution of In [Cam /C a m ] =  LMA(r2 — a2) and 
In [Cbm /C boj)] =  LMB(r2 — a2) into eq 2 yields

In

LU jj(B) J LU A(a) -1 LUB(a)J

( Cim 1 =
UC'awIUC'bw PJ

In

(3a)

l [C,A(a)]*[C,B(a) 
Equation 3b can be written as

Ci] = K i f i M

{~ \ c~ v\ c— u l  = constant (3b)UUA(œ)J [U B(a) j /

(4)

The equilibrium constant, K ijt for reactions of the type 
ik  +  jB  u± AjBj is given by eq 4 and the total con
centration at r as

c  =  E  T,Cij (5)
i j

Equations 1, 4, and 5 are fundamental expressions in 
the evaluation of equilibrium constants and composition 
of the complex for mixed association. Both Nichol and 
Ogston6 and Adams7 determined the apparent weight, 
average molecular weight, and concentration at each 
radial distance (r). Knowing these quantities, it is 
possible to evaluate C'a, Cb, and K  for a mixed associa
tion of the type A +  B C (see Appendix) ; however, 
the necessary calculations are burdensome. In con
trast, the simplified procedure described here provides 
all necessary data for evaluation of equilibrium con
stants and composition using only the determination 
of C = CW.

Case I. A +  B <=* AB
Method 1. The total concentration at r is given by

CT = CA(r) +  Cbm +  Cabo) (6)

From eq 1 and 4

Cam =  CA(a)eLM̂ ~ ai)
(7a)r< r i  L i Ü B ( r 2 — a 2)Ubm — U B(a)C

Cabm =  TCCamCbm (7b)

Substitution of eq 7a and 7b into 6 gives 

C r =  C Ma)e LM^ ~ al) +  C'B(a)eiMB(ri- a2) +

K C Ma)C B W e L( MA +MB )^ - at) (8)

In order to solve eq 8 and evaluate Cam , Cbm , and Com 
=  Cabm,11“ 21 the curve of C vs. r2 obtained from either 
Schlieren20 or Rayleigh fringe data11-12 must be con
structed. In general, the C vs. r213 curve for mixed 
association will not be linear.

When three species are involved in equilibrium, 
the curve is bisected by three r2 lines, each equidistant 
from the next. When four species coexist, four r2 
lines are plotted, and four simultaneous equations set 
up, etc.
(9) T. Svedberg and K. 0. Pedersen in “Ultracentrifuge,” Oxford 
University Press, London, 1940.
(10) E. F. Casassa and H. Eisenberg, Advan. Protein Chem., 19, 287 
(1964).
(11) E. G. Richard and H. K . Schachman, J .  Phys. Chem., 63, 1578 
(1959).
(12) D. A. Yphantis, Biochemistry, 3 , 297 (1964).
(13) S. M. Klainer and G. Kegeles, J .  Phys. Chem., 59, 952 (1955).
(14) L. D. Harris, “Numerical Methods using f o r t r a n , ”  Charles E. 
Merrill Books, Columbus, Ohio, 1964, p 149.
(15) E. T. Adams, Jr., Biochemistry, 4, 1646 (1965).
(16) G. K. Ackers and T. E. Thompson, Proc. Nat. Acad. Sci. U. S., 
53, 342 (1965).
(17) P. W. Chun, S. J. Kim, C. A. Stanley, and G. K . Ackers, Bio
chemistry, 8, 1625 (1969).
(18) P. W. Chun and S. J. Kim, ibid., 8, 1633 (1969).
(19) E. T. Adams, Jr., ibid., 4, 1655 (1965).
(20) D. J. Winzor, J. P. Loke, and L. W. Nichol, J .  Phys. Chem., 71, 
4492 (1967).
(21) O. Bryugdahl and S. Ljunggren, ibid., 64,1264 (1960).
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analysis and ease of application to various model sys
tems. By determinants 14 the solution to eq 9 is given 
by eq 10a. Note that a matrix array is distinguished 
from some other array by the brackets as shown here. 
Here a — eiMAAZ ft — >iMB4z and by Cramer’s rule, 
eq 10b may be set up. Thus the concentration term 
CAr„ Cbta, and Ccn becomes

C Am = D A/D  =  

C Bro = Ö b /D =

Cr a ß 2 -  C r ß ( a  +  1) +  C n

a2(ß — a)(ß — 1)

C r ß a '  -  Cr,«Q9 +  1) +  Cr,

ß2(a — ß)(a — 1) (11)

In this case, r22 — r02 =  2{rx2 — r02) and r32 — r02 = 
3(r!2 — r02) where a < r0 <  b. Letting (ri2 — r02) = 
AZ, Cn, Cr„ and Cr, can be expressed in terms of eq 8.

CTl =  CAr0eiMA(r,,_r“!) +  +
1 „ L ( J l i A + M B ) ( n ! - r o 2)
I Y O A r 0 B r 0e

= CAroeLM̂ Z) + C bTolm»^Z) +
KCAroCBr0eLiM*+MB)(*Z) 

CT2 =  c AroeiMA2(ni~roI) +  CBf0eLMB2(n’ - r°!) +
zrp p 0L(Ma +Me)2(rii- ro2) 

A t A r o C B r /

=  CAr/ MA(2AZ) +  CBroeLjV/B(2AZ) +
KCAr0C'Br0eL(KA+MB)((2AZ) (9)

Cr, =  c A,0eiiiA3(ri,_roi) +  CBr/ MB3(n’ - " ,) +
Â Ca Cb *fB)3(ri2—m*)

= Ca, / Ma(3aZ) +  CBr/ LMB(3AZ) +
KCa Cb gHMA+MaXSAZ)

The evaluations which follow are arrayed in matrix 
form, due to the adaptability of matrices to computer

C c n  ~  L> c /d  =C/D
Cnaß -  Crt(a +  ß) +  Cn

a2ß2{a — l)(/3 — 1)

Having shown how co obtain the quantities CAn, 
Cbto, and Ccn, we evaluate the equilibrium constant 
from

K  = C-Cra

c AncA r r ^  Bro

Car
CAtCbt

(12)

The composition of the reacting boundary of the 
complex is determined ty  the expressions

C Ar =  C AneLM^ ~ ni)

CBr =  Cbt/ ^ ' - ^

Ccr =  CcneL(MA + MBKr* -n,)

The value of the equilibrium constant may be recon
firmed by selecting three new equidistant points ri2, r22, 
and r32 and repeating the procedure. The resulting 
value should be identical with the first.

Method 2. A modification of associations of the 
type iA +  jB  ATV When i and j  are known, eq 
8 takes the form

(13)

~ c~
Cr,

a
a2

ß
ß2

aß
a2ß2

" c A,r
ĈBro (10a) Cr =  CAneLii^ ~ ^  +  CBneLMB(r,~n,) +

Cn. _a3 ß3 a3i33_ LCcroJ KC A ^ C W ***A+,' " B) (ri " *r,*)

D = a ß aß = a2ß2 1 i 1 = a3ß3(ß — a)(a — l)(ß  — 1)
a2 ß2 a2ß2 OL ß aß
a3 ßz a3ß3 OL2 ß2 a2ß2

OAm D a/Dj ĈBro Ö b/d, and Caboo) =  KCAnCBn — L>c/d

D a = C„ ß aß - - aß2 Cn i 1 = aß3(a — 1) [CTiOiß2 — Cn(<x +  l)ß +  Cr3]
Cn ß'‘ a2ß2 Cn ß aß
Cr, ß: a3ß3 Cr, ß2 a2ß2

D b = a c ri aß =  a2ß 1 Cn 1 = —a3ß{ß — 1) [Cna2ß — Cna2(ß +  1) +  Cu]
a2 c ra a2ß2 CL Cn aß
a3 c Ti a3ß3 a2 Cr, a2ß2

Dc = a ß Cn = aß i 1 Cn = aß(ß — a)[Cnaß — Cr,(ß +  a) +  Cft]
a2 ß Cn a ß Cn
a3 ß3 Cn a2 ß2 Cn

(10b)
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where r0 is the reference point and rm <  r0 <  n,. Choos
ing equidistant points n and r2, (r22 — r02) =  2(r2 — r02). 
Letting (ri2 — ro2) =  A Z and Cijr = KCi\roCiBn, the 
following set of simultaneous equations may be set up

C„ =  C An +  CBro +  KCiAraCiBn = C An +  C  Bro +  C iiro

„  =  CAroez'MA(r,2- r“!) +  Cbt 0eLMBin,- nl) +
KC*a CjB ez'(<JlÎA+J'J'ÎB)(ri,_roî)

=  CAneLM̂ Z) +  C W LMb(AZ) +
gL(»MA+iMB)(AZ)

_  q ^ giMA2(n!—ro2) _|_ gLAfB2(ri2-ro2) _j_

KCiA (P;B gi t̂̂ A't; 'i B̂l2̂ rii_ro^

=  CAr,eLM̂ Z) +  CBroeiMB(2AZ> +
r  L (iM A+ iM b )(2 A Z )  ijrcp

0, i = 2, the result of analysis is similar to 2Pi P2. 
This method can be readily applied to a monomer-n- 
mer self-associating system.15 - 18 ■20

Case II. nA +  mB AjB  ̂ +  AaB; ;
i +  h =  n, j  +  l =  m

When four species are involved in chemical equilib
rium, the following simultaneous equations similar to 
equation set 8 may be set up

gtiMA(r2-ro2)) _j_ g|LMB(r2-ro2)) _j_

K wCAr.CBr,eiL(iMA+i'MB)(r!" r0l)! +

KhlC \T0C ^ / L̂ +MBHr' - ^  (17)

Here rm <  r0 <  rb. Choosing equidistant points n, r2, and 
r3, r22 — r02 = 2(ri2 — r02) and r32 — r02 = 3(n2 — r02). 
Letting (n2 — r02) =  AZ, Cijn = K ijCiA,aC1Br<1 and Chln 
= KniCAr^Csn, four simultaneous equations result

By determinants, the solution to equation set 14 in 
matrix form is

~ C T~ "1 l

C n = a 0

_ C ri. _ a 2 fi*

1 ~C Arc

C  Bro
a2ifi2i_ Cij'ro_

(15)

where a =  eLMiAZ, fi = eLMaAZ. By Cramer’s rule, 
eq 15 becomes CAr0 = Da/d, CBn — DB/d, Ccn =  Dc/d, 
where

l 1 1 =  a fi(f i  — a )  ( a * lf i i --1)
a. fi a*fiJ ( a ^ - 1 -  1)
a2 f i2 a ilfiU

C n 1 1 = a » f i 3ì(fiC n  -  C n ) —
C „ fi a (fi } a ^ i f i ' C n  ~  C n ) +
C n fi2 ( a W fi( f iC n ~  C n )

D b =  a2!̂ M( r f „  -  Crû ~  aWictCr, -  Cr,) +

a(aCn -  Cri)

De = (fi — a)[afiCr„ — (a +  fi)Cn +  CT1]

Knowing CAn, CBro, and CcT„ we may evaluate the 
equilibrium constant for this system from

K  = C  Cr
(CAr)*(CB,)#

C  C to

(CAròKCBrò1
(16)

and the composition of the reaction boundary is deter
mined from the expression

CAr =  Cat̂ ^ - ^

CBr = CBraeLMBir' - nl)

Ccr =  CCneL(iMA+jMB)(r2—ro2)

In solving for K, a number of values for i and j  are 
assumed until the resulting K  value remains constant. 
Note that when i — j  — 1, equation set 14 becomes 
identical with equation set 9 of method 1; and when j  =

Cr0 = CAn +  Caro +  K tjC‘ AnCJBn +  KhlChAn ClBro 
Cn = CAroeLMACn2- ro2) +  CBr.eiMB(n2~ro,) +

K  ijC iAnC1BnpL ('ÌMa Mb) (r‘2 ~ r°!) +

KhlC\rjClBneLihMA+lMB)W- n') (18)
q  __ ^LM a2(Xi2 —ro2) g L A ÌB 2( n 2 — ro2)  _j_

K «C iAroC^BroeL(iMA+y" B)2(n2- r"2) +

KhlChA ClB

Cn =  CAroeLMA(n2- ro2) +  CBroeLMB3(ri2_ro2) +

Kifi^nC^ne, L ( t A f A + j A Ì B ) 3 ( r i 2  — r o 2 ) +
K  iC hA C 1 B gn(̂ AfA+ÎJlÎB)3(ri2-ro2)

Equation 18 becomes

C n  — C ats +  C  Bn +  C  ijn +  C h m

C n = CAroa +  C Brt̂  +  CtjnOffi1 +  Cj,inahf il

Cn =  CAr,« 2 +  CBr«S2 +  Cijna2ifi2i +  Chlna»fiil (19)

C n  = CAroa3 +  CBr<fi3 +  C ijn a 3ifi3i +  C hln a 3hfi31

where a =  eLMxAZ, fi = eLMeAZ. By determinants, the 
solution to equation set 19 is

~ c j — '1 1 1 1 - C a J

Cr, a fi a 'f i1 a hfi l C  Bn

C n a2 fi2 ( a 1 fi1) 3 ( a hf i 1) 2 0  {jrc,

C n . _ a 3 fi3 ( a ^ ) 3 (a f f i1) 3. h Zro_

Application of Cramer’s rule gives values for CAro, 
CBr», Ci]rii, and Chin, and the quantities Cat, CBt, Cijr> 
Chin Ki}, and K hi are evaluated as before.

When m = j  = l = 0, then three species gPi <=± 
»SPi +  rPA coexist at chemical equilibrium, where 
h >  i >  l, for the self-associating system.15-19 In 
addition to the mixed associations described here, this 
method could be extended to indefinite mixed associa
tions or associations of the type nA +  mB +  1C
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A„BmC;. Thus it is widely applicable to the association 
of biological systems which exhibit multiple equilibria 
through the construction of the C =  C(T) curve.
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Appendix
The abbreviated outline of procedures for determina

tion of equilibrium constants developed by Nichol and 
Ogston6 and Adams7 is given below for contrast with 
our simplified method.

1. Nichol and Ogston Method.6

Cn(Mc -  MWT0)eLM̂ - r°'} -  Cr(Mc -  Mwr) =

(Mc -  M A)CAro[eLMA(r’ ~rA -  (1')

Cn(Mc -  MKn)eLM»(rl- n,) -  Cr(Mc -  Mm) =

(Me -  AfB)CB,0[eLJiB(r2- r"2) -  eMfA<r*-r,P] (2')

From eq 1' and 2', CAn and C'Bm may be evaluated. 
Ccn is determined from the equation

C Cro =  C ra 0  A to C B ,-0

knowing CAn, C'Bro, and CGn, we may determine the 
composition of the boundary complex from

2. Adams Method.1

Dividing eq 3' by e08 [which is In [C'Br/ CRn] = LMb ■
(r2 — r02) ]

where

<f> A  — LMA(r2 — r02)

Similarly

p  _  p  _ L M A ( r 2 - r 02)OAr “  ^Aro6
p    p  L A f s O 2 — ro2)
L/ B r  Bro®

Car =  CCneLMc(r2- r̂

The equilibrium constant is then evaluated from K =
C c r / C ArC-Br.

plotting yBvs.e[m*A + (n~'1)'l,s] yields CRn[(MR/M — l]as 
the hypothetical yR intercept where the exponential func
tion is zero and KCmAr„ C%n [(Mc/Ma) — 1 ] is the slope. 
A value for CAro is determined from a plot of yA vs. 
cI0»-15*a+«*b1 at the int3rCept. Then knowing CAra, 
C-Brn and Ccroj we may evaluate the composition of the 
complex and the equilibrium constant.
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Estimation of the Excess Thermodynamic Functions of Nonelectrolyte Solutions 

from the First-Order Perturbation of a Hard-Sphere System1

by T. Boublik2 and G. C. Benson
Division of Pure Chemistry, National Research Council of Canada, Ottawa, Canada (Received March 17, 1969)

Expressions for the excess functions of a binary mixture of nonpolar molecules were derived from a first-order 
perturbation treatment using the equation of state and distribution function for a system of hard spheres and 
assuming a square-well interaction potential. Application of the equations to data for the system cyclopentane- 
carbon tetrachloride at 25° provided a satisfactory correlation between the excess thermodynamic functions 
and properties of the pure component liquids.

Introduction
Recently,3-5 relations were formulated for calculation 

of the thermodynamic functions of a pure liquid, 
assuming the effect of the attractive part of the inter- 
molecular forces (together with the contribution due to 
softness of the repulsive part) to be a perturbation of a 
system of hard spheres. The equation of state and 
radial distribution of the latter is relatively well known 
either from the solution of the Percus-Yevick equa
tion6-7 or from the scaled-particle theory.8

Yosim9'10 used the results of the scaled particle 
theory to calculate the heat of vaporization of the pure 
liquid and the excess entropy of a binary solution. 
These calculations exploited the idea of a thermodynamic 
cycle in which “ charging”  and “ discharging” of the 
hard spheres by intermolecular forces occurred. This 
is also the starting point of the following treatment.
Theoretical Considerations

The process of mixing the pure components (numbers 
of molecules N ¡) to form a mole of solution at constant 
temperature T and pressure p can be imagined to take 
place in five isothermal steps, (i) The pure compo
nents (molar volumes F ;) are “ discharged” to hard- 
sphere systems at constant volume, (ii) Each hard- 
sphere system is expanded from volume Fi to some 
large volume F* for which the behavior is ideal (p*V* 
= RT). (iii) The components are mixed at constant 
pressure p*. (iv) The solution of hard spheres is 
compressed to volume F s where Fs is the molar volume 
of the real solution with composition z , = N i/Na 
(Na is Avogadro’s number) at temperature T and 
pressure p. (v) The hard spheres are “ charged”  with 
attractive forces at constant volume Fs.

The entropy of mixing per mole, A5M, calculated 
from these steps is

ASm =  £  ZiOSh» -  5 0  +  £  z. f  ( H ) 0 dF +
i i JVi \oV/r

/ ‘F* /dS \°
W ' ) , dV +  «  <w

where S i and S B are the entropies of component i and of 
the solution, respectively. The superscript zero denotes 
the hard sphere system and AS" is the molar entropy of 
mixing of the hard sphere components at high dilution. 
Similarly, the energy change associated with the mixing 
(i.e., the excess energy, essentially at constant pressure) 
is given by

Cv* /df7 \°
U* = £  Xi(Ui° -  Ui) +  £  z, j v [ - ^ ) TdV +

r v‘ /dus\°
At/° +  — 3 ) d V  +  U, -  U" (2)

Jv* \oF  JT

where U, and Us are the energies per mole of component 
i and of the solution, respectively. AU° is the energy of 
mixing of the hard sphere systems (at V* —► 00) and is 
obviously equal to zero. Also since for hard spheres 
the ratio p/T is a function only of the volume it follows 
that (dU/dV)T° vanishes and that T(dS/dV)r° is equal 
to the pressure. Thus eq 1 and 2 can be simplified to 
the forms

T [S s - - S so -  £ z i(5 i -  5;»)] +
i
pV* pV*

£  Zi pi°dF -  ps°dF (3)i J Vi J VB

U E = U s -  U »  -  £  X i( U i -  Ui°) (4)

(1) Issued as NRCC No. 11194.
(2) National Research Council of Canada Postdoctorate Fellow, 
1967-1968. Institute of Chemical Process Fundamentals, Czecho
slovak Academy of Science, Prague, Czechoslovakia.
(3) R. W. Zwanzig, J. Chem. Phys., 22, 1420 (1954).
(4) J. A. Barker and D. Henderson, ibid., 47, 2856 (1967).
(5) J. A. Barker and D. Henderson, ibid., 47, 4714 (1967).
(6) J. L. Lebowitz, Phys. Rev., 133, A895 (1964).
(7) J. S. Rowlinson, Mol. Phys., 7, 349 (1964).
(8) H. Reiss, Advan. Chem. Phys., 9, 1 (1965).
(9) S. J. Yosim and B. B. Owens, J. Chem. Phys., 39, 2222 (1963).
(10) S. J. Yosim, ibid., 43, 286 (1965).
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In preparation for evaluating the molecular param
eters of the pure components, we consider two different 
isothermal processes for evaporating a pure liquid 
initially at pressure pi8at (saturation vapor pressure) to 
produce a gas at very high dilution (pressure p* 0). 
In the first process the liquid is “ discharged”  at 
constant volume to produce a hard-sphere system and 
then expanded to volume V* (p*V* = RT). In the 
second process, the liquid is evaporated at constant 
pressure pjsat and then expanded to volume V*. From 
a comparison of the changes in energy, and of the 
changes in entropy, associated with these processes, it 
follows that

Ui -  Ui° =  - A l / i TOh (5)

and

Here, AUicoh is the cohesion energy, A //;vap the heat of 
vaporization, and Vig the vapor phase volume, of 
component i.

Assuming that the energy due to attractive forces is a 
sum of pair interactions which can be treated as a 
perturbation of the potential of hard spheres, it has 
been shown4 that the Helmholtz free energy of a pure 
component is given by

Fi/NAkT =  Fi°/NAkT +
/» co

(NA/2ViJcT) wu(r)sfii0(r)4irr2dr (7)
v  < r i  i

where only the first-order term in the perturbation 
treatment is retained and the proper choice of hard- 
sphere diameter da is used.11 In this equation, k is the 
Boltzmann constant, Uu(r) is the potential between a 
pair of molecules of species i with centers separated by a 
distance r, ga°(r) is the radial distribution function of 
the unperturbed system, i.e., the hard-sphere system, 
and <tu is the separation for which un(r) vanishes. It 
can be seen from differentiation of eq 7 with respect to 
temperature that

Si = Si0 (8)

and hence that 

U i/N AkT =  Ui°/N AkT +

(NA/2VikT) J “ ° un(r)ga°(r)4irr2dr (9)

Following arguments similar to those given for pure 
liquids it is possible to obtain first-order perturbation 
relations for the solution. Thus

FJN AkT =  Fs°/N AkT +
/»co

(NA/2VskT) X) I U i j ( r ) g u ° ( r )4:irr2d r  (10) 
i,j J <ra

£. =  Ss° (11)

and

UJN AkT =  Ua°/NAkT +

(Na/2VekT) XiXj f  Wij(r)gfii°(r)47rr2dr (12)
i,j J <rij

It is clear from eq 3, 8, and 11 that the excess entropy 
of mixing is given by -he hard sphere contribution.

/•V* fV*
TSE =  V M V  -  I Ps°dV (13)

i J Vi J V,
This expression is identical with that derived by Yosim10 
but has been obtained as a consequence of the limitation 
to first-order perturbation terms, without recourse to 
the original assumption that the “ charging”  and 
“ discharging”  terms cancel.

The pressure of a system of hard spheres at given 
temperature, volume, and numbers of molecules of 
different kinds is a function of the radii Ri, R% ■ ■ ■ of the 
hard spheres. For a binary mixture, Lebowitz, 
Helfand, and Praestgaard12 derived the following 
equation of state from the scaled particle theory

P s °

kT
6 £o . 3 3&3
7T L(1 -  &) (1 -  &)2 (1 -  &)3-

(14)

where the variables £n are defined by

I n
x F a

6 Ë7 E ^ i(2 Ä i)tti
(15)

In the case of a one-component system, eq 14 becomes

pI
kT

N a r  i % i 3ÿi2
V i  Ll -  y i  +  (1 -  t/i)2 (1 -  y i ) 3.

(16)

where

y  i =
t F a 
6 Vi

(2Ei)3 (17)

The integrals in eq 13 can be evaluated after sub
stituting the hard-sphere pressures from eq 14 and 16. 
The formula for the excess entropy can then be written

+

Vi & (2 f i i )~l . 3  I" y  j 2 

_  i -  2 L a - i / i )2
|22(2 R 
(1 -  Is);»)2J i

(18)

The hard-sphere integral in eq 6 can be handled in a

(11) Cf. ref 5, eq 12.
(12) J. L. Lebowitz, E. Heliani, and E. Praestgaard, J. Chem. Phys., 
43, 774 (1965).
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similar manner. Evaluation of the second integral in 
eq 6 is based on the simple virial expression

=  —  +  B n  (19)
V

U i° -  U i A U iooh
R T  ~  R T

and eq 12  becomes

o h î( N a / V  i)2ir(2/?i)2̂ ii°(2/2i)

(27)

where B n  is the second virial coefficient. Using Hag- 
genmacher’s formula13 to estimate the temperature 
variation of B ¡¡, the formula for the heat of vaporization 
becomes

A H  ¡vap =  2 £ i i P i sat -

PisatUi(l — y d
R T In'

R T

3  y ¡ ( 2  -  ÿ j ) ~ | 

2 (1  -  2/ i ) 2 J
(20)

The radial distribution functions are needed for 
determining the excess energy (or free energy). The 
form of these functions is known from the scaled 
particle theory only for particles at closest approach; 
thus in a binary solution

Q ij°(-Ri +  R Ù  —
1 ,____ 6 £2 R i R j

1 -  &  +  (1 -  Is)2 R i  + R i

1 2 &  /  R i R j  V  

(l -  h ) 3 \ R i +  R i )
(21)

which becomes

g n ° ( 2 R i ) 1 1 3 u ±  . ? y  j2
1  -  V i +  2" (1 -  y d 3 4 (1 -  y d 3

(22)

for a one-component system. Equations 21 and 22 are 
sufficient for considering those cases in which interac
tions which are significantly different from those of hard 
spheres occur only at intermolecular distances differing 
very slightly from closest approach; in other cases, the 
solution of the Percus-Yevick equation is required.

In the present treatment, ‘ he interactions are 
represented by the simple square-well potential

u n (r) = + “  r  <  a-a

= — en o-ij <  r <  o-jj +  a 

= 0 r  >  a n -\- a

(2 3 )

where

f f i j  — d j j  — R i  +  R j  (24 )

and it is assumed that the distance a  is very small. 
The integrals in eq 10 and 12 can then be approximated

/* 00
I u n ( r ) g  n ° (r )4 ir r 2d r  =

J  <rij

— € ijgrij°(/ii +  R d 4 ir (R i  +  R d 2a (25) 

Defining the molecular parameter oin by

Wij =  « ij a / k T  (26)

eq 9 can be rearranged to

U  s °  -  U *  

R T

( N A/ V e) xix¡<i3¡¡2Tr(R i +  R d ^ i ^ i R i  +  R d  (28)
i.i

The expression for the excess energy, obtained by 
combining eq 4, 21, 27, and 28 is

UE =  R T Xi A U i° ° h
R T

2-irN a ^
y  2-1 XiXjÜlij ' 8 i,j

'  1

-(1 -  la)
( R i  + R d 2+

6fe
(1  -  la)

R i R j ( R i  + R d +
12|22

(1  -  la)
R d R d

It appears unlikely that the contributions of hard 
spheres and of the attractive forces to the volumetric 
behavior of the system can be separated and derived 
from the thermodynamic cycle described above. Thus, 
in subsequent numerical calculations, eq 18 and 29 are 
used to express T S E and U E as functions of the tem
perature, volume, and certain molecular parameters R  
and co.

Numerical Calculations
The utility of the equations derived in the preceding 

section was investigated by applying them to the 
system cyclopentane-carbon tetrachloride. This sys
tem was chosen because the component molecules are 
approximately spherical, and because data for the 
thermodynamic functions H ^ , UB, and G E ( i . e . ,  the 
excess enthalpy, volume, and Gibbs free energy) at 25° 
are available.14 “ Experimental”  values of T S E and I I e  
can be obtained from these results using the thermo
dynamic relations

T S E =  H E -  G E (30)

and

C/E =  H E -  p V E (31)

The term p V E is relatively small in the present case, 
and for practical purposes it is unnecessary to distin
guish between C7E and I I e .

Several different ways of establishing the values of 
the molecular parameters (R i  and o>u) of the pure 
component liquids were investigated. In all cases, the 
semiempirical mixing rule

(¿rd =  C0 11C022 (32)

The Journal of Physical Chemistry

(13) J. E. Haggenmacher, J. Amer. Chem. Soc., 68, 1123 (1946).
(14) T . Boublik, V. T . Lam, S. Murakami, and G. C. Benson, J. Phys. Chem., 73,2356 (1969).
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Figure 1. C om parison  o f  theoretical and experim ental 
values o f  excess functions o f  system  cyelopentane ( l ) - c a r b o n  
tetrachloride (2 ) at 2 5 °. D o tte d  and solid  curves correspond, 
respectively , to  ca lcu lations (a ) and (b )  described in the text. 
P oin ts represent experim ental da ta : O, TSE; • , UE.

0.05 were calculated iro n the equations representing 
the smoothed experimental data.14 I t  appears from 
comparison of these values that the theoretical esti
mates of both the excess energy and entropy are too 
small.

Table I  : Properties o f  the C om p on en t L iqu ids at 25°

Cyclopentane Carbon tetrachloride
p.sat, T orr 3 1 7 .5 “ 1 1 3 .86
Vi, cm 3 m o l-1 9 4 .7 1 9 7 .1 0
Bn, cm 3 m o l-1 - 1 0 5 4 ' — 1675á
A H ivap, J m o l-1 28540e 32450e
A?7¡coh, J m o l-1 26200e 30050e

m erican Petroleum  Institu te R esearch  P ro ject 44. “ Selected
Values o f  Properties o f H yd rccarbon s and R ela ted  C om pou n ds,”  
C arnegie Press, C arnegie In stitu te  o f T ech n ology , P ittsburgh, 
Pa., 1953, and later revisions. b J. A . Barker, I . B row n, and F. 
Sm ith, Discussions Faraday Src., 15, 142 (1953) c R . W . H erm - 
sen and J. M . Prausnitz, Chem. Eng. Sci., 18, 485 (1963). d P . G. 
Francis and M . L . M cG la s l an, Trans. Faraday Soc., 51, 593 
(1955). * C alcu lated b y  m ethod  described in  the text.

Table I I :  Values o f the M olecu lar Param eters“

Calculation*1 Ri 1Ö11 Ä2 «22
(a) 2 .6 53 0 1 .4687 2 .7 11 4 1 .4666
(b ) 2 .6 4 1 7 1 .5353 2 .7 2 7 0 1 .3736

“ Ri and wu in Â . b C alcu lations (a ) and (b )  described in  the 
text.

was used to evaluate the cross coefficient w12, and theo
retical values of the excess functions TSE and UE were 
computed from eq 18 and 29 for volumes of the mixture 
given by

v s =  E  X iV i  +  V E (33)
i

The values adopted for the properties of the pure 
component liquids are summarized in Table I. The 
heats of vaporization and cohesion energies were 
estimated from the temperature derivative of the 
vapor pressure (represented by an Antoine form) with 
correction for nonideality of the vapor phase approxi
mated by the second virial contribution (again, the 
temperature variation of Bn was obtained from Hag- 
genmacher’s formula13).

In our initial calculation (a), Ri for each component 
was computed from eq 20 using the data for AH¡vap from 
Table I. The corresponding con was then obtained 
from eq 27, using the values of Ri and Alli“ 11. The 
resulting molecular parameters are listed in Table II. 
Using these values, the dotted curves for TSE and U E in 
Figure 1 were computed from eq 18 and 29. The 
points plotted in Figure 1 at mole fraction intervals of

However, the results computed for the excess func
tions are fairly sensitive ~o the values employed for the 
radii. This is illustrated by the solid curves in Figure 1 
which were obtained in calculation (b). The values of 
R i  used in the latter were altered to achieve a least- 
squares fit of the experimental T S E results, instead of 
being determined from A i / ivap; the wh were obtained 
from A f/i00*1 as in calculation (a). The fit of T S E in this 
case is within the uncertainty of the experimental 
results, and the agreement between the theoretical and 
experimental excess energies is much better than that 
obtained in calculation (a). I t  can be seen from Table 
I I  that this improvement has been achieved by changes 
of less than 1% in the radii. Using eq 20, it can be 
shown that the changes in Ri correspond to variations 
of between 1 and 2% in A#ivap; these are similar in 
magnitude to estimates of the accuracy of AHivap.
Discussion

The agreement between experiment and theory 
found for calculation (b) shows that the real behavior of 
a system of simple nonp :>lar molecules can be obtained 
quite well from the perturbation of a hard-sphere 
system. Advantages of this treatment are the relative

Volume 74, Number 4 February 19, 1970



simplicity of the expressions obtained and the small 
number of molecular parameters required. Since 
only first-order perturbation term3 are retained and an 
oversimplified model of the molecular interactions is 
assumed, it appears that the theory should work better 
for energetical functions than for functions derivable 
more directly from the equation of state. The latter 
equation can be obtained from the Helmholtz function 
(eq 10), but attempts to use it to formulate a descrip
tion of the volumetric behavior of the system, and to

908

calculate V s  (at constant pressure), were unsuccessful. 
It seems likely that this failure is due to the neglect of 
higher order perturbation terms and to the assumption 
that the attractive forces are independent of the 
separation between the molecules over some range 
a .

Application of the present expressions is limited to 
systems composed of nearly spherical nonpolar mole
cules. Extension of the equations to consider multi- 
component systems is straightforward.

R. A. Friedel, J. A. Queiser, and H. L. R etcofsky

Coal-Like Substances from Low-Temperature Pyrolysis at 

Very Long Reaction Times

by R. A. Friedel, J. A. Queiser, and H. L. Retcofsky

U. S. Department of the Interior, Bureau of Mines, Pittsburgh Coal Research Center, Pittsburgh, Pennsylvania 15218 (Received September 2, 1969)

The importance of long reaction times in the eoalifieation process has been demonstrated in the laboratory. 
Samples of cellulose and pine sawdust in evacuated, sealed glass vials have been heated at 200° for 2 years. 
Black coal-like chars were produced; conventional heating at 200° for hours produces very little chemical 
change. The chars were characterized by infrared and electron spin resonance spectra and by ultimate analysis. 
The infrared spectra of the pine sawdust char and of a subbituminous coal are nearly identical, except for dif
fering carbonyl absorption. The spectrum of the cellulose char is also similar to that of the subbituminous coal. 
The electron spin resonance (esr) results show that g values, line widths, and spin concentrations are very similar 
for the two chars, and resemble closely the corresponding values for subbituminous coal. 200° is considered a 
reasonable eoalifieation temperature; a feasible depth of burial can provide such temperatures. The experi
mental eoalifieation obtained in only 2 years supports the hypothesis that geologic time could produce all ranks 
of coals, from lignite to anthracite, at temperatures below 200°.

Introduction

In the study of the structure and properties of coal, 
attempts have been made to prepare synthetic coals, 
principally by pyrolysis methods. Chars having proper
ties identical with those of coals have not been produced. 
Initial attempts at studying the infrared spectra of 
coal-like chars prepared by pyrolysis of pure materials 
were carried out several years ago.1 '2 The pyrolysis 
method used was that of Smith and Howard, who had 
prepared from cellulose, chars that had some of the 
properties of coals.8 We studied the infrared spectra of 
chars prepared from cellulose over a range of tempera
tures; the spectrum of a 400° cotton char somewhat 
resembled that of high-volatile bituminous coal.1,2 The 
spectrum of this char showed a definite carbonyl absorp
tion band which is not present, except as a weak shoul
der, in infrared spectra of coals. Carbohydrate chars 
prepared at 300, 400, and 500° produced absorption

bands in the aromatic region that were identical with the 
aromatic bands produced, respectively, by lignite, high- 
volatile bituminous, and anthracite coals; less similarity 
was observed in other parts of the spectra.4 Similari
ties of reaction of coal and the carbohydrate, sucrose, 
were illustrated by the nearly identical spectra of prod
ucts obtained in hydrogenation studies.6 Friedman 
and coworkers studied many coal-like chars prepared 
by the pyrolysis of pure oxygenated compounds, 
mostly at 400° and reaction times of 1  hr; several

(1 )  R .  A .  F r ie d e l  a n d  M .  G .  P e l ip e tz ,  J. Opt. Soc. Amer., 4 3 ,  1 0 51  
(1 9 5 3 ) .
(2 )  R .  A .  F r ie d e l  a n d  J .  A .  Q u e is e r ,  Anal. Chem., 2 8 ,  2 2  (1 9 5 6 ) .
(3 ) R .  C . S m i th  a n d  H .  C . H o w a r d ,  J. Amer. Chem. Soc., 5 9 ,  2 3 4  
(1 9 3 7 ) .
(4 ) R .  A .  F r ie d e l ,  P r o c e e d in g s  o f  t h e  F o u r t h  C a r b o n  C o n fe r e n c e ,  
U n i v e r s i t y  o f  B u f fa lo ,  P e r g a m o n  P re ss , N e w  Y o r k ,  N .  Y „  1 9 6 0 , p  3 2 1 .
(5 ) M .  G .  P e l ip e tz  a n d  R .  A .  F r ie d e l ,  Fuel, 3 8 ,  8  (1 9 5 9 ) .
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properties of these chars, including infrared spectra, 
have some resemblance to the corresponding properties 
of coals.6 Broido has studied the thermal behavior of 
cellulose in the presence of additives and found that 
decomposition begins 80° lower if 1.5%  K H C 03 is 
present.7 Urbanski has carried out infrared studies of 
the carbonization of lignin and cellulose and found that 
decomposition is greatest at 300-350°.8

Pure hydrocarbons have been charred in the presence 
and absence of molecular oxygen; only when oxygen 
was present did the infrared spectra of the chars re
semble those of coals, particularly in the 1600-cm-1 
region.4 9 Unless oxygen is involved, the 1600-cm-1 
band is weak or nonexistent; thus it is believed that the 
structure producing the strong absorption at 1600 cm-1 
contains carbonyl groups.4,9

In another study, chars were prepared from 180- 
labeled compounds in an attempt to ascertain whether 
an isotopic shift would occur at 1600 cm-1 and would 
thus indicate that carbonyl groups are involved. No 
isotopic shift was obtained; the infrared spectrum of an 
180-labeled chelate, dibenzoylmethane, demonstrated 
that if a C = 0  group is very strongly chelated the C = 0  
vibration becomes completely delocalized and no iso
topic shift occurs.10’11

In attempting to simulate coal, the following principal 
variables are available: starting material, tempera
ture, rate of heating, reaction time, and pressure. The 
effect of pressure is considered minor compared to the 
effect of temperature.12-14 The effect of pressure 
during many eons may be important; temperature 
during many eons is certainly important. Though 
presumptuous, it was assumed that some slight indica
tion of the effect of geologic time might be observable in 
the laboratory. Pyrolysis experiments involving reac
tion times of years, rather than hours or days, were 
planned. A temperature of 200° was chosen. The 
spectral methods selected for investigation of the coal
like properties of the chars were infrared and electron 
spin resonance spectrometry.

Experimental Procedure

P y r o ly s e s .  In initial experiments, pyrolytic oxida
tion of cotton and pine wood sawdust were carried out 
at low temperatures. Two sets of samples were heated 
in air at 150 and 200° for 10 months; the chars produced 
were investigated by infrared spectrometry.

Then, pyrolysis experiments in the absence of air were 
carried out. Samples of cotton, 0.43 g, and pine wood 
sawdust, 0.20 g, were placed in heavy-walled Pyrex 
tubes, evacuated, and sealed. The sample tube vol
umes were 3 .1 cc. The samples were heated at 200° 
for 2 years. The cotton char was sampled in two 
different places and the pine sawdust char in three 
places, and infrared spectra were obtained. The 
spectra for each char were identical. These results

indicate, but do not prove, that the two chars were 
homogeneous.

I n s t r u m e n ta l  I n v e s t ig a t  ion . The principal methods of 
characterizing the pyrolysis products were infrared 
(Perkin-Elmer Model 521)14b and electron spin reso
nance (esr) spectrometry (Varian Associates Model 
4300). Preliminary examinations of the chars were also 
made on a high-resolution mass spectrometer (Consoli
dated 2 1- 1 10B); many aromatic structures found in 
coals were identified. Analysis of gases and other 
volatile components was carried out on a Consolidated 
103C mass spectrometer". Ultimate microanalyses of 
the chars were performed by the Huffman Laboratories.

Results and Discussion

Low pyrolysis temperatures and reaction times of 
several months were decided on in an attempt to simu
late mild coalification conditions. Temperatures in 
the 200° range are considered realistic; many coals have 
been subjected to such temperatures due to depth of 
burial. Initially, pyrolytic oxidation runs were made 
on cellulose and on pine sawdust at 150° in the presence 
of air. Pyrolysis of these materials for 10 months gave 
black, insoluble solids having infrared spectra which 
indicated extensive ox dation. The second set of 
investigations was carried out at 200° in the presence 
of air; as expected, greater pyrolytic oxidation was pro
duced. Then pyrolysis runs in the absence of air were 
initiated with samples cf cotton and of pine sawdust 
sealed in evacuated, heavy-wall glass tubes. The 
samples were heated at 200° for 2 years. Tarry prod
ucts were observed during the early stages of pyroly
sis; these became solid char long before 2 years elapsed. 
The gas produced in the pyrolysis of the cotton sample 
was lost at the end of 2 years by an explosion; most of 
the char was salvaged. The vial containing the pine 
sawdust char was then opened, with release of consider
able pressure of gas (6.3 atm). A thin film of colorless 
liquid, mostly water, vaporized completely into the 
evacuated gas-handling system. The gas analysis in 
Table I shows mainly H20  and C 0 2. Both the cotton

(6) S. Friedman, R . Raym ond, L. Reggel, I . W ender, and R . A. 
Friedel, Abstracts of Papers, 129th N ational M eeting o f the American 
Chemical Society, April 1956.
(7) A . Broido, Pyrodynamice, 4, 243 (1966).
(8) T . Urbanski, W . Hofman, T . Ostrowski, and M . W itanowski, Bull. Acad. Polon. Sci., Ser. Sci., Chim., Geol. Geogr., 7, 851, 861 
(1959).
(9) R . A. Friedel, Appl. Opt., 2, 1109 (1963).
(10) R . A. Friedel, R . A. Durie, and Y . Shewchyk, Carbon, 5, 559 
(1967).
(11) R . A. Durie, Y . Shewchyk, and R . A. Friedel, Spectrochim. 
Acta, 24A, 1543 (1968).
(12) M . Teichmueller and R . Teichmueller, Chapter in “ Coal 
Science,”  R . F . Gould, Ed., Advances in Chemistry Series No. 55, 
American Chemical Society, Washington, D . C., 1966, p 133.
(13) J. Karweil, Z. Deut. Geol. Gee., 107, 132 (1956).
(14) (a) W . Francis, “ C oal,”  E. Arnold, Ltd., London, 1961 p 573. 
(b) Reference to  trade names is made for identification only and 
does not im ply endorsement by the Bureau of Mines.
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Figure 1. Infrared spectra of Dietz bed subbituminous coal vitrain, 200° char of pine sawdust and 200° char of cotton.

Table I : Spectrometric Analysis of Gases from 200° 
Pyrolysis of Pine Sawdust

P e r  c e n t W e ig h t, m g

Carbon dioxide 25.8 9.7
Water 57.9 8.9
Methanol 3.9 1 . 1

Dimethyl ether 12.4 4.9
100

Estimate of total carbonyl
compounds, by infrared 5.0

29.6

and sawdust chars were completely black; the yield of 
char from pine sawdust was about 53% . B y  contrast 
the char produced from cellulose by Smith and Howard4 
at 190° gave a yield of 89% of brown material; the 
infrared spectrum of this substance closely resembled 
that of unchanged cellulose. The infrared spectra of 
both samples are shown in Figure 1, along with a spec
trum of a subbituminous coal (Dietz bed, Wyoming, 
70.8% C, m.a.f.). Ultimate analyses and C/H ratios, 
given in Table II, demonstrate the close similarity of

Table II: Ultimate Analyses of Cotton Char, Pine Sawdust 
Char, and Dietz Bed Subbituminous Coal 
(Big Horn Mine, Wyoming)

D ie tz
su b b itu m in o u s P in e  s a w d u st

co a l C o tto n  c h a r c h a r

C 70.83 76.5 67.6
H 5.06 5.1 4.9
S 1 . 0 2  Ì! 1
N 0.59 V 18.4“) 27.5“
O 22.50“!1
C/H 1.16 1.24 1.16

By difference.

coal and chars. The spectra of the coal and the sawdust 
char are remarkably similar. In addition to the more 
obvious spectral similarities at 1600, 1440, 1370, 1280, 
3400, 2950, 2920, 2860, and 1180 cm- 1 , there is a con
siderable similarity at the aromatic band positions, 
860, 810, and 750 cm- 1 . The aromatic bands are weak 
in the spectra of subbituminous coals, but the similarity 
of the coal and char absorption patterns in this region 
is impressive. It is apparent from these spectra that
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Table I I I : R e la tive  A b sorp tion  Intensities in  the In frared 
Spectra of 300, 400, and 500° Cellulose Chars at 
1700 cm -1 (C a rb on y l C om p ou n d s) and 1600 cm “ 1 
(P resum ably  C helated, C on ju gated  C arbon y l G rou ps)

Cellulose char,
Relative intensities, 

per cent
preparation temp, °C 1700 cm "1 1600 cm -:

300 78 22
400 59 41
500 0 100

Table IV  : E lectron  Spin  R esonance D a ta  for  Chars 
and a C oa l V itrain

Line width,
Sample Spins/g Q G

C otton  char 7 X  1018 2 .00314 5 .6
P ine saw dust char 
D ietz  subbitum i-

2 .3  X  1019 2.00321 6 .3

nous vitrain 1 .8  X  1019 2.00381 8 .0
R ange o f values for 6 X  1018 2 .00274 6 .1

15 b itum inous to to to
and subbitum i
nous coals

4  X  1019 2.00381 8 .0

bonyl structures which can produce the intense 1600- 
cm_1 absorption band observed in infrared spectra of 
coals and chars. Substantiation of such a conversion 
may exist in the behavicr of carbonyl groups in chars that 
were prepared from cellulose at 300, 400, and 500°.4 9 
In the spectrum of tlie 300° char the carbonyl ab
sorption is. greater then the unknown absorption at 
1600 cm- 1 . (Relative intensities are given in Table
III.) For the 400° char the intensities are reversed. 
The spectrum of the 500° char exhibits no simple car
bonyl absorption; only the 1600-cm-1 band remains.4 9 
These changes may be attributable to conversion into a 
modified carbonyl-containing structure. This structure 
could be the conjugated chelated structure, such as the 
enol form of acetylacetone, that has been proposed 
previously as the source of the 1600-cm-1 absorption 
band.2’16 It is interesting that the same kind of change, 
though more subtle, occurs in coals ; infrared spectra of 
lignites and low-rank coals have weak absorption shoul
ders at 1700 cm-1 which gradually disappear from 
spectra of higher rank coals.16-18 For the coals the 
conversion of carbonyl compounds to the presumed 
conjugated chelated carbonyls may be farther advanced 
than it is in these chars which were prepared at reaction

Table V : V ariation  of E sr Param eters fo r  C arbohydrate  C hars P repared at D ifferin g Tem peratures and R ea ction  T im es

Pyrolysis
Char temp, °C Reaction time Spins/g g Value Line width,

C otton 200 2 years 7 X  1018 2 .00314 5 .6
P in e saw dust 200 2 years 2 .3  X  1019 2 .00321 6 .3
C ellu lose“ 200 > 1 2  hr 5 X  10” 2 .0 0 4 7 8 .7
Cellulose“ 300 > 1 2  hr 1 X  1019 2 .0 03 6 6 .6
Sucrose6 350 8 hr — 2 X  1019 — 2 .0 0 3 0 — 7 .0
Sucrose6 400 8 hr — 4 X  1019 — 2 .0 02 9 — 7 .0

“ B . M ilsch , W . W indsch , and H . H einzelm an, Carbon, 6, 807 (1968). 6 L . S. Singer, W . J. Spry, and W . H . Sm ith, Proceedings o f  the 
3rd C arbon  C onference, 1959, p  121.

it is possible over a long period of time to approach a 
coal-like spectrum, even at a low temperature. Heating 
from room temperature to 190° in 1 hr, Smith and 
Howard’s cellulose4 had produced a brown char but the 
infrared spectrum, as well as the elemental analysis, 
resembled those of cellulose with only minor differences. 
No coal-like spectral features were observed.

The usual 1700-cm-1 carbonyl band occurs in the 
spectrum of the sawdust char, but, for the first time in 
spectra of chars prepared at low temperature the 1600- 
cm-1 band is more intense than the 1700, as in coal 
spectra. Thus the very long heating time has produced 
a definite decrease in carbonyl-containing structures 
absorbing at 1700 cm- 1 . It is feasible that simple car
bonyl groups are first formed in the early stages of 
pyrolysis (and coalification) and then are gradually con
verted to other structure(s) during elapsed time. Pos
sibly the carbonyl groups are converted to modified car-

times of only 1 hr.
Electron spin resonance (esr) spectrometry has also 

been applied to the study of the cotton and pine sawdust 
chars. Values for the esr spectral parameters (Table 
IV) are comparable to values for subbituminous coal.19 
As with the infrared, the results for the chars are closely 
similar to those for the coal vitrain. The fact that a 
signal is detected is of interest for it demonstrates that 
stable free radicals can be formed in natural materials 
on exposure to very mild heating conditions. There

(15) J. K . Brown, J. Chem. Soc., 744 (1955).
(16) S. Fujii and F. Yokoyatna, J. Fuel Soc. Jap., 37, 267 (1959).
(17) R . A. Friedel in “ A pplied Infrared S pectroscopy,”  D . N. K en
dall, Ed., Reinhold Publishing Corp., New York, N. Y ., 1966, p 312.
(18) R . A. Friedel, H . L. R ttcofsky, and J. A . Queiser, U. S. Bureau 
o f M ines Bulletin 640, U. S, Governm ent Printing Office, W ashing
ton, D . C ., 1967.
(19) H. L. Retcofsky, J. M . Stark, and R . A. Friedel, Anal. Chem., 
40, 1699 (1968).
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are not many examples of free radical signals obtained 
from chars produced at temperatures as low as 200°. 
It is probable that even lower temperatures will produce 
free radicals in carbonaceous materials over long periods 
of time. The relative effects of temperature and reac
tion time are further demonstrated in Table V. Cellu
lose at 200° for 2 years produces esr data equivalent to 
those obtained with short reaction times at 300 and 
350°. Also, cellulose charred at 200° for 2 years con
tains more than an order of magnitude greater concen
tration of unpaired electrons than cellulose charred at 
200° for 12  hr.

The striking importance of time in pyrolysis reactions 
has been demonstrated. I f  chars as coal-like as these 
can be produced in 2 years, at temperatures that have 
little effect during short times, then it appears that in 
geologic times coal could be produced at temperatures 
much lower than 200° as proposed by various peo
ple.12“ 14 Future experiments will be carried out us
ing longer times and lower temperatures, in an effort to 
simulate coal spectra even more closely. Also, attempts 
will be made by this process to convert plant materials 
into high-rank coals, and to convert low-rank coals 
into higher rank coals.

Carbon-13 Nuclear Magnetic Resonance Spectroscopy. 

Solvent Effects on Chemical Shifts13

by Robert L. Lichter and John D. Roberts

Gates and Crellin Laboratories of Chemistry, lb California Institute of Technology, Pasadena, California 91109 (Received June 16, 1969)

The 13C chemical shift of chloroform has been measured in a variety of solvents. Relative to dilute solution in 
cyclohexane, all of the solvents studied resulted in downfield shifts which, with the exceptions of benzene and 
acetonitrile, correlate linearly (r  =  0.982) with the changes in proton shifts in the same solvents. The results, 
taken with the variation of the 13C-H coupling constant with solvent, suggest that the solvent effects arise from 
changes in the average distance of the bonding electrons in the chloroform C-H bond as the result of inter- 
molecular association. Contributions from the anisotropy of benzene and acetonitrile indicate that measure
ments of the chemical shift of more than one nucleus in the same molecule may allow detection and estimation of 
neighbor anisotropy contributions to chemical shifts.

Introduction
In contrast to the extensive investigations of solvent 

effects on proton chemical shifts,2 comparatively little 
attention has been paid to such effects on the chemical 
shifts of other nuclei. This is partly because of the 
difficulty of observing the resonances of some of the 
nuclei under conditions where meaningful conclusions 
about solvent-solute interactions can be drawn, but 
also because changes in molecular structure affect the 
chemical shifts of nuclei other than proton to a far 
greater extent than changes in medium. Consequently, 
particularly in structure elucidation problems, choice of 
solvent has generally been dictated by practical rather 
than theoretical considerations. There have been 
exceptions, most notably in the case of UC where Maciel 
and coworkers3-7 examined the shifts of carbons of 
carbonyl groups as a function of solvent. Also, Bec- 
consall and Hampson8 have reported a solvent shift on 
the 13C resonance of methyl iodide.

We have studied solvent effects on the 13C chemical 
shift of chloroform. That such shifts should be sol
vent sensitive was anticipated both by the well-docu
mented behavior of chloroform as a hydrogen-bonding 
acid9 and, more directly, by the observation10 that the 
13C-proton coupling constant in chloroform is solvent 
dependent.

(1) (a) Supported by the Public Health Service, Research G rant 
GM -11072-07 from  the Division of General M edical Sciences and the 
National Science F oundation; (b) Contribution N o. 3875.
(2) For an excellent review, see P. Laszlo in “ Progress in N .M .R . 
Spectroscopy,”  Vol. 3, J. W . Emsley, J. Feeney, and L. H . Sutcliffe, 
Ed., John W iley & Sons, Inc., New Y ork, N . Y ., 1968, p 231 ff.
(3) G. E. M aciel and G. C. Ruben, J. Amer. Chem. Soc., 85, 3903 
(1963).
(4) G. E. M aciel and R . V. James, ibid., 86, 3893 (1964).
(5) G. E. Maciel, J. Chem. Phys., 42, 2746 (1965).
(6) G. E . M aciel and J. J. Natterstad, ibid., 42, 2752 (1965).
(7) G. E. Maciel and D. D . Traficante, J. Amer. Chem. Soc., 88, 220 
(1966).
(8) J. K . Becconsall and P. Hampson, Mol. Phys., 10, 21 (1965).
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Experimental Section

Reagent grade chloroform was freed from ethanol by 
passage through alumina, after which it was distilled 
under a nitrogen atmosphere and stored for short times 
in the dark in the refrigerator. No impurities were 
detectable by glpc or by pmr spectroscopy. Reagent 
grade cyclohexane was extracted with a 1 : 1  mixture of 
nitric and sulfuric acids until the acid layer was no 
longer yellow. The organic layer was then washed to 
neutrality with distilled water, dried over potassium 
carbonate, and distilled under a nitrogen atmosphere 
through a 25-cm Yigreux column. All other solvents 
were either freshly opened bottles of Matheson Coleman 
and Bell Spectroquality solvents or were purified by 
standard methods; in no case were impurities detected 
by pmr spectroscopy.

Solutions were prepared volumetrically using standard
ized pipets, except that the shift reported for boron 
trifluoride is that of chloroform saturated with the gas. 
The mole ratio of chloroform-solvent-cyclohexane 
(used as internal standard for both 13C and 'H mea
surements) was 1 :9 : 1 .  The 13C shifts were measured 
in natural abundance with a Yarian DFS-60 spectrom
eter operating at 15 .1 MHz (14,100 G) as previously 
described,11 with the aid of complete proton decoupling 
achieved by noise modulation of the proton-decoupling 
frequency.12 The sample temperatures under these 
conditions were estimated to be 45-50 0. Each chemical 
shift is an average of at least three independent mea
surements and is estimated to be accurate to ±0.8 Hz 
(0.05 ppm). Proton spectra were taken on a Varian 
A56/60 spectrometer at ambient probe temperature 
(ca . 35°) and were calibrated by the usual audio side
band method. Chemical shifts are the average of at 
least three upfield and three downfield sweeps and are 
estimated to be accurate to ± 0 .1  Hz (0.002 ppm).

Results
The carbon and proton chemical shifts, measured 

with respect to internal cyclohexane, are presented in 
Table I, together with the 13C-H  coupling constants 
reported by Evans.10 With the exception of benzene, 
each solvent induces a downfield shift of both the carbon 
and proton resonances with respect to cyclohexane as 
solvent. The proton shifts span a range of about 2 
ppm, whereas the carbon shifts cover more than 4 ppm. 
Figure 1 shows the correlation between the two shifts 
(correlation coefficient 0.982, not including benzene); 
the slope of the least-squares line is 2.02 ±  0.09 ppm/ 
ppm. In Figure 2 the 13C-H  coupling constants are 
shown to correlate linearly with the 13C chemical shifts 
in thé same solvents (correlation coefficient 0.979, 
slope =  3.84 ±  0.23 Hz/ppm). Entries 1 and 4 of 
Table I  show that dilution of chloroform with cyclo
hexane induces a small upfield shift,13 agreeing in direc
tion, but hardly in magnitude, with the 7.3-ppm upfield 
shift experienced by methyl iodide on dilution with

f>H ’ PPnl

Figure 1. C orrelation  b etw een  ISC  and 'H  chem ical shifts o f 
ch loroform . N um bers correspond to  num bers in T a b le  I. 
P oin t 5 (ben zen e) was n ot in cluded  in the ca lcu lation  o f  the 
slope b y  least squares.

Figure 2. C orrelation  betw een  13C chem ical shift and J uch, of 
ch loroform . N um bers correspond to  num bers in  T a b le  I.
P oin ts 13 (triethylam ine) and 15 (pyrid in e) w ere n ot included 
in  the least-squares ca lcu lation .

cyclohexane.14 Part of the deviations from linearity 
evident in Figures 1 and 2 may be ascribed to the dif
ferences among the temperatures of measurement; 
nevertheless, the general trends are not expected to be 
greatly affected.

Discussion
Though the existence of a solvent shift is perhaps not 

surprising, the linearity of the correlation with the

(9) (a) For some leading references to recent and older literature, see
L. Lunazzi and F. Taddei, Spectrochim. Acta, 24A, 1479 (1968); 
(b) H. Suhr, / .  Mol. Structure, 1 ,295 (1967).
(10) D . F. Evans, J. Chem. See., 5575 (1963).
(11) F. J. Weigert and J. D. Roberts, J. Amer. Chem. Soc., 89, 2967 
(1967).
(12) F. J. Weigert, M . Jaute at, and J. D. Roberts, Proc. Nat. Acad. 
Sci., 60, 1152 (1968).
(13) A t 0.5 mole fraction in cyclohexane, the chloroform 13C chemical 
shift is 50.07 ppm.
(14) H . Spiesecke and W . G. Schneider, J. Chem. Phys., 35, 722 
(1961).
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Table I: N m r Param eters o f C h loroform  as a F u nction  o f Solvent**

N o. Solvent 3c, ppm A5c, ppm 3h , ppm A3h , ppm J**C—H, H z6

1 C yclohexane 4 9 .8 5 0 .0 0 5 .6 6 0 0 .0 0 2 0 8 .1
2 C arbon  tetrachloride 5 0 .0 5 0 .2 0 5 .7 8 0 0 .1 2 0 2 0 8 .4
3 B oron  trifluoride® 5 0 .2 0 0 .3 5 5 .7 8 7 0 .1 2 7
4 Neat'* 5 0 .2 2 0 .3 7 5 .8 0 7 0 .1 4 7 2 0 9 .5
5 Benzene 5 0 .3 2 0 .4 7 4 .9 1 3 - 0 . 7 4 7 2 1 0 .6
6 A cetic  acid 5 0 .8 7 1 .0 2 6 .0 6 0 0 .4 0 0
7 N itrom ethane 5 0 .9 7 1 .1 2 6 .0 42 0 .3 8 2 2 1 3 .6
8 N itrobenzene 5 0 .9 7 1 .1 2 6 .0 7 0 0 .4 1 0
9 D ieth y l ether 5 1 .0 9 1 .2 4 6 .2 6 5 0 .6 05 2 1 3 .7

10 M ethan ol 5 1 .2 0 1 .3 5 6 .271 0 .611 2 1 4 .3
11 A cetonitrile 5 1 .4 8 1 .6 3 6 .1 0 5 0 .4 4 5 2 1 4 .6
12 A ceton e 5 1 .61 1 .7 6 6 .4 72 0 .8 1 2 2 1 5 .2
13 T riethylam ine 5 1 .7 0 1 .8 5 6 .6 2 7 0 .9 6 7 2 1 4 .2
14 D im ethy lform am ide 5 2 .4 0 2 .5 5 6 .8 4 2 1 .182 2 1 7 .4
15 P yridine 5 2 .4 8 2 .6 3 6 .9 4 2 1 .282 215.0®
16 H exam ethylphosphoram ide 5 4 .0 9 4 .2 4 7 .6 55 1 .995

“ D ow nfie ld  from  carbon  and proton  resonances, respectively , o f  internal cyclohexane. 6 D a ta  taken from  ref 10. T h e  m ole fraction  
o f  ch loroform  was 0.16. e C h loroform  saturated w ith  gaseous boron  trifluoride. d C on ta in ed  10 m ol %  cyclohexane. • F rom  ref 2, p  
335.

proton shift is striking. Not unexpectedly, there is no 
apparent correlation with macroscopic properties of the 
medium, i.e., with any of a variety2*16-21 of “ reaction 
field”  or solvent polarity functions.22 Becconsall 
and Hampson8 attempted to explain their observed 
downfield shift in these terms; in their case the carbon 
shifts extended over 7.7 ppm in going from neat methyl 
iodide to dilute solution in TMS, contrasting sharply 
with the limited 0.18 ppm range of the proton shifts. 
However, though the correlation between the carbon 
and proton shifts for methyl iodide is monotonic, it is 
not linear, suggesting that there are several factors 
influencing the chemical shift of this particular, highly 
polarizable, solute.

If benzene and, possibly, acetonitrile are for the 
moment excluded from consideration, it would seem 
unlikely that solvent magnetic anisotropy can account 
for the observed relative magnitudes and linearity of 
the shifts.23 The contribution of neighbor anisotropy 
to shielding should depend only on the anisotropic 
center and not on the nucleus being observed; the effect 
should decrease as the distance between the interacting 
centers increases.24 In any kind of a specific solvation 
complex, the chloroform proton ought to be closer to an 
anisotropic center than the carbon, thus experiencing 
a greater change in shielding than the carbon. The 
data here show that this is not the case, suggesting that 
anisotropy is not the source of the solvent shift.

We choose to interpret this effect in terms of the 
known hydrogen-bonding properties of chloroform.9*25 
The linear correlation thus reflects the fact that changes 
in screening of the carbon nuclei parallel the change at 
the hydrogen nuclei, which should be true if there is 
only one dominant interaction, in this case along the 
>C-H***:R bond. It is somewhat more difficult to

understand the direction of the shift. Certainly a sim
ple electrostatic argument based on polarization of the 
chloroform C-H  bond in the sense C~H + would seem to 
imply a diamagnetic shift. A clue may lie in the 13C-H 
coupling constant variations. The apparently linear 
correlation between these values and the carbon chemi
cal shifts (Figure 2) suggests that similar mechanisms 
are operating. Evans10 interpreted the increase in 
terms of mutual electronic repulsion between the elec
trons on the hydrogen-bonded base and those in the 
C -H  bonding orbital. He argued that such a repulsion 
corresponds to an increase in the s character of the 
orbital at the carbon atom without affecting the bond 
length (evidenced from infrared spectroscopic measure
ments) and suggested that the coupling constant, dom
inated by the Fermi contact mechanism, should increase 
proportionately to the strength of the hydrogen bond. 
Though this explanation is likely to be oversimplified,26 
it may possibly provide a conceptual explanation of the

(15) A. D . Buckingham, Can. J. Chern., 38, 300 (1960).
(16) A . D . Buckingham, T . Schaefer, and W . G. Schneider, J. Chem. Phys., 32,1227 (1960).
(17) F . Hruska, G. Kotowyez, and T . Schaefer, Can. J. Chern., 43, 
3188 (1965).
(18) F. Hruska, D. W . M cBride, and T . Schaefer, ibid., 45, 1081 
(1967).
(19) G. K otowyez and T . Schaefer, ibid., 45, 1093 (1967).
(20) H . M . H utton and T . Schaefer, ibid., 45,1111 (1967).
(21) J. Homer, Tetrahedron, 23, 4065 (1967).
(22) C. Reichardt, Angew. Chem. Intern. Ed. Engl., 4, 29 (1965).
(23) Cf. ref 7, p 24.
(24) J. A . Pople, W . G. Schneider, and H. J. Bernstein, “ High-resolu
tion Nuclear M agnetic Resonance,”  M cGraw-Hill B ook Co., Inc., 
New York, N. Y ., 1959, p 176 ff.
(25) It  is noteworthy that Becconsall and Hampson8 rejected hydro
gen bonding as the source of the shift in their study, asserting that the 
effect should be larger on the proton shift than on the carbon.
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solvent shift. In the Ramsey formulation of the chemi
cal shift,27 carbon chemical shifts are dominated by the 
paramagnetic term a P, which in turn is approximately 
proportional to the expression (1/A E )  (1/V3)av, where 
AE  is an “ average”  electronic excitation energy and 
( l A 3) a v  is the average of the inverse cube of the effective 
orbital radius.28 Clearly a change in either one of 
these terms will change the average electronic screening 
experienced by the nucleus. We suggest that repulsion 
of the C-H  bonding electrons toward the nucleus results 
in a shortening of the average radius of that orbital,29 
thus increasing the term (l/ r3)av and inducing a para
magnetic shift. Alternatively, several investigators28 
have shown that the ( l/ r3)av term increases with the 
orbital effective nuclear charge; in a similar manner, 
Grant and Litchman26® have suggested a correlation 
between substituent-induced increases in the 13C-H  
coupling constants of substituted methanes and increases 
in the values of the effective nuclear charge. It is 
thus possible that the solvent-induced paramagnetic 
shifts observed here may be interpreted in these terms. 
The shift is indeed small, so that only a small perturba
tion need be invoked. Perhaps detailed calculation of 
the effects of a directed electric field on the electron 
distribution in the C-H  bond may provide an insight 
into the mechanism.30

It has been suggested31 that interactions at the C -C l 
bond may also contribute to the observed solvent 
shifts. Carbon tetrachloride, for example, is known to 
effect both proton2 and carbon3 resonance line positions, 
but these effects are smaller than the shifts reported 
here, and, for proton shifts, seem to correlate better 
with changes in reaction field than with any specific 
solvation complex.2 Nevertheless, further experi
mental evidence seemed desirable and in Table II  we

Table II: 13C Chemical Shift of Carbon Tetrachloride 
as a Function of Solvent“

Solvent
Jcc01‘ ,

ppm
i c c n c l >,

ppm
A5cCCh,

ppm
AScCHC1,

ppm

Cyclohexane 6 9 .3 8 4 9 .8 5 0 .0 0 0 .0 0
Benzene 6 9 .2 9 5 0 .3 2 - 0 . 0 9 0 .4 7
Nitromethane 6 9 .1 9 5 0 .9 7 - 0 . 1 9 1 .1 2
Acetonitrile 6 9 .1 3 5 1 .4 8 - 0 . 2 5 1 .6 5
Triethylamine 6 9 .2 9 5 1 .7 0 - 0 . 0 9 1 .8 5
Pyridine 6 9 .4 4 5 2 .4 8 0 .0 6 2 .6 3
Hexamethyl-

phosphoramide 6 9 .3 3 5 4 .0 9 - 0 . 0 5 4 .2 4

“ Downfield from carbon resonance of internal cyclohexane. 
Mole ratio of carbon tetrachloride-solvent-cyclohexane = 
1 :9 :1 .

show the shifts induced by a few representative solvents 
on the 13C chemical shift of carbon tetrachloride, along 
with the corresponding solvent shifts for chloroform for 
comparison. The small and randomly varying solvent

shifts of carbon tetrachloride, some of which are within 
the experimental error of measurement, indicate it is un
likely that Cl • • • solvent interactions play an important 
role in the solvent shifts observed for chloroform. 
There is, however, a possible ambiguity in that carbon 
tetrachloride, though polarizable, has no dipole moment. 
The dipole in chloroform could induce Cl - • - solvent in
teractions which would not be present with carbon 
tetrachloride as a model.

Recently, other workers have reported the effects of 
hydrogen bond formation and disruption on the chemi
cal shifts of other nuclei. Dilution with organic sol
vents32 or a temperature increase of about 200 033 induces 
upfield shifts in the 170 resonance of liquid water of 
about 10 ppm. Furthermore, the 170 resonance of 
water vapor lies about 36 ppm to higher applied field 
than that of the liquid.33 Litchman, Alei, and Florin34 
reported similar changes in the 16N resonance of liquid 
ammonia and a 17.2 ppm difference between the chemi
cal shifts of the liquid and gas (gas at higher field). 
In both cases, hydrogen bonds can form with O-H and 
N-H bonds on the one hand, and unshared electron 
pairs on the other, and contributions may be expected 
to arise from both sources.35

Effects of Anisotropy. I t  is of special interest to 
consider the exceptions to the proton-carbon solvent

(26) (a) D . M . Grant and W . Litchman, J. Amer. Chem. Soc., 87, 
3994 (1965); (b) See also A . W . Douglas and D . Dietz, J. Chem. 
Phys., 46, 1214 (1967).
(27) J. W . Emsley, J. Feeney, and L. H . Sutcliffe, “ High Resolution 
Nuclear M agnetic Resonance Spectroscopy," Vol. 1, Pergamon 
Press, Ltd., Oxford, 1965, p 6-5 ff.
(28) (a) B. V. Cheney and D . M . Grant, J. Amer. Chem. Soc., 89, 
5319 0967), have presented a valence-bond formulation in which 
structural effects on these parameters are clearly discussed; (b) M . 
Karplus and J. A. Pople, J. Chem. Phys., 38, 2803 (1963); (c) J. A. 
Pople, Mol. Phys., 7, 301 (1964).
(29) It is necessary to assume, o f course, that to a first approximation 
the effect on the carbon-chlorine orbitals can be neglected.
(30) The upfield shift observed on dilution of chloroform with cyclo
hexane is consistent with the interpretation presented here. Chloro
form is known to be weakly self-associated; if com plex formation in
duces a downfield shift, then disruption of the self-association com 
plexes by an inert solvent should produce the opposite effect. It 
should also be emphasized shat the proton-carbon shift correlation 
automatically corrects for any residual self-association under the ex
perimental conditions.
(31) W . M . Litchman, private communication.
(32) Z. Luz and G. Yagil, J. Phys. Chem., 70, 554 (1966).
(33) A . E. Florin and M . Alei, Jr., J. Chem. Phys., 47, 4268 (1967).
(34) W . M . Litchman, M . Alei, Jr., and A. E. Florin, ibid., 50, 1031 
(1969).
(35) (a) The 13C chemical shift of methanol is solvent dependent; di
lution of neat methanol with water to 90%  induces a downfield shift 
of about 1.5 ppm. Unpublished results o f D . E. Dorm an; (b) A fter 
this paper was subm itted, W . M . Litchm an, M . A lei, Jr., and A . E. 
Florin, J. Amer. Chem. Soc., 91, 6574 (1969), reported paramag
netic solvent-induced shifts o f the 15N resonance of amm onia in 
various solvents, relative to  the gas as reference. Their statistical 
analysis o f the various possible contributions to  the solvent shifts 
indicates that while interactions between the nitrogen lone pair and 
hydrogen-bonding acids induce large param agnetic shifts, those be
tween the N -H  bond and hydrogen-bonding bases induce small dia
m agnetic shifts. The apparent discrepancy between these conclu
sions and the interpretation presented here is difficult to  rationalize 
and m ay arise from  som e overlooked factor in the qualitative ex
planations proposed, or in differences in the systems studied.
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shift correlation. Whereas 5H and 5c of chloroform in 
benzene do not correlate, nor do 5H and J i ,ch, 5c and 
J i*ch fall nicely on the least-squares line. This is 
consistent with the well-known anisotropy of the ben
zene ring and suggests that the effect of the latter, to a 
first approximation, may be negligible at the carbon 
nucleus of the solute. From the equation of the least- 
squares line a “ correct”  proton shift of 5.82 ±  1.19  
ppm can be calculated. The 0.91 ppm difference be
tween this and the experimental value may be inter
preted as the contribution from the benzene ring-current 
anisotropy. Using the Johnson-Bovey tables36 and 
assuming the chloroform C-H  bond to be perpendicular 
to the ring and directly over the center, the difference 
corresponds to a distance of about. 3.8 A between the 
center of the ring and the proton. This value is to be 
compared with the value of 3 .1 A calculated by Reeves 
and Schneider37 in their classic pmr investigation of the 
hydrogen-bonding properties of chloroform. From 
dipole moment studies Young, Holt, and Walker38 esti
mated an upper limit of about 5.5 A as the corresponding 
distance in the chloroform-p-xylene complex, and 
Homer and Huck,39 using pmr data, calculate a value of
2.93 A in the nitroform-benzene complex. The value 
estimated here is at least of the right magnitude. In 
like manner, the 0.27 ppm difference between the 
calculated (6.38 ppm) and experimental (6.11 ppm) 
proton chemical shifts of acetonitrile compares reason
ably well with the value of about 0.4 ppm for the aniso
tropy contribution to the association shift of the com
plex estimated by Howard, Jumper, and Emerson.40'41 
These results seem to suggest that chemical shift mea
surements of different nuclei in the same molecule may 
possibly be useful in detecting contributions from neigh
bor magnetic anisotropy.

The correlation shown in Figure 2 does not include 
the points for pyridine and trieihylamine. In each

case the experimentally determined coupling constant 
falls below the line. For triethylamine, Evans10 
ascribes this to partial cancellation of the expected 
increase by a lengthening of the C-H bond, indicated by 
infrared measurements. No corresponding measure
ments are available for pyridine, so that it is impossible 
to assess the validity of this argument here. More
over, Howard, Jumper, and Emerson,40 and Berkeley 
and Hanna41 suggest that the measured proton shift in 
that solvent arises only in part from hydrogen bonding 
at nitrogen, the rest of the (downfield) shift arising from 
ring-current anisotropy. Yet if this were the case, and 
the above argument for benzene is valid, there ought 
not be the good correlation between the carbon and 
proton shifts which is observed. The sources of the 
discrepancy are unclear.42

(36) Reference 27, p 595 ff.
(37) L . W . Reeves and W . G. Schneider, Can. J. Chem., 35, 251 
(1957).
(38) R . P. Young, A. Holt, and S. Walker, Tetrahedron, 20, 2351 
(1964).
(39) J. Hom er and P. J. Huck, J. Chem. Soc., A, 277 (1968).
(40) B . B . Howard, C. F. Jumper, and M . T . Emerson, J. Mol. 
Spectrosc., 10,117 (1963).
(41) However, P. J. Berkeley and M . W . Hanna, J. Amer. Chem. 
Soc., 86, 2990 (1964), have estimated the anisotropy contribution of 
cyclohexyl cyanide to be about 0.6 ppm.
(42) One possibility is that the anisotropy-induced paramagnetic 
shift experienced by the chloroform proton in conform ation 1 is coun
terbalanced by an anisotropy-induced diamagnetic shift experienced 
by the proton in conformation 2.

Cl /
—a— ci

"ci
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The Decay of Radicals in Ammonia-Oxygen-Nitrogen Flames

by Melvin P. Nadler, Victor K . Wang, and Walter E. Easkan

Department of Chemistry, State University of New York at Binghamton, Binghamton, Nee York 13901 (Received August 35, 1969)

Measurements have been made of the concentrations of OH and NH, and the relative concentrations of NH2, 
in the flame gases from two fuel rich flat NH3-O2-N2 flames as a function of the distance from the burner surface. 
The technique involved the measurement of light absorption by an individua. rotational level in the electronic 
ground state of each radical. [OH ] was found to be at equilibrium, but [NH ] was present in higher than equilib
rium amounts. All three radicals decayed with flow downstream. Evidence is presented to show that during 
the decay, the reaction NH2 +  OH ^  NH +  H20  is in dynamic equilibrium. This equilibration allows the 
calculation of an/number for the NH2 line. The implications of the findings for the analysis of the kinetics of 
radical decay are discussed.

Introduction
Flames burning in H2- 0 2-N 2 or H2-C 0 - 0 2-N 2 are 

known to produce radical concentrations in excess of 
equilibrium amounts, which then decay by recombina
tion at measurable rates. In the analysis of the 
kinetics of recombination, the concept of the equilibra
tion of fast reactions has proven to be very useful. 
According to this concept, due originally to Bulewicz, 
James, and Sugden,1 certain reactions which are fast 
relative to the recombination reactions are maintained in 
dynamic equilibrium during the recombination process. 
Hence radical concentrations may be quantitatively 
related to each other through thermochemical quan
tities, the equilibrium constants for the equilibrated 
reactions, and the kinetic analysis of recombination 
simplified considerably.

A program of study of the flame gases from NH3-  
0 2-N 2 flames has been initiated in this laboratory. The 
technique employed is the use of space resolved spec
troscopic probing of stationary flat laminar premixed 
flames. In view of the utility of the equilibration 
concept in other flames, it was felt that the first step 
should be a test of equilibration among the radicals in 
ammonia flames.

Two earlier studies of ammonia flames are related 
to the present work. Fenimore and Jones2 studied 
low-pressure flames containing ammonia, using gas 
sampling techniques in the reaction zone and into the 
burned gases. They suggested that the reaction

NH3 +  H ^  NH2 +  H2 (I)

was equilibrated. They also noted that the NO which 
was formed in the reaction zones of their flames tended 
to react further if NH3 was present, presumably due to 
an incompletely specified reaction

NH2 +  NO — >  ? — *■ N2 eventually (II)

and tended to not react further in lean flames where 
NH3 disappears more or less completely at the end of

the reaction zone. MacLean and Wagner8 made a 
similar experimental study of NH3- 0 2 flames at reduced 
pressure, but in addition obtained measures of OH and 
NH by optical absorption. Their experimental findings 
resembled those of Fenimore and Jones, but led them 
to disagree with the suggested importance of reaction 
II.

Earlier experiments by one of us4 had established that 
all three of the radicals, OH, NH, and NH2, could be 
observed in absorption in atmospheric pressure flames 
of the proper fuel-oxygen ratio. Since the H20  con
centration can be calculated with little error in such 
flames, it seemed feasible to test the reaction

NH2 +  OH — >  NH +  H20  (III)

for equilibration. The oscillator strengths of both 
OH2S + -2n  and NH3TT-32~ are known5’6 so that OH 
and NH concentrations can be determined absolutely. 
The NH2 A -X  oscillator strength is not accurately 
known, only an estimate having been reported,7 so that 
only relative measurements of NH2 can be made.

Equilibration of reaction I II  would be considered to 
be established insofar as the concentration function F 3

=  [NH][H2Q]
3 [NH2][OH]

exhibited the expected temperature dependence of the 
equilibrium constant K 3, independent of the values of 
the radical concentrations. In this work only the

(1) E. M . Bulewicz, C. G. Jaires, and T . M . Sugden, Proc. Roy. Soc., 
A235, 89 (1956).
(2) C. P. Fenimore and G. W . Jones, J. Phys. Chem., 65, 298 (1961).
(3) D . I . M acLean and H . G. Wagner, Eleventh Symposium (Inter
national) on Combustion, Conrbustion Institute, 1967, p 871.
(4) Unpublished work of W . E. Kaskan, performed at the General 
Electric Research Laboratory, Schenectady, N. Y .
(5) D . M . Golden, F. P. D el Greco, and F. Kaufman, J. Chem. Phys., 
39, 3034 (1963).
(6) R . G. Bennett and F. W . Dalby, ibid., 40, 1414 (1964); 32, 1716 
(1960).
(7) 0 .  Schnepp and K . Dressier, ibid., 32, 1682 (1960).
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F i g u r e  1 .  E x p e r i m e n t a l  a r r a n g e m e n t ,  t o p  v i e w ,  n o t  t o  s c a l e  
( s e e  t e x t ) .

ratio of F 3 to /¡, an oscillator strength for NH2, can be 
determined. This paper describes the test of reaction 
I I I  for equilibration in the flame gases from two fuel 
rich NH3-O2-N 2 flames burning at atmospheric pressure.

Experimental Method
A ,  A p p a r a t u s .  The apparatus consisted of a gas 

handling system, the flat flame burner, and an optical 
system, depicted in Figure 1.

Commerical gases in cylinders were used without 
purification. Metering was accomplished by the use of 
critical flow orifices. The flow through each orifice 
was calibrated using a wet-test meter and with the 
individual gases used, except for ammonia. For the 
ammonia orifice, the flow was measured using nitrogen 
and the ammonia flow was calculated from the nitrogen 
flow and the orifice equation. The specific heat of 
ammonia, as well as all other thermochemical data 
required in this work, was taken from the JA N A F 
tables.

The burner was a flat flame burner, whose surface 
was a 7.5 X 10 X 0.6-cm brass plate through which 
about 2 0 0 0  0 .1-cm holes were drilled in a regular array. 
The plate was mounted on a water cooled three-com- 
partmented box in such a way that an inner section, 
5 X 10 cm, was fed the desired NH3- 0 2-N 2 mixture, 
and two outer 1.2  X 10-cm sections could be fed a shield
ing flow (see Figure 1). Since the flames used were 
fuel rich, the shielding flow was N2 so as to prevent a 
diffusion flame from forming between ambient air and 
the still combustible flame gases. The area of the holes 
comprised about one-fourth of the burner surface. 
Even so, the flames were flat, homogeneous (to the eye) 
sheets rather than arrays of cones. This was presum
ably due to the fact that rather low gas velocities were 
employed, so that the combustible mixture “ diffused”  
(in a hydrodynamic sense) around the edges of the holes 
to form a uniform stream before burning. A perforated, 
water-cooled brass plate was situated about an ineh 
above the flame, in order to stabilize the flow of the hot

gas stream. The burner plus stabilizing plate were 
moveable in the vertical direction, enabling the fixed 
optical system to observe the flame gases at varying 
distances from the burner surface.

The optical system consisted of several light sources, 
a White multiple-pass system, and a 0.75 m SP E X  
Czerny-Turner grating spectrometer equipped with 
photoelectric recording. The sources were a 1000-W 
Hanovia 976C-1 high-pressure X e arc lamp for pro
viding a continuum in the uv and visible, and a tung
sten strip filament lamp for sodium reversal measure
ments.

Light from a source was directed into the multiple- 
pass system as indicated in Figure 1. All of the mirrors 
were spherical, with 150-cm focal lengths. The burner 
was placed as near (about 15  cm) from mirror M l at 
which the image is focused, in order to enhance the 
spacial resolution in the flame gases. To improve this 
resolution further, mirror M2 was stopped down in the 
vertical direction to a height of about 1 cm. The re
sulting spacial resolution was about 2  mm. Care was 
taken to make all beams parallel to the burner surface 
and equidistant from it in order to ensure that the 
entire gas volume sampled by the optical system was at 
the same stage of reaction. From 12 to 20 passes of the 
light beam over the burner were used, depending on the 
strength of absorption.

B .  F r e e  R a d ic a l  M e a s u r e m e n ts . The free radical 
measurements were made on the isolated spectral lines 
listed in Table I, by absorption on the X e continuum. 
For OH and NH, the third order of a 100-mm, 625 
line/mm grating was employed, and for NH2, the 
second order of the same grating was used. The grating 
blaze was at 1 u- All measurements were made with 
straight 10-/u entrance and exit slits, 5 mm long, giving a 
resolution of roughly 0.1 A. The NH2 line, actually an 
unresolved doublet,8 was chosen on the basis of its 
being the strongest feature which could be observed in 
flames in absorption out of the three strongest vibra
tional bands listed by Dressier and Ramsay .8 The 
strength of this line as observed in this work seemed 
anomalously high in comparison to intensities suggested 
by the above authors. Moreover, our spectrum showed 
additional weaker lines, some of which may be among 
the unassigned lines apparent in the photograph of 
Dressier and Ramsay. In order to ascertain that the 
line was properly identified, an Fe emission line at
5167.49 A was superposed on a scan of the absorption 
spectrum of NH2 by reflecting light from a Westinghouse 
Fe hollow-cathode lamp from an inclined glass plate 
onto the slit. This provided an accurate wavelength 
calibration approximately 1 A away from the RQo ,4 line. 
B y  combining this with a measure of the dispersion, 
also from the Fe hollow cathode spectrum, a very satis-

(8) K . Dressier and D . A. Ramsay, Phil. Trans. Roy. Soc. London, 
A251, 553 (1959).
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Table I

S p ec ies T r a n s it io n L in e
W a v e le n g th ,

A

O H 2S + - ‘-  2x , 0 -0 P i5 3101
N H 8x -< -  3Z~, 0 -0 P 37 3385
N H 2 A  — X , (0 ,12 ,0 ) (0 ,0 ,0 ) RQ 0 ,4 5166

factory identification of the lines from RQ0,4 through 
kQo,4 was made. This rather laoorious procedure was 
necessitated by the fact that the dispersion of the 
combination spectrometer plus recorder varied by 
several per cent in consecutive scans over Fe lines, 
30 A apart, and one could be sure of the identification 
only by obtaining a wavelength fix quite close to the 
desired line. There is no doubt that the NH2 line 
employed is RQ0,4, but it is possible that this rotational 
branch bends back so as to place a higher rotational 
line on top of RQ0,4- Since the band has only been 
analyzed out to RQ0,4, this point is obscure. In what 
follows, it is assumed that the RQ0,4 line is not over
lapped.

The curve of growth9 method was used to obtain 
concentrations from measurements of the absorption 
on a continuum. This method allows one to correct 
for that failure of Beer’s law which occurs when the 
band pass of the spectrometer is wider than the absorp
tion line width. A curve of growth is a log-log plot, 
for a particular value of the collision broadening pa
rameter a , of the ordinate

[(In 2)‘/yA rD] /  (1 -  e " w )dr =

[(ln2)1/77oArD] / ( 7 0 -  I ) d v  (2)

in which k „ is the absorption coefficient at wave number 
v, l is the optical path, Apd is the full width at half
intensity of a Doppler line, 70 is the incident intensity, 
and 7 is the transmitted intensity at v, against the 
abscissa N if (l ( ln  2)1//2/ c7tA['d in which N { is the number 
density of absorbers, f t is the line oscillator strength, 
and c is the velocity of light.

The molecular data required for this method are the 
/numbers and the broadening parameters; only an esti
mate of the /  number for NH2 was available,7 so that 
parameter was assumed unknown initially. In the last 
section of this paper a value for it will be deduced. 
For both OH and NH, individual line /  numbers were 
calculated using an equation of the form

in which F  is the band oscillator strength, and S t is a 
rotational line strength. For OH, the S t were taken to 
be the A  k values of Dieke and Crosswhite,10 as corrected 
by Learner,11 and F (m  was taken as 1.74 X 10 “ 4.6 For 
NH, S t were calculated from equations given by Budo,12

919

Figure 2. P ortion  o f  cu rvs if  grow th  for N H .

which gave a value of 3.07 for the P 37 line, and F nh was 
taken as 8.0 X 10 -3.6

The line broadening parameter, a , for OH was cal
culated from the data of Engleman,13 assuming the 
presence of only N2, II2:, and H20 . These data have 
been verified in this laboratory under flame conditions.14 
Broadening data for NH and NH2 were not available. 
Therefore portions of toe curves of growth for both 
NH and NH2 were constructed by making absorption 
measurements at a single position in a single flame 
( i . e , ,  fixed N i )  at 4, 8, 12, 16, and 20 passes. The re
sults for NH are shown in Figure 2; those for NH2 were 
similar. The deviation from a straight line (Beer’s 
law) at high 1  is clearly apparent. These data could be 
fit by translation along the abscissa to a curve of growth 
with a collision broadening parameter a  equal to approx
imately 1. This value of a  has essentially no signifi
cance, since not nearly enough of the curve was con-

(9) S. S. Penner, “ Q uantitatve M olecular Spectroscopy and Gas 
Emissivities,”  Addison-W esley. Reading, Mass., 1959, Chapter 4.
(10) G. H . Dieke and H. M . Crosswhite, J. Quant. Spectrosc. Radial. 
Trans}., 2, 97 (1962).
(11) R . C. M . Learner, Proc. F.oy. Soc., A269, 311 (1962).
(12) A. Budo, Z. Physik, 105, 579 (1937).
(13) R . Engleman, Jr., J. Qiant. Spectrosc. Radiat. Trans}., 9, 391 
(1969).
(14) M . P. Nadler and W . E. Kaskan, ibid., 10, 25 (1970).
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structed to allow a reliable determination. However, 
it served the function of allowing the ordinate and there
fore N i f i  to be specified absolutely to within 1 0 - 2 0 %. 
Then given f t from eq 3, N { could be determined. A 
similar procedure was followed for NH2, except in this 
case only the product N  i f {was determined.

The application of the procedures above gives N t 
(or N i f i ) ,  the concentration in the absorbing level. 
From these total concentrations N T of OH and NH were 
obtained from

N t — g
N iQ r, y i/kT

(2 J  +  1) (4)

in which Qr,v is the rotation-vibration partition func
tion, E i  is the energy of the absorbing state, and g  is an 
electronic degeneracy of the ground state, having the 
value 4 for OH and 3 for NH. In the case of NH2 the 
expression employed was

N r f i  =
4 ( N i f i ) Q r,ve Bi/kT 

3 er(2 N  +  1) (5)

in which a =  2 is the symmetry number, and N  is both 
the rotational quantum number without spin and the 
average of J ,  for the two unresolved levels which con
tribute to the absorption of RQo,4. The factor 4/3 
arises because of the nuclear spin of the H atoms. 
Briefly it accounts for the fact that the measurement is 
made on a level in the o r th o , or high statistical weight 
modification of NH2, but N T includes both modifica
tions. The rotational part of Qr,T is the high tempera
ture limiting form for an asymmetric rotor with neither 
nuclear nor electronic spin degeneracy. Molecular 
data for NH2 came from the JA N A F tables; those for 
NH and OH from Herzberg. 15

The experiments were conducted at atmospheric 
pressure. Temperatures were determined by sodium 
line reversal. Table I I  contains the essential data on 
the two flames studied, including Na D-line reversal 
temperatures, the nominal burned gas composition, 
assuming only N2, H2, and H20  as products, and the 
calculated temperature gradients (see below).

Figure 3. D a ta  on  concentrations as a fun ction  of Z, the 
distance from  the burner, for  flam e 1.

F igure 4. D a ta  on behavior o f F 3/f, as a fu n ction  o f  Z, the 
distance from  the burner. D ata  for flam e 2 d isp laced 1.2 cm  
for clarity. D o tte d  lines were draw n through poin ts at 0 .5 cm  
and show  exp ected  tem perature dependence o f K%.

T a b le  II

T  a t
F la m e  0 .5  cm , V 25, à T / à z ,

no. " K c m /se c XN 2 Xm I hiO " K / c m

1 2033 1 4 .0 0 .3 0 2 0 313 0 .3 8 5 44
2 2173 1 3 .5 0 .3 4 7 0 .1 4 9 0 .5 0 4 61

Results and Discussion

A .  E q u i l ib r a t i o n . Figure 3 shows the concentra
tions of the three radicals in flame 1. The results for 
flame 2  are similar both in the trend of the values and in 
the actual concentrations. Figure 4 shows the func

tion F 3 //4  as a function of distance from the burner for 
both flames. / 4 is the oscillator strength of NH2 RQ0,„ 
to be discussed in more detail later. In Figure 4 the 
error bars indicate the uncertainty introduced by signal 
noise. Both relative and absolute error increase with 
distance from the burner because all three radicals are 
decaying and the absorption is decreasing. The data 
from flame 2  do not extend as far as those from flame 1 
because the NH2 signal disappeared in the noise, typi
cally 3% , beyond 1 cm from the burner.

(15) G. Herzberg, “ Spectra of Diatomic Molecules,”  2nd ed, D. Van 
Nostrand Co., Inc., 1950.
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Before interpreting these data in terms of equilibration, 
the temperature dependence of reaction I I I  should be 
considered. This should be done not only because the 
measured temperatures of the two flames were different, 
but also because it is to be expected that the gases cool 
in the direction of flow through radiation by H20, which 
is a major constituent. During preliminary experi
ments it was found that the measured reversal tem
perature decreased slightly with increasing distance 
from the burner, but the amount of decrease over the 
approximately 1-cm region of measurement was not 
much larger than the experimental uncertainty in the 
temperature determination, ± 15 °K .  Hence, tem
peratures were measured at only the one position of 0.5 
cm in each case. In addition, a temperature gradient 
was calculated using data on the total emissivity of 
water vapor,16 extrapolated to the totally transparent 
case, and the knowledge of the gas composition (as
suming complete combustion to H20, H2, and N2), the 
heat capacity, and the hot gas velocity. The contribu
tion of chemical heat loss from the deduced net reaction 
(to be discussed below) was only 20% of the heat loss by 
radiation. This method of calculating temperature 
gradients had been found previously to give results in 
good agreement (within 10% ) with temperature gradi
ents obtained by the use of fine silica coated thermo
couples in lower temperature H2- 0 2-N 2 flames.17

Given the temperature gradients, the straight lines 
in Figure 4 were drawn through the points at 0.5 cm, at 
which the temperatures were measured, to represent 
the variation of K 3 with distance. Two points can 
now be made. First, the upward drift of the experi
mental points with distance from the burner in each 
flame is in rough accord with the expected increase of 
X 3. Second, the ratio of the observed F 3/ f4 values in 
the two flames at 0.5 cm is in good agreement with that 
calculated from the JA N A F tables.

The agreement displayed in Figure 4 between the 
behavior of the experimental function F 3//4 and the 
equilibrium constant K s is very strong evidence for the 
equilibration of reaction III . In the following it will 
be considered to have been established.

The demonstration of equilibration has two immedi
ate consequences. First, some statements can be made 
about the reactions occurring in the flame gases, and 
second, an /  number for the observed transition in 
NH2 can be calculated. These are discussed separately 
in the next two sections.

B .  M e c h a n is m  o f  R a d ic a l  D e c a y .  In the H2- 0 2-N 2 
system, in which N2 is a nonreactive diluent, the reac
tions

T he D ecay of R adicals in NH3- 0 2-N 2 Flames

OH +  H2 ^  H20  +  H (IV)

H +  0 2 ^  OH +  O (V)

O +  H2 OH +  H (VI)

have been shown to be equilibrated at temperatures at

least as low as 1500°K .13 Other bimolecular reactions 
may occur between species, notably

20H ^  H20  +  O (VII)

but these are linear combinations of the complete 
linearly independent set IV -V I and can only serve to 
make more complete the equilibration of the entire 
system. The result of this equilibration is that in 
H2- 0 2-N 2 flames all of the radical concentrations, 
present initially at greater than equilibrium amounts, 
decay together.

In the flames discussed here, there is an interesting 
departure from this behavior in that the measured NH 
(and therefore NH2) is in excess of the equilibrium, 
relative to N2 +  H2 as final products, but the measured 
OH is the equilibrium value. Since the H2- 0 2 system 
would on the basis of previous experience be equilibrated 
in these flames the finding that [OH] is the equilibrium 
value means that [H], [O], and [02] are also at equilib
rium. Note here that H2 and H20, being in excess, have 
essentially calculable concentrations whether or not the 
system is exactly at equilibrium. Further evidence 
that OH is at equilibrium comes from the fact that the 
decay of OH agrees well with that which would be 
expected if OH were simply following the falling tem
perature, as calculated above. Hence, what is being 
observed is the decay of N -H  species in an equilibrium 
H2- 0 2 system.

Equilibration depends on the reaction in question 
being sufficiently fast in both directions, one criterion for 
which being that the activation energy in the endo
thermic direction not be too high. Sugden19 has dis
cussed this criterion and has suggested that reactions 
with activation energies less than 40-50 kcal/mol might 
be equilibrated at typical flame temperatures. Reac
tion III  is a simple H atom transfer, for which the 
activation energy in the reverse direction should not be 
too different from its endothermicity of 26 kcal/mol. 
Its equilibration is thus not surprising.

The same argument applies to two similar reactions

NH2 +  H ^  NH +  H2 (VIII)

NH2 +  O ^  NH +  OH (IX)

In fact, given the equilibration of (III)-(IV), those of
(VIII) and (IX) follow. But since (VIII) and (IX) are 
both simple H atom transfers, they both probably 
occur with a facility equal to that of (III), and all three 
contribute to the equilibration of each.

If these arguments are valid, then it is obvious that 
two other sets of reactions

(16) W . H . M cAdam s, “ Heao Transmission,”  3rd ed, M cGraw-H ill 
B ook Co., Inc., New Y ork , N . Y ., 1954, pp 83, 85.
(17) W . E. Kaskan, Sixth Symposium (International) on Combustion, 
Reinhold Publishing Corp., N3w Y ork , N. Y ., 1957, p 134.
(18) W . E . Kaskan, Combust. Flame, 3, 49 (1959).
(19) T . M . Sugden, Trans. Fcraday Soc., 52, 1465 (1956).
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NH3 +  OH (or H o r O ) ^  NH2 +

H20  (or H2 or OH) (X) 

NH +  OH (or H or 0) N +

H20  (or H2 or OH) (XI)

would be equilibrated, (X) more easily then (XI) on 
thermochemical grounds. Note that reaction X , with 
H and H2 as reaction partners, is the same as (I), 
postulated by Fenimore and Jones3 to be equilibrated. 
Again, as with reactions V III and IX , the equili
bration of (X) and (XI) together with the previous 
reactions implies the equilibration of a set of hydrogen 
atom transfer reaction which can be represented by

NHm +  NH„ ^  NHm_i +  NH„+1 (XII)

but since these are simple H-atom transfers, they can be 
expected to occur and to contribute to the general 
equilibration of the system.

The picture that emerges then for what is occurring in 
the flame gases of NH3- 0 2-N 2 flames is one of a radical- 
catalyzed thermal decomposition of NH3, with NH2, 
NH, and N present in equilibrated amounts throughout. 
The only thing which is lacking is the set of reactions 
which convert the nitrogen in these species to the final 
products.

At this point one can only speculate, especially since 
it is known that other species, principally NO, exist in 
these flames. Among the reactions which appear, 
qualitatively at least, to be capable of explaining the 
observed behavior are

922

NH +  N - ->  N2 +  H (X III)

NH +  O — >  NO +  H (XIV)

N +  NO — >  N2 +  O (XV)

N +  OH — NO +  H (XVI)

N +  0 2 — >  NO +  O (XVII)

These are all atom-transfer reactions which are very 
exothermic as written, and can thus be expected to be 
fast and irreversible.

The proposed equilibration of reactions I I -X I I  
suggests that the appropriate way to treat the kinetics 
of radical decay is through the use of the concentration 
function F N

F n =  [NH,] +  [NH,] +  [NH] +  [N] (6)

which represents the total nitrogen not yet in the form 
of NO or N2. For example if reactions III -X V II  
comprised the entire mechanism, one could write

( X V I I )
dFN/di =  £  R i  (7)

( X I I I )

in which the R t are the forward rates of (X III)-(X V II), 
assumed irreversible. The only unknown concentration

in this equation is [NO]. Preliminary calculations, 
using suggested values for the rate constants20 for 
(X III)-(X V II) and the d F ^ / d T  which can be deduced 
from the data in this paper, result in a value for NO 
which appears consistent with previous work.1 ’2

The obvious conclusion to be drawn from the above 
considerations is that other species, especially NO, 
should be measured. Attempts at measurements of 
additional species are currently in progress.

Even though the mechanism (III)-(X V II) is specu
lative, the point should be made that this mechanism 
appears to be at least in qualitative agreement with 
previous findings concerning the fate of the NO formed 
in the reaction zone.1 ’2 Thus, in rich flames in which 
NH3 persists downstream, both the formation, through 
reactions X IV , X V I, and X V II, and the destruc
tion, through (XV) of NO should occur. On the other 
hand, in lean flames the decay of F n will be much more 
rapid, by reactions X IV , X V I, and X V II, due to 
the greatly increased concentrations of oxygen con
taining species. Once F N has become very small, so 
also will the rate of (XV) and the NO remaining will 
react further at only a very low rate.

C . f  N u m b e r  f o r  N H 2 RQ <)4. Given the equilibra
tion of reaction III, F 3 can be equated to K :i and a 
value of f t  deduced from the observed value of F 3//4 =  
X 3//4. This has been done for the datum at 0.5 cm in 
flame 1, which is a relatively reliable point in that the 
observed signals were relatively large, and also the 
temperature was measured directly. At the observed 
temperature of 2033°K, K 3 =  2.32 X 10 2 and X 3//4 =
5.8 X 106 leading to/4 =  4 X 10 -4. This is an entirely 
reasonable value, but depends on the thermochemical 
data used, and as pointed out previously, on the as
sumption that the RQ0,4 is not overlapped by any other 
line.

This line /  number is of the same order of magnitude 
as that reported previously,7 and also as those of the 
OH and NH lines used for observation in this work. It 
applies of course only to the RQ0,4 line in the (0,12,0)- 
(0,0,0) band. Inasmuch as the same ground state 
level of this transition is connected by optical transitions 
to a number of other vibrational levels in the upper 
electronic state, the total intensity of the electronic 
transition is probably an order of magnitude higher than 
indicated b y/4.

Given a set of relative line strengths for transitions of 
the type, NH2 A ■*- X , it would be possible to deduce a 
band oscillator strength for NH2. However, the authors 
are not aware of any such compilation.
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(20) D . Garvin, Ed., “ A  Compendium of Evaluated and Estim ated 
Rate Coefficients,”  National Bureau o f Standards R eport 9884, 
U. S. Government Printing Office, Washington, D . C., 1968.
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The kinetics of the oxygen self-exchange in N160 2 +  N180 2 2N160 180 react on has been studied in a fast-flow 
gas-phase tubular reactor in conjunction with a time-of-flight mass spectrometer. The reaction is found to be 
second order and has a rate constant of 3.0 ±  0.1 X 1061. mol-1 sec-1 at 25L The rate constant has no mea
surable temperature dependence between 25 and 82°. The rate constant for oxygen atom exchange in 14NO +  
15N02 ^  N20 3 reaction is 4.9 ±  0.8 X 107 1. mol-1 sec-1 at room temperature. The kinetics of exchange in

the N02-N 02 system indicates that a cyclic structure 0 -N < q> N -0 exists either in the transition state or asAan intermediate. Similarly the exchange in the N0-N02 system takes place through O-N' '  N-O. Other 
exchange studies in the systems N02- 180 2 and N0-N02- l80 2 indicate that the rapid self-exchange in the 
N160 2-N I80 2 and 14N 0-15N02 systems does not take place through any dissociative mechanism.

Introduction
Numerous studies exist on gas phase isotopic exchange 

reactions involving the oxides of nitrogen, sulfur, and 
carbon.1-10 Of all oxides of nitrogen, N20  is the least 
reactive. It does not undergo exchange with any of 
the other nitrogen oxides under ordinary conditions. 
Similarly, no exchange occurs in a mixture of 14N 180  and 
16N 160 .3 However, N 0 2 exchanges oxygen rapidly with 
NO with a rate constant of 2.16 X  1071. mol-1 sec- 1 .2’3 
16N 02 and 14N20s are known to exchange nitrogen atom 
which is postulated to take place by a dissociative 
mechanism of N20 5 =  N 0 2 +  N 03.4 In S 160 2 and 
S 1S0 2 system, exchange of oxygen atoms is postulated 
through the formation of a dimer having a cyclic struc
ture either in the transition state or as an intermedi
ate.6'6 No exchange is observed between S 0 2 and S 0 37 
and also in CO, C 0 2, and 0 2 systems at room tem
perature.8-10 It is of interest to examine whether 
oxygen atom exchange takes place in N 0 2-N 0 2 system 
v ia  N20 4 having a cyclic structure formed either in the 
transition state (an excited intermediate) or as an inter
mediate. Similarly, direct kinetics data on the transfer 
of oxygen atom in N 0 -N 0 2 system would indicate a 
comparison of the rates in the two systems. In this 
paper are reported the results of the study of kinetics of 
oxygen-atom exchange in the two systems. The ex
change of oxygen atom in N 02-N 0 2 systems would indi
cate whether N20 4 can have a cyclic or bridged structure 
as proposed by Longuet-Higgins11 even as an unstable 
excited intermediate, since N20 4 is known to have other 
unstable isomers.12

Experimental Section
P r e p a r a t i o n  o f  G a se s . N 0 2 was prepared by the

thermal decomposition of dry Pb(N 03)2. The gas thus 
generated was dried by 3 or 4 passes over P20 3. N 02 
containing NO was treated with dry oxygen and N20 4 
condensed at —78° and purified till no coloration due to 
N20 3 was observed. Initially, N 180 2 was prepared and 
purified in a similar manner from labeled Pb(N 03)2 
supplied by Yeda Research and Development, the 
Weizmann Institute, Eehovoth, Israel. Later, N 180 2 
containing 92 atom per cent of oxygen-18 was obtained 
from Miles Laboratories Inc., Elkhart, Ind. and stored 
along with 180 2 to prevent the formation of N 180. 
15N 0 2 was prepared by the reduction of H15N 0 3 with 
Fe2+ ions, and subsequBnt purification and oxidation of 
NO with dry oxygen. NO was prepared by heating a 
mixture of K N 0 2, K N 0 3, Cr20 3, and Fe20 3 according 
to the method of R ay and Ogg.13

(1) K . Y . W ong, Ph.D . Thesis, University of Toronto, Toronto.
(2) E . Leifer, J. Chem. Phys. 8, 301 (1940).
(3) F. S. Klein, W . Spindel, and M . J. Stern, J. Chim. Phys., 60, 
148 (1963).
(4) A. R . Amell and F. Eaniels, J. Amer. Chem. Soc., 74 , 6209 
(1952).
(5) J. L. Huston, J. Phys. Clem., 63, 389 (1959).
(6) N. N. Lichtin, I. Laulicht, and S. Pinchas, Inorg. Chem., 3, 537
(1964) .
(7) H . H. Volge, J. Amer. Caem. Soc., 61, 1032 (1939).
(8) C. A . Bank and E. A . Th. Verdurmen, J. Inorg. Nucl. Chem., 25, 
667 (1963).
(9) C . A. Bank and E. A . T 1 . Verdurmen, ibid., 25, 667 (1963).
(10) E. A . Th. Verdurmen, J. Phys. Chem., 71, 678 (1967).
(11) H . C. Longuet-Higgins Nature, 153, 408 (1944).
(12) R . V . St. Louis and B. C. Crawford, Jr., J. Chem. Phys., 4 2 ,  857
(1965) .
(13) J. D . R ay and R . A . Ogg, Jr., J. Amer. Chem. Soc., 78, 5993 
(1956).
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H

Figure 1. T h e  static reactor.

Gas mixtures of N 0 2-Ar, N 0 2- 0 2, NO-He, NO-N2, 
and 0 3-A r were prepared by admitting a less vola
tile component (NO, N 0 2, or 0 3) into a 5-1. flask and 
measuring its pressure. A mercury manometer was 
used with NO while a fluorosilicone oil manometer was 
used with N 0 2 and 0 3. The gas was then condensed 
in a cold finger in the flask and an appropriate amount 
of the second gas (Ar, He, 0 2, or N2) was added. In 
the case of N 0 2, equilibrium data of Giauque and Kemp 
was used to determine the composition of NO« in the 
mixture14 since N 0 2 dimerizes to N20 4 .

S ta t ic  R e a c to r  E x p e r im e n ts . The vacuum line used in 
all static reactor experiments is shown in Figure 1. 
A 1-1. reaction vessel P was connected to the regular 
sample inlet port of the mass spectrometer by means of a 
Swagelok glass to metal connector. Gas flow into the 
ion source was controlled by a Hoke 2PY-281 stainless 
steel fine control needle valve F, equipped with Teflon 
packings. The gas “ pipet”  volume between stop
cocks C and D and that between A, B, and C were 
determined precisely by filling them with mercury and 
weighing it. Inaccuracies in pressure readings due to 
slow degassing (gas evolution) in the reference limb of 
the oil manometer were avoided by attaching a 300-ml 
expansion bulb to that limb.

T u b u la r  F lo w  R e a c to r . The design of the reactor was 
adapted from that of Arrington, e t  a ,!.16 An important 
consideration in the present design was the size of the 
flow tube. Since the amount of labeled gas required 
for the experiment would increase as the square of the 
flow tube diameter, a narrow flow tube should be used. 
However, pressure drop and possible flow turbulence 
placed a limit on its dimension. Experiments in a 0.5 
cm id flow tube proved to be unsuccessful. In the 
final design, a 1 .0  cm id flow tube was used.

A B

A schematic drawing of the tubular reactor is shown 
in Figure 2. Isotopically “ normal”  reactants, to
gether with their carrier gas, were admitted at the side 
arm, after passing through a needle valve and a cali
brated capillary flowmeter. The reaction mixture was 
sampled through a 75-m pinhole in a gold foil mounted at 
the end of the 1 cm id flow tube, a few mm away from 
the electron beam in the ion source of Bendix time-of- 
flight mass spectrometer. A precision Model D-75 
two-stage mechanical pump, with a rated pumping 
capacity of 75 1. min- 1 , maintained a high linear 
flow velocity in the flow tube. The flow could be 
“ throttled”  by means of the large stopcock at the ex
haust end of the flow system, thereby changing the 
linear flow velocity as well as the pressure in the reactor.

The difficult problem of maintaining a constant 
flow of labeled N 0 2 through the reactor, from a limited 
amount, was overcome by evaporating the labeled 
gas from its solid condensed in a small glass thimble 
attached to the jet and maintained at bromobenzene 
slush (prepared by slowly pouring liquid nitrogen 
into liquid bromobenzene in a small dewar and stirring 
until a malt-like consistency was obtained) temperature 
( — 3 1°) . At this temperature N 0 2 had a vapor pres
sure of 2 2  mm, which was constant as long as there 
was solid N2O4 in the cold thimble. The size of the 
jet was such that the constant vapor pressure main
tained a small, desired rate of flow through it.

The distance between the jet and the pinhole leak 
was taken to be the length of the reactor. This was 
varied by sliding the jet toward or away from the

(14) W . F. Giauque and J. D . Kemp, J. Chem. Phys., 6, 40 (1938).
(15) C. A . Arrington, W . Brennen, G. P. Glass, J. V. M ichael, and 
H. Nikki, ibid., 43 ,525 (1965).
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THERMOCOUPLE

pinhole. A vacuum-tight double O-ring sliding seal 
ensured smooth movement of the jet. Reactor pres
sures varied between 0.15 and 1 mm. Pressure meas
urements were made with a Pace Engineering Model 
P90D variable reluctance pressure transducer (Baker 
Instruments, Toronto) having a full range of 1.5 
mm. A digital read-out device provided reading ac
curacies of ±0.002 mm. The pressure-sensing ele
ments were made of nonmagnetic, corrosion resistant 
stainless steel. Heating of the tubular reactor was 
provided by a heating tape wrapped around the ion 
source of the mass spectrometer and by nichrome 
heating wire windings around the flow tube. The 
nichrome wire wound section began about 1 1  cm from 
the end of the flow tube. This unusual mode of 
heating was adopted because preliminary experiments 
showed that if the flow tube was heated by nichrome 
wire alone, with the windings extended to the end 
of the flow tube, radiant energy trapped inside the 
stainless steel fast reaction chamber caused the tem
perature of that section of the flow tube inside the 
chamber to rise much above the outside section. The 
situation was not improved by judicious spacing of 
the windings. A temperature profile uniform to ±2.0° 
along the length of the flow reactor was recorded 
using copper-constantan in thermocouple probe.

Results and Discussion

(a) E x c h a n g e  b e tw e e n  180 2 a n d  N i t r o g e n  O x id e s . No 
observable exchange occurred between N 160 2 and 180 2 
kept in a darkened vessel for 4 days at N 0 2 pressures 
as high as 60 mm. When the reaction mixture was

exposed to sunlight, t, very slow exchange process 
took place. About 20% of the 180  in ls0 2 was trans
ferred to N 02 in 2 days. There was also some scram
bling among the 0 2 species. In one run, the ratio 
[160 180 ]2/ [ 160 2] [180 2] was found to be 0.7 after 2 
days, as compared to the equilibrium value of 4.0.

The reactive intermediate in the presence of sun
light was O atoms produced in the photolysis (by 
sunlight) of N 0 2

h v

NO» ^  NO +  O (1)

Subsequent exchange and scrambling took place v ia  
the reactions caused by oxygen atoms with 0 2 mole
cules through the formation of 0 3*.

In the oxidation of NO with 180 2, if the initial step 
is the formation of N 0 3“ having the symmetrical nitrate 
ion structure, rapid oxygen atom scrambling in 0 2 
would occur as follows

O18

NO +  180 2 — ►  N — N 180  +  160 180  (2)
/ \

16Q O18

No such scrambling v  as observed in a darkened re
action vessel. The alternative oxidation mechanisms

NO +  NO ^—  N2O2 (3)

N2O2 +  O2 ^  2 NO2 (4)

and
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T a b le  I :  Sum m ary o f E xperim ental D a ta  and Processed Results— N 160 2 +  N 180 2 Self-E xchange

R u n C o m p o sitio n T e m p , P . ®, F  X  10«, F *  X  10*, [NO »] X  10 6, R '  X  10 * , R  X  1 0 ', k  X  10 - « ,

no. o f F ° C m m c m /se c m o l/se c m o l/se c m o l/1. m o l/ 1. sec m o l/ 1. sec l./m o l-se c

1 9 .6 %  N O i in  0 2 23 0 .3 5 495 6 .8 6 0 .5 6 0 .3 12 0 .3 0 0 0 .3 0 4 3 .1 2
2 9 .6 %  N 0 2 in  0 2 23 0 .5 2 330 6 .8 0 0 .5 5 0 .4 6 2 0 .6 1 5 0 .6 3 2 2 .9 6
3 9 .6 %  N O 2 in  O 2 23 0 .4 45 381 6 .7 1 0 .5 4 0 .3 9 6 0 .4 8 3 0 .4 9 5 3 .2 6
4 9 .6 %  N O 2 in  0 2 23 0 .5 8 5 285 6 .5 9 0 .5 3 0 .5 1 8 0 .7 5 2 0 .7 8 0 2 .9 0
5 9 .9 %  N 0 2 in O2 23 0 .6 5 253 6 .4 9 0 .5 3 0 .5 8 0 0 .9 7 5 1 .0 2 3 .0 4
6 9 .6 %  N O 2 in 0 2 23 0 .7 2 226 6 .4 1 0 .5 2 0 .6 4 4 1 .2 0 1 .2 7 3 .0 4
7 2 2 .3 %  N O 2 in  O 2 23 0 .4 9 296 5 .6 4 0 .5 5 0 .7 7 7 1 .7 2 1 .8 3 3 .0 3
8 2 2 .3 %  NOa in  0 2 23 0 .6 1 234 5 .5 5 0 .5 3 0 .9 6 7 2 .4 6 2 .6 8 2 .8 8
9 2 2 .3 %  N 0 2 in  O 2 23 0 .7 3 5 190 5 .4 5 0 .5 3 1 .1 6 3 .5 3 4 .0 0 2 .9 8

10 2 2 .3 %  N O 2 in  O 2 23 0 .8 2 167 5 .3 3 0 .5 1 1 .3 0 4 .3 2 5 .0 5 3 .0
11 2 2 .3 %  N O 2 in  0 2 23 0 .8 8 5 153 5 .2 9 0 .5 0 1 .3 9 4 .7 5 5 .6 8 2 .9 4
12 2 2 .3 %  N O 2 in 0 2 23 0 .9 7 141 5 .3 1 0 .5 2 1 .5 4 5 .5 6 6 .7 9 2 .8 7
13 2 2 .3 %  N O 2 in  0 2 23 0 .9 2 146 5 .2 1 0 .5 2 1 .4 6 5 .2 6 6 .4 0 3 .0 0
14 2 2 .3 %  N O « in  0 2 23 0 .8 6 153 5 .1 0 0 .5 2 1 .3 8 4 .5 2 5 .3 8 2 .8 4
15 2 2 .3 %  N O j in O2 23 0 .7 8 166 5 .0 0 .5 2 1 .2 6 3 .8 7 4 .5 2 2 .8 6
16 2 2 .3 %  N O , in  0 2 23 0 .6 8 186 4 .9 2 0 .4 8 1 .0 8 3 .0 2 3 .4 4 2 .9 6
17 2 2 .3 %  N O 2 in  O 2 74 0 .6 5 5 226 4 .9 2 0 .4 4 0 .8 7 0 2 .2 4 2 .5 0 3 .3
18 2 2 .3 %  N O 2 in O2 74 0 .6 8 5 226 4 .8 2 0 .8 0 1 .0 6 2 .7 2 3 .0 2 2 .7 1
19 2 2 .3 %  N O 2 in  0 2 74 0 .6 8 224 4 .7 5 0 .7 9 1 .0 5 2 .6 8 2 .9 8 2 .7 0
20 2 2 .3 %  N O 2 in  O 2 82 0 .6 3 245 4 .7 1 0 .8 0 0 .9 6 0 2 .3 0 2 .5 2 2 .7 4
21 2 2 .3 %  NO« in O 2 82 0 .6 8 210 4 .6 4 0 .4 4 0 .8 9 0 2 .1 3 2 .4 0 3 .0 2
22 2 2 .3 %  N 0 2 in O 2 82 0 .7 2 194 4 .5 5 0 .4 4 0 .9 5 0 2 .3 2 2 .6 4 2 .9 3
23 2 2 .3 %  N O 2 in  O 2 82 0 .5 8 254 4 .5 0 0 .7 8 0 .8 8 0 1 .9 0 2 .0 6 2 .6 6
24 1 8 .1 %  N 0 2 in Ar 23 0 .6 9 132 3 .3 6 0 .5 3 1 .1 0 2 .6 3 3 .2 0 2 .6 8
25 1 8 .1 %  N 0 2 in Ar 23 0 .7 7 117 3 .3 3 0 .5 3 1 .2 3 3 .3 7 4 .3 0 2 .8 4
26 1 8 .1 %  N O 2 in  Ar 23 0 .6 1 147 3 .3 2 0 .5 1 0 .9 6 2 2 .1 2 2 .5 0 2 .7 1
27 1 8 .1 %  N O 2 in Ar 23 0 .5 3 164 3 .2 2 0 .5 0 0 .8 3 7 1 .8 3 2 .1 3 3 .0 3
28 N o  Carrier Gas 23 0 .1 4 190 0 .6 8 0 .4 7 0 .7 6 1 .1 7 1 .5 8 2 .7

0
/ \

N O  +  0 2 ^  0 — N  0  (5)

0
/ \

0 — N  0  +  N O  — ►  2 N 0 2 (6 )

are consistent with the above observation. Guillory 
and Johnston16 recently found evidence for the peroxy 
NO3* in the infrared spectrum of a mixture of NO 
and 0 2. The intensity of the absorption band (1840 
cm-1) assigned to it was shown to be first order with 
respect to both NO and 0 2. The present experiment 
is unable to differentiate between the two mechanisms 
but support the peroxy structure of N 03* rather than 
symmetrical nitrate ion one.

The following oxygen transfer reactions, which would 
also produce scrambling in 0 2, through NO3* (peroxy), 
do not take place

•n o ‘° o18 o16
+  >s0/ 0\ N/ 0N

16 „  -.16 180x  / 0 16
X N ^  ^O18 +  '''N

1
16Q  +  160 180 .

A bridged structure such as

p~o
Ns  N— 0

may also be ruled out as an intermediate.
(6) A 160 2 +  N n 0 2 S e l f -E x c h a n g e  R e a c t io n . Table I 

summarizes the experimental data and processed re
sults for the N 02 self-exchange reaction studied in 
the fast flow tubular reactor. A typical plot of peak 
height vs. x ,  the distance of the jet from the pinhole, 
is shown in Figure 3. The change in the m / e  48 
peak is twice that in the m/e 46 or m/e 50 peak; all 
calculations are therefore based on the m/e 48 peak. 
Since the sensitivity of the mass spectrometer does 
vary slightly in the course of an experiment, the progress 
of the reaction is better presented as a plot of f a ,  f a ,  
f a  v s . x  (Figure 4).

In Table I, P  is the average pressure in the reactor. 
Since A P / P  over the length of the reactor is less 
than 3%  for most runs, the effect of pressure drop 
is negligible. F *  is the molar flow rate of N I80 2, 
determined by using the equation

F *  =  a F  [ f a / f a °  -  f a ]

(16) W . A . Guillory and H . S. Johnston, J. Chem. Phys., 42, 2457 
(1965).
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D is ta n c e  o f  J e t  f r o m  P in h o le  (cm )

Figure 3. P eak  height vs. distance o f je t  from  pinhole, N 0 2 
self-exchange: run  no. 23 ; □, m/e 46 ; O, m/e 48 ; A , m/e 50.

Figure 4. / « ,  fts, fto vs. distance o f je t  from  pinhole, N 0 2 
self-exchange: run n o. 23 ; □ , / « ;  O, / « ;  A , / 5o.

where F *  is the flow rate of labeled gas (mol sec- 1)» F  
the flow rate of ‘normal’ gases (N160 2 +  carrier gas), /is0 
the fraction of 180 2 in the labeled gas, /i8 the fraction 
of 180  in N 0 2 in the reaction mixture, and a  the mol 
fraction of N 02 in N 160 2 +  carrier gas mixture.

Typical plots of In { f t 8" — f t s )  v s . the distance of 
the jet from the pinhole x  are shown in Figure 5. The 
slopes of the plots are obtained by least-squares fitting. 
The exchange rate R ' , uncorrected for diffusion, is 
determined from the slope according to equation

/«“ — f ts  =  const. exp(—E'a:/[N 02]zi)

where/is" is the mole fraction of N 160 180  at equilibrium, 
f t s  is the mole fraction N 160 180  at distance x  between 
the jet and the pinhole, and v  is the average velocity

927

Figure 5. L n  ( f ° <8 — fit) vs. distance o f je t  from  pinhole, N 0 2 
self-exchange; run n o .: 0 , 7 ;  A , 20 ; CD, 21;
□ , 26 ; and O , 13.

of gases in the flow-tube. R ,  corrected for back diffu
sion, is calculated according to an equation (see Ap
pendix I)

R *  K 1 + [S5S5)
where D  is the diffusion coefficient of N 02. Binary 
diffusion coefficients for the N 02 — 0 2 and N 02—Ar 
pairs are calculated as shown in Appendix II, using 
the recently obtained17 Lennard-Jones parameters for 
N 0 2. It is readily seen from Table I that the back-diffu
sion correction is not negligible. For some runs, it may 
change R '  by as much as 20%. This correction is 
more important at low linear flow velocities and low 
pressures.

The exchange rate law may be written as R  — 
fc[N02]re. Figure 6 is the plot of log R  vs. log [NO*] 
for data taken at 23° with 0 2 as the carrier gas (runs 
1 to 16). From the slope of the plot, the order of 
the reaction is found to be 1.96 ±  0.01. Taking n  
as 2.0, the exchange rate constant k , corrected for 
back diffusion, is calculated for different experimental 
conditions (Table II).

Over the temperature range studied, the rate con
stant is not significantly temperature dependent. The 
activation energy for the reaction is nearly zero. The 
use of different carrier gases (02 and Ar) does not 
seem to have any effect on the rate constant. Run 
no. 28 is not as reliable as the other ones because 
the pressure was measured with an oil manometer 
instead of the more accurate pressure transducer. Also,

(17) R . S. Brokaw and R . A . Svehla, J. Chem. Phys., 44, 4643
(1966).
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105 [NO2] (moles/litre)

Figure 6. L og  R vs. log  [N 0 2], N O 2 self-exchange.

Table II : Second-O rder R ate  C on stan t fo r  N 0 2 Self-E xchange

Number Carrier
T, °C of runs gas k, 1. mol-1 sec-1

23 16 02 (3 .0  dh 0 .1 )  X  108
74 3 02 (2 .9  ±  0 .3 )  X  10«
82 4 02 (2 .8  ±  0 .2 )  X  10«
23 4 A t (2 .8  ±  0 .2 )  X  10«
23 1 N o  carrier 

gas used
2 .7  X  108

the very low pressure (1.5 mm of oil) and low linear 
flow velocity (190 cm/sec) in the reactor necessitate a 
rather large back-diffusion correction. Nevertheless, 
the run indicates that essentially the same rate con
stant is obtained in the absence of an inert carrier gas.

Because of the rapidity of the N 0 2 self-exchange 
process, it is unlikely to be heterogeneous. Even 
the rate constant for wall recombination of oxygen 
atoms (in a 2 cm diameter flow tube at a total pressure 
of 1 mm) is only about 1 sec- 1  to 5 sec- 1 .18 This 
corresponds to a reaction half-time of 1-0.2 sec, a 
time already much too large compared to the reaction 
time of the exchange experiment. Surface recombina
tion reactions involving atoms and free radicals are 
expected to be first-order processes and to exhibit 
some temperature dependence.19 The exchange re
action is second order and involves practically no 
activation energy. Moreover, the lower limit to the 
N 0 2 self-exchange rate constant (1 X 106 1. mol-1 
sec- 1 ) estimated from the static reactor experiment, 
where the surface to volume ratio S / V  is 0.48 cm- 1 , 
is not very different from k  obtained in the flow reactor 
(3.0 X 1061. mol-1 sec- 1 ), where S / V  is 4.0 cm- 1 . If 
the reaction is heterogeneous, one would expect it 
to be significantly slower in the static reactor. As

Figure 7. V ariation  o f N O 2 concentration  w ith  distance o f  je t  
from  p inhole: a gas m ixing study.

noted before, the presence of an inert carrier gas has 
no effect on the exchange rate. In addition, the chem
ically very similar nitrogen exchange between NO 
and N 023 has been shown to be homogeneous. It 
appears that the N 02 self-exchange reaction is also a 
homogeneous one.

The performance of the reactor was checked by 
determining the rate constant for the reaction NO +  
0 3 -*■  N 02 +  0 2 (Appendix III). The precision of the 
exchange data is very good. This is so because there 
is no change in the total N 02 concentration. The 
quantities that change along the length of the flow 
reactor are the mole fractions of the three NO2 species 
f m ,  f i s ,  and f b0. These can be calculated accurately 
from the adjacent mass peaks m / e  46, 48, 50 at any 
jet position. Individual calibrations of reactant and 
product concentrations against peak height, which 
constitute a major source of error in flow-reactor 
experiments, are not required in the present experi
ment. The equilibrium value E48” , required in cal
culating k , is also determined. Major systematic 
errors are ( i )  f l o w  r a te  m e a s u r e m e n ts  a n d  f l o w  f lu c t u a 

t i o n s :  reproducibility of the flow calibrations for 
NO2-O2 gas mixtures is only slightly better than 5% . 
The flow of N 180 2 from the jet is not perfectly con
stant at room temperature, as can be seen in Table I 
under the column F * .  In addition, gas depletion 
from the 5-1. supply bulb, which amounts to about 
2%  for the average run, causes a very slight, gradual 
decrease in flow rate over the duration of the run.

(i i ) I n c o m p le t e  M i x i n g .  The reactants are assumed 
to be perfectly mixed within 1 to 2 cm from the jet. 
This mixing distance is estimated from gas mixing

(18) F. Kaufman, Progr. Reaction Kinetics 1, 1 (1961).
(19) K . J. Laidler, "Chem ical Kinetics,”  2nd ed, M cG raw -H ill B ook 
Co., Inc., New Y ork, N . Y ., 1965, p  284.
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Table III: Sum m ary o f E xperim ental D a ta  and P rocessed R esults— 14N O  +  16N 0 2 E xchange at 23°

R u n C o m p o s it io n P» V, F  X  10«, F *  X  10«, [N O s] X  10«, [N O ] x  10«, R ’  X  10«, R  X  10«, k  X  1 0 - ’ ,
no. o f F m m c m /se c m o l/se c m o l/se c m o l/1. m o l/ 1. m o l/ 1. sec m o l/ 1. sec l ./m o l sec

6 1 3 .6 %  N O  in  N 2 0 .1 7 5 550 3.55 0.55 1 .2 8 1.12 0 .6 0 0 .73 5.10
10 8 .3 %  N O  in  N 2 0 .2 3 734 6.75 0.55 0 .9 5 0.97 0 .4 7 0 .5 1 5 5 .6 0
13 8 .3 %  N O  in  N 2 0 .3 1 525 6.34 0.55 1 .3 3 1 .2 7 0 .7 0 0 .8 0 5 4 .7 5
15 8 .3 9 %  N O  in N 2 0 .2 6 744 7 .6 5 0.55 0 .9 4 1 .1 0 0 .3 9 5 0 .4 2 4 .0 8
16 8 .3 9 %  N O  in  N , 0 .3 2 590 7 .5 0 0 .55 1 .1 8 1 .3 6 0 .6 2 0 .6 8 5 4 .2 9
17 8 .3 9 %  N O  in  N 2 0 .4 0 465 7 .3 6 0.55 1 .5 0 1 .6 8 1 .0 8 1 .2 8 5 .1 0
19 8 .3 9 %  N O  in  N 2 0 .1 9 936 7 .0 5 0 .55 0 .7 4 4 0 .8 0 5 0 .3 4 5 0 .3 7 6 .0 1
20 8 .3 9 %  N O  in  N 2 0 .4 7 372 6 .8 8 0.55 1 .8 8 1 .9 8 1 .1 8 1 .4 4 3 .8 6
21 8 .3 9 %  N O  in N 2 0 .5 3 5 320 6 .8 0 0.55 2 .1 8 2 .2 6 1 .9 8 2 .7 4 5 .5 5
22 8 .3 9 %  N O  in  N 2 0 .3 7 454 6 .6 2 0 .55 1 .5 4 1 .5 5 1 .0 7 1 .3 0 5 .5 0

experiments in which NO2 flowing from the jet mixes 
with a stream of inert N2. Figure 7 shows the variation 
of NO2 concentration with distance. Mixing is es
sentially complete within about 1.5  cm.

( i n )  B a c k - D i f f u s i o n  C o r r e c t i o n s  The application of 
back-diffusion corrections to the data reduces consider
ably data scatter; the standard deviation of the rate 
constant is very small (see Tables I  and II). However, 
the amount of correction required for some runs is as 
high as 20%, and if the mathematical model from 
which the back-diffusion formula is derived cannot 
be rigorously applied to the present flow reactor de
sign, some errors may result.

(c) N it r o g e n  E x c h a n g e  i n  l iN O  a n d  16N 0 2. Experi
mental data and processed results are summarized 
in Table III. From the peak height of m/e 47 
vs. x ,  the distance of the jet from the pinhole, similar 
to results shown in Figure 3 for NO2, R ' ,  the exchange 
rate, is obtained from the plot of In ( f a  — f a “ )  v s . x  
(Figure 8). R ,  corrected for back diffusion, is calculated 
from the equation given in Appendix I.

R  =  R ' (  1  +  R ' D ( [  NO] +  [NO2D/P2)

The plot of R  v s . [N02] [NO] (Figure 9) shows 
considerable scatter. Apart from systematic errors 
previously discussed in connection with the N 02 self
exchange reaction, additional sources of error arise 
from uncertainties in the flow of labeled gas and thus 
in the value of f a “ . In the N 0 2 self-exchange experi
ment, N 180 2 flow from the jet can be calculated for 
each run from a mass balance of 180  in N 0 2. A similar 
procedure cannot be employed to obtain the 16N 02 
flow in the NO +  NO2 exchange experiment because 
there is a net transfer of 16N atoms from one chemically 
distinct species to another. The sensitivities of the 
mass spectrometer for NO and N 0 2 are different. The 
mass spectrum is further complicated by the fact 
that NO+ is a prominent peak in the fragmentation 
of N 0 2. The value of 0.55 X 10 -6 mol sec- 1 , calibrated 
for NO2 flow from the jet, is used as the flow rate 
for all runs. Since the flow from the jet may vary 
by as much as 6 or 7%  between 2 runs, an additional 
error is introduced into the calculated data.

Figure 8. fit, fa  vs. distance o f  je t  from  pinhole, N O  +  N 0 2 
exchange, run n o. 13: O, fit ; A , fa .

The second-order rate constant for the NO +  N 02 
exchange reaction, corrected for back diffusion, is 
(4.9 ±  0.8) X 107 1. mol-1 sec- 1 . Klein, e t  a l . ,3 
who examined the N 02 “ catalyzed”  exchange between 
14N 180  and 16N 160, gave the value of 2.16 X 107 1. 
mol-1 sec-1 as the exchange rate constant. Because 
of the difference in the definitions of exchange rate, 
the rate constant in the present work should be twice 
that of Klein, e t  a l .3 The discrepancy between the 
two sets of results, which were obtained by very differ
ent methods, is a little over 10% .

(id) M e c h a n is m  o f  E x c h a n g e . The bimolecular as
sociation of NO2 to form N2O4 may be considered in 
the light of the so-called energy transfer mechanism

N 0 2 +  N 0 2 ¿ 1  N2O4* (7)
2

3

N2O4* +  M ^  N2O4 +  M (8)
4

The overall reaction is
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N O 2  ~t~ N 0 2  - ( -  M
kn

kv
N 2 O 4  +  M ( 9 )

The excited intermediate (not differentiated from tran
sition-state configuration) N20 4* containing the excess 
energy of recombination may re-dissociate to N 02, 
or it may be stabilized to N20 4 through collision with a 
third body, M. If N20 4* has the bridged structure, 
oxygen exchange takes place as follows

n 16o 2 +  n 18o 2
\ y ° \ /

16° — N\ / v N— ° 8

2N160 '80  (10)

Evidence for this mechanism is the second-order con
centration dependence of the rate of exchange. The 
other species

0  0  0  0

N—N and

0  0

0 —N

will not lead to oxygen-atom exchange although further 
rearrangement of these species may result in forming a 
bridged structure.

From the data of Carrington and Davidson20 k n  =  
2.0 X 10 u exp(—11,000/ R T )  1. m oR1 sec"1 =  1.6 X 
10« 1. m ol-1 sec-1 at 25°; fo "  =  1  X  10 16 e x p ( - 13,000/ 
R T )  sec-1 =  3 X 106 sec-1 at 25°.

From the known equilibrium constant for the dis
sociation of N20 4, which is 0.0059 mol l.- 1  at 25°, one

Figure 9. L n  (fa , — / « “ ) vs. distance o f je t  from  pinhole, 
N O  +  N 0 2 exch ange; run n o : O, 15; A , 10; ® , 16;
O, 13; and O , 17.

obtains, at 25°, k u  =  2.7 X 1081.2 mol-2 sec- 1 , fot”  =  
5  X 108 1. mol-1 sec- 1 , where k D is the second-order 
dissociation constant of N20 4 in the low-pressure 
limit at which the rate of energy transfer determines 
the rate of reaction, k n  is the overall third-order 
recombination constant of N 0 2 for the low-pressure 
limit, k n "  is the first-order dissociation constant in 
the high-pressure limit, and /cR“ is the overall second- 
order recombination rate constant, also for the high- 
pressure limit. It must be emphasized that fcD“ is 
estimated from data taken in the second-order region. 
It is probably accurate only to within a factor of 5.

At the low pressure used in the exchange experi
ments, the collisional deactivation process (equation 
8) may be neglected. Thus, fci[N02]2 =  fc2[N20 4*]. 
I f  N20 4* has the bridged structure, the exchange 
rate R  is

R  =  1M 2[N20 4*] =  V2fci [N02]2 =  VaM NCk]2 =

2.5 X 10s 1. mol-1 sec-1

However, the observed exchange rate constant k  
(3.0 X 106 1. mol-1 sec- 1 ) is about a factor of 100 
smaller than V2/cr“ . It may perhaps be that the 
probability of forming the symmetrical bridged inter
mediate in the association of N 0 2 is only about 0.01.

Two other structures of N 20 4 are possible; the 
nitrosyl nitrate structure and the N -N  bonded struc
ture. The latter structure is the currently accepted 
one, mainly based on the evidence from electron 
diffraction and spectroscopic work, in spite of the 
unusual features of the N - N  bond, v iz ., its length 
and weakness, its planarity, and its high barrier to 
internal rotation.21 Recently, observed lines in the 
ir spectra of N 2 0 4 at liquid nitrogen and liquid helium 
temperatures12 by matrix isolation techniques were 
assigned to the unstable nitrosyl nitrate isomer and 
the staggered N - N  bonded isomer with D 2d configura
tion. Perhaps a reexamination of these spectra may 
reveal lines that may be assigned to the bridged struc
ture and thus provide evidence for the existence of 
bridged structure as an intermediate.

The excited intermediate N20 4* probably consists 
of all three of the possible structures of N20 4, in equilib
rium proportions. Thus, in the gas association of 
N 0 2 to form N20 4*, the following parallel processes 
may be conceived

O O

N 0 2 +  N 02 N—N

/  \
o  0

(20) T . Carrington and N. Davidson, J. Phys. Chem., 57, 418 
(1953).
(21) P. Gray and A. D . Yoffe, Chem. Rev., 55, 1069 (1955).
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N 0 2 +  N 0 2

0
kn /  \

O—N N—0

\ /
0

n o 2 +  n o 2

0 N—0
fcl3 \  /

N—0

0

At room temperature, k n  is about 5 X 10s 1. mol-1  
sec- 1  and fci2 is, from the N 0 2 self-exchange experiment,
6.0 X  106 1. mol- 1  sec- 1 . From the oxygen atom 
transfer reaction between NO and N 0 2, which goes 

N N
through the / \  / \  excited intermediate and has

0  0  0
a rate constant of 4.9 X 107 1. mol-1  sec- 1 , k n  is esti
mated to have a similar value.

Since the exchange process involves essentially no 
activation energy, repulsion between the bridging 
oxygen atoms is not important. The low probability 
of bridge formation may be attributed to the small 
steric factor; the N 0 2 molecules must assume certain 
spatial orientations relative to each other in forming 
the bridge.

The existence of small, equilibrium concentrations 
of the bridged isomer and the nitrosyl nitrate isomer 
of N20 4 provides a simple explanation for the heterolytic 
dissociation in liquid N20 4

n 2o 4 z^ i: N 0+  +  n o 3-

It also seems likely that the small observed dipole 
moment of N20 4 may be due to the unstable nitrosyl 
nitrate isomer. 12 However, it is premature to derive 
any quantitative estimations.

Any dissociative mechanism that would lead to 
rapid self-exchange in N 0 2 is implausible. The ther
mal decomposition of N 0 2 to give NO and 0 2 begins 
at temperatures above 200°. It is a very slow reaction 
with a high activation energy of 26.9 kcal mol- 1 .22 
At room temperature, the equilibrium constant K  =  
[N02]2/ [N 0 ] 2 [02] is 5.9 X 10 1 2 1./ mol.14 With N 0 2 
as low as 10 - 4  mol/1. the equilibrium NO concentra
tion is 3 X  1 0 -8  mol/1. N 0 2 dissociation is certainly 
negligible in the presence of excess 0 2 carrier gas. An
other oxygen-containing species that could lead to 
exchange is NO3. This is a very unstable species 
whose existence is suggested by the results of certain 
gas kinetic experiments. It is conceivable that N 0 3 
may be produced by the reaction N 0 2 +  N 0 2 NO +  
NO3. The standard free energies of formation of NO 
and N 0 2 are 20.719 kcal mol- 1  and 12.390 kcal/mol, 
respectively. 22 Using the standard free energy of 
formation of N 0 3 (27.36 kcal mol- 1) which was calcu
lated by Hisatsune, 23 the standard free energy change

Figure 10. E xchange rate as a fun ction  o f [N O ] [N 0 2], N O  +  
N 0 2 exchange.

for the above reaction is 23.30 kcal mol- 1 , which cor
responds to an equilibrium constant of 1 0 17. At N 0 2 =  
10 - 5  mol l.- 1 , the equilibrium N 0 3 concentration is 
10 -1 3 -5 mol l.- 1 . This cannot account for the rapid 
rate of oxygen self-exchange in N 0 2. Moreover, ex
change data in the N 160  +  180 2 system indicate that 
the peroxy form of N 0 3 does not exchange oxygen 
atoms with N 02. Finally, the nonexchange between 
N 160 2 and 180 2 shows that the extremely small amount 
of 0  atoms produced in the photolysis of N 0 2 (by 
diffuse sunlight in the laboratory) cannot be responsible 
for the observed exchange.
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Appendix I
The general equation of change for the concentration 

of a species in a flow system is given by24

SC

St
+ G'8C  8C  8 C \

T x  +  VU y  +  V* T z )  =

/ V C  V C  i T \
\Ôz2 5y2 Sz2 ) +  R '

(22) F. D . Rossini, et al., “ Selected Values o f Chemical Thermody
namic Properties,”  National Bureau of Standards Circular No. 500, 
U. S. Government Printing Office, Washington, D. C., 1952; P. G. 
Ashmore and M . G. Burnett, Trans. Faraday Soc., 58, 253 (1962).
(23) I . C. Hisatsune, J. Phys. Chem., 65, 2249 (1961).
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where vx, vy, and v z are the linear velocities in the 
x ,  y ,  and z  directions, respectively. D  is the diffusion 
coefficient of the species and R "  is the rate of reaction 
for the production of the species. For a system at 
steady state 8 C / 8 T  =  0. In a tubular reactor there 
is no bulk flow in the y  and z  direction. Further, 
if the flow in the x  direction is laminar and its profile 
is assumed to be parabolic, the equation in cylindrical 
coordinates reduces to

where v0 is the velocity at r  =  0 and n  is the radius 
of the flow tube. Assuming the radial gradient 5(7/ 
5r =  0 (the assumption is justified since D / R " r 02 >  
l 24) and replacing the velocity term by the average 
stream velocity v, the equation simplifies to

v
dC  

dr Æ « "dx2 (i)

For the N 0 2 self-exchange reaction

R "  =  ^  =  t , /«[NO,] =  « (/«“ -  /«) df di

where R  and [NO,] are the rate constants for isotopic 
exchange and the total concentration of N 02, respec
tively. The total concentration of N 0 2 is constant 
in a particular experiment and thus eq i becomes

- d/48 n 
dr dr2 +

R

[N02 (/« ~  M

The solution of the equation is

/«“ -  /w =  A  exp
x

2 D
(v + V v2 +  4D Ä/[N02]^ +

B  exp[â(* -V  V2 +  A D R / [N0;
0 ]

For x  -*■ <», ftsT  — /4S -*■  0 and thus A  =  0 

/« " -  fm  = B  exp ~ V"«2 +  4DÄ/[N02]^J

If R '  is the rate constant for isotopic exchange uncor
rected for back-diffusion, R  is related to R '  by the 
following expression

* ' s'(‘+ iS5)
I f  R 'D /  [N O /i"2 «  1, correction due to back-diffusion 
is negligible. It would seem that the near-ideal plug- 
flow reactor should be one operated at high linear 
velocities and at high total pressure. However, at 
high pressure, diffusion is slow and the radial diffusion 
terms may become important.

Figure 11. E xten t of reaction  vs. distance o f je t  from  pinhole, 
N O  +  0 8 —► N 0 2 +  0 2 reaction.

For the second-order oxygen-atom exchange in N 02, 
the rate constant k  is given by

1 +
k ' D [  NQ2]\

02 /

where k '  is the rate constant uncorrected for back- 
diffusion.

The corresponding equations for the exchange in 
N 0 -N 0 2 system are

f i 7 — / 47e0 —

C exp -  v V  -  4M)([N02]) +  [N O ])] 

and k  =  k '  [ 1 +  k 'D  ([NO] +  [N02])/â2]

Appendix II
C a lc u la t io n  o f  D i f f u s i o n  C o e f f i c i e n t s  f o r  B i n a r y  M i x 

tu r e s . The diffusion coefficient D i2 in cm2 sec- 1 , for 
binary mixtures is given by26 (Table IV)

V ( M \  +  M t ) T 3

Z>i2 =  0.002628
2 M \ M i  

P it i220i2

T a b le  IV  : D iffu sion  Coefficients o f B inary M ixtures

Gaa
mixture aiji7’26 i/k, Ou,»

DP, cm1 
sec _1 mm

n o 2- o 2 3 .6 5 3 136 1 .0 4 4 118
N 0 2-A r 3 .5 91 161 1 .1 07 108
n o 2- n 2 3 .7 5 7 129 1 .0 2 8 118

(24) R . B. Bird, W . E . Stewart, and E. N. L ightfoot, “ Transport 
Phenomena,”  John W iley & Sons, New York, N. Y ., 1960, p 559.
(25) J. O. Hirschfelder, C. F . Curtiss, and R . B . Bird, “ Molecular 
Theory of Gases and Liquids,”  John W iley & Sons, Inc., New Y ork ,
N . Y ., 1954, p 539.
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Table V: Summary of Results: NO +  0 8 -*■ NO +  0 2 at 23° (Flow of 8.35%)

Run V P, Flow of NO, O» in Ar, Siope X 10 -*, k  X 10
□0. cm/sec mm mol/seo mol/sec l./mol cm l./mol sec

1 510 0.335 1.92 X 10-8 5.36 X 10-» 2.84 1.27
2 630 0.270 1.93 X 10-« 5.40 X 10-* 1.79 1.13
3 455 0.370 1.85 X 10-« 5.30 X 10~6 2.94 1.34

Average = 1.24 ±  0.11

Table VI: Rate Constant for NO +  Oa —► N02 +  0 2: 
Comparison with Literature

k at 23°, 
l./m ol sec Method References

1.13 X 10’ Stopped-flow; 28

1.3 X 107
spectrophotometric 

Tubular flow; mass 29

0.86 X 107
spectrométrie 

Tubular flow; 30

1.24 X 107
spectrophotometric 

Tubular flow; mass This work
spectrométrie

where P  is the pressure in atmospheres, T  is the absolute 
temperature in °K , M \  and M 2 are molecular weights 
of the two components, Oi2 is the collision integral 
at reduced temperature k T / e 12, and oi2 and iJ2 are 
the Lennard-Jones potential parameters in A and °K , 
respectively, obtained by the following rules and given 
in Table IV .26’27

« 12  =  ( « 1 * 2 )  <ri2 =  l / 2 ( ^ 1  +  tr2)

Appendix III. Test Reaction 
NO +  0 3 -»• N 0 2 +  0 :

Results of the test reaction are given in Table V. The 
second-order rate constant is obtained from the plot 
of l/[NO]o — [Os]o In [NO]/[Os] against x ,  the dis
tance of the jet from the pinhole [Figure 1 1] .  Be
cause of the high linear flow velocities used, the cor
rection due to back-diffusion has not been applied 
to the data. Comparison between the rate constant 
obtained and the reported values in the literature 
is shown in Table V I.28-30

(26) Reference 25, p 1110.
(27) Reference 25, p 1126.
(28) H . S. Johnston, and H J. Crosby, J. Chem. Phya., 22, 689 
(1954).
(29) L. F. Phillips and H . I. Fchiff, ibid., 36, 1509 (1962).
(30) M . A. A. Clyne, B. A . Thrush, and R . P. W ayne, Trans. Fara
day Soe., 60 ,359 (1964).
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Conductance of Lanthanum Hexacyanoferrate(III) Tetrahydrate in 

Dioxane-Formamide and Acetone-Formamide Mixtures at 2 5 01

by Gyan P. Johari2

Department of Chemistry, University of Gorakhpur, Gorakhpur, India (Received April 9, 1969)

Conductance measurements are reported for LaFe(CN)6-4H20 in dioxane-formamide and acetone-formamide 
mixtures at 25° over the composition range 10-50% dioxane and 10-60% acetone. The data were analyzed for 
A 0 and association constant by Shedlovsky’s method. The association constant in dioxane-formamide mixtures 
is higher than in acetone-formamide mixtures at comparable dielectric constant. The Walden product de
creases with decreasing dielectric constant in both systems but relatively more in acetone-formamide mixtures.

Introduction
This paper reports a part of our investigation of the 

conductance behavior of high charge symmetrical 
electrolytes in solvents of high dielectric constant. In 
previous papers we reported that several 2 :2  salts are 
unassociated in formamide3 and in N-methylform- 
amide.4 Several 3 :3  salts were found to have an 
association constant of the order of 102 in formamide.6 
Consistent values for the ion-size parameter from 
hydrodynamic and electrostatic approaches justified 
the applicability of the Fuoss-Onsager extended 
theory6 to these 3 :3  salts. In this paper we report on 
the conductance data of LaFe(CN)6- 4H20  in two mixed 
solvent systems of varying dielectric constant with the 
particular purpose of examining the short-range ion-ion 
interaction in this 3 :3  salt.

Experimental Section
M a te r ia l s . Lanthanum hexacyanoferrate(III) was 

prepared by the method of James and Willard.7 A 
concentrated aqueous solution of LaCl3 (prepared from 
the pure oxide) was mixed at 60° with an equimolar 
K 3Fe(CN)6 solution. Brown crystals of LaFe(CN)6- 
4H20  separated on cooling. These were washed with 
cold water and dried over P 20 6 to a constant weight. 
The dried salt had a definite tetrahydrate form as 
shown by a quantitative analysis for lanthanum. 
Acetone, dioxane, and formamide were purified as 
described earlier.3'8'9

E q u ip m e n t  a n d  T e c h n iq u e . The conductance equip
ment and the methods of measurement have been 
described earlier.3,8'9

Results
The molar concentration, C , and the equivalent 

conductance, A, data in the two solvent systems are 
presented in Table I. Each set of data is headed by the 
dielectric constant of the mixed solvent taken from 
ref 8 and 9.

The phoreograms in all solvent mixtures are cata- 
batic; the positive deviation from the theoretical

Onsager slope increases progressively with decreasing 
dielectric constant.

We attempted to fit the data (at concentrations for 
which xa° <  0.2) to Fuoss-Onsager extended equation 
for an associated salt by the “ y  — x ”  method6

A =  A° — «(C y)'7' +  E C y  log C y

+  J C y  -  A aC7/±2A (1)

The analysis was done on an IB M  7094 computer using 
a Fortran program similar to the one described by 
K ay .10 For most sets of data the program computation 
failed to converge. For sets of data for which A°, a j ,  

and K a  were obtained, the standard deviations were so 
large as to make the reliability of analysis doubtful. 
We also tried to analyze the available conductance 
data in the literature for an associated 3 :3  salt. The 
conductance data of Dunsmore, e t  a l ., for LaCo(CN)6 in 
aqueous solutions11 were analyzed according to eq 1. 
The results obtained were A° =  161.64 ±  1.6 ohm-1 
cm2 g-equiv“ 1, K A =  2900 ±  627 M ~ l , and aj =  6.3 ±
2.3 A, in comparison to the value of A° =  166.98 ohm-1 
cm2 g-equiv_1, and K a  =  5460 M ~ l obtained by neglect
ing E C y  log C y  and J C y  terms.

The Fuoss-Onsager extended equation describes the 
conductance data of 1 : 1  and 2 :2  salts6'8'9’12 and of

(1 ) S u p p o r t  f o r  t h i s  w o r k  f r o m  th e  U n i v e r s i t y  G r a n t s  C o m m is s io n ,  
N e w  D e lh i ,  I n d ia ,  is  g r a t e f u l ly  a c k n o w le d g e d .
(2 ) V i s i t i n g  A s s is ta n t  P ro fe s s o r ,  B e l f e r  G r a d u a te  S c h o o l o f  S c ie n c e , 
Y e s h iv a  U n iv e r s i t y ,  N e w  Y o r k ,  N .  Y .  1 0 0 3 3 .
(3 ) G .  P .  J o h a r i  a n d  P . H .  T e w a r i ,  J. P h ys . C h en ., 69, 6 9 6  (1 9 6 5 ) .
(4 ) P .  H .  T e w a r i  a n d  G . P .  J o h a r i,  ibid., 69,3 1 6 7  (1 9 6 5 ) .
(5 ) G .  P .  J o h a r i  a n d  P .  H .  T e w a r i ,  ibid., 69, 2 8 6 2  (1 9 6 5 ) .
( 6 ) R .  M .  F u o s s  a n d  F .  A c c a s c in a ,  “ E le c t r o ly t i c  C o n d u c ta n c e , ”  
In te r s c ie n c e  P u b lis h e rs ,  I n c . ,  N e w  Y o r k ,  N .  Y . ,  1 9 5 9 , p p  1 0 9 , 13 6 , 
1 7 2 , 1 9 5 .

(7 )  C .  J a m e s  a n d  P .  C .  W i l l a r d ,  J . A m er. Chem. Soc., 3 8 ,  14 97  
(1 9 1 6 ) .

(8 ) G .  P . J o h a r i  a n d  P .  H .  T e w a r i ,  ibid., 8 7 ,4 6 9 1  (1 9 6 5 ) .
(9 )  P .  H .  T e w a r i  a n d  G .  P .  J o h a r i ,  J . P h ys . Chem.., 69, 2 8 5 7  (1 9 6 5 ) .
(1 0 )  R .  L .  K a y ,  J. A m er. Chem. Soc., 8 2 ,  2 0 9 9  (1 9 6 0 ) .
(1 1 ) H .  S . D u n s m o re ,  T .  R .  K e l le y ,  a n d  G .  H .  N a n c o l la s ,  T rans. 
Faraday Soc., 5 9 ,2 6 0 6  (1 9 6 3 ) .
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Table I  : M ola r C on centration , E qu iva len t C on du ctan ce  D a ta  fo r  L a P e (C N )6 • 4H 20  in S olven t M ixtures at 25°

1 0 ‘ C  A

•81.4«-
2 .6 8 6
3 .6 7 3
5 .3 1 5
6 .8 8 5
8 .7 1 5

11 .207
1 3 .503

-A dQOzi

2 1 .6 2 8
2 0 .5 2 3
19 .198
18 .189
17 .398
16 .465
15 .907

2 .4 1 7 4 .7 7 3
3 .4 8 7 4 .3 5 5
4 .1 4 9 4 .1 8 7
5 .7 8 8 3 .8 5 3
5 .8 0 6 3 .8 4 8
8 .631 3 .5 2 9

12.391 3 .3 4 5

97.6«-
1 .039
2 .1 81
3 .3 5 4
4 .8 41
7 .4 05
8 .4 1 2

10 .089

3 4 .411
3 2 .6 2 0
3 1 .23 3
3 0 .26 7
2 9 .0 3 3
2 8 .7 3 2
2 8 .1 6 2

0 .9 53 3 7 .227
1 .383 3 4 .9 1 6
1 .785 3 3 .20 9
2 .4 5 8 31 .211
3 .3 4 0 2 9 .5 2 5
4 .1 2 0 2 8 .3 3 8
5 .4 4 6 2 6 .6 2 3

D ielectric constant; see re f 8 and

1 0 ‘ C  A

D io x a n e -F o rn a m id e  M ixtures 
---- ----- ----68.2«------------.
2 .3 0 8
2 .6 51
2 .9 9 8
4 .8 6 0
6 .3 3 7
8 .0 8 2

10 .629

1 7 .817
1 6 .990
16 .713
14 .867
14.051
13.331
12 .537

0 .5 0 7 5 .2 5 2
1 .353 3 .501
2 .1 0 4 2 .8 5 0
2 .9 5 2 1 .943
3 .6 2 7 1 .5 16
4 .5 0 4 1 .113

A ceton e-F orm am id e  M ixtures 
--------------------8 5 .2 “ ------------------- -
0 .9 2 2
2 .0 4 7
3 .5 9 4
4 .5 7 9
5 .4 3 5
7 .3 2 9
9 .8 7 3

38 .861
3 6 .10 9
3 3 .80 2
3 2 .83 0
3 2 .131
3 0 .893
2 9 .432

0 .5 7 8 3 4 .10 5
1 .0 9 0 2 9 .5 5 4
1 .6 12 2 7 .1 1 0
2 .1 9 7 2 5 .00 9
2 .6 6 8 2 4 .33 8
3 .1 2 0 2 4 .13 6
4 .1 3 5 2 3 .0 6 4

10 <C  A

-55 .4«
1 .6 86 1 1 .680
3 .4 6 0 9 .4 6 6
3 .9 3 0 9 .1 6 3
- .8 4 0 8 .7 4 9
â .9 7 0 8 .2 8 3
9 .7 4 6 7 .4 16

12.901 6 .9 4 6

•73.5«
0 .5 9 7 4 4 .6 2 3
1.241 4 1 .911
u. 989 3 9 .775
2 .7 3 4 3 8 .28 9
3 .6 0 6 3 7 .01 9
5 .1 9 3 3 4 .94 8
6 .1 5 2 3 4 .10 6

several 3 :3  salts,5 which are not highly associated, 
fairly well. We believe that the apparent discrepancy 
is due to the reason that conductance data at very low 
concentrations where the theory is applicable may be 
less precise than required in the analysis according to 
eq l 13 (for example, the applicability of eq 1 for a 3 :3  
salt in a solvent of dielectric constant 80 at 25° is 
restricted to concentrations below 9 X 10~4 mol/1.). 
The viscosity correction term important for large ions 
which we have neglected may also be partially respon
sible.

The data were then analyzed by the limiting equation 
for conductance. The limiting equivalent conductance 
and the association constant were obtained by Shed- 
lovsky’s method.14 Instead of using the function in the 
usual form for the simultaneous determination of A0 
and K A i which in these cases required long extrapola
tion, the following procedure was adapted. For a set 
of data, a number of A0 values were chosen to make 

against (1 — y / V ) '72 plots; y  was calculated by 
the equation

7 =  (A/A°)5(*) (2)

g =  (ffiA° +  /3)AoVs(C'A)1/s (3)

(the values of the function S ( z )  for various values of z  
have been tabulated by Dagget15), and /± from

-lo g /±  =  (0.2172a6x/C'V!)C‘/27 1A (4)

The value of A0 which linearized t h e (1 — y / y 2) ' 1'1 
plot with zero intercept was used to calculate K a  from

/ ± C ,/ !  =  K a ~ 1/!(1  -  7 / y 2) 1/! (5 )

(12) G. Atkinson and S. Pétrucci, J. Amer. Chem. Soc., 86, 7 (1964); 
G. Atkinson and H . T subota, ibid., 87 ,164  (1965).
(13) T he computer fails to resolve the terms EC y log Cy and JCy 
for a highly associated 1 : 1 salt. The A 0 and K a  obtained by ignoring 
these two terms, which is usually done in such cases, are n ot much dif
ferent from  the ones obtained from  the limiting law, because the 
KxCy At 2A term is overwhelm_ngly large. For a 3 ; 3 salt the large size 
of the terms E and J (ref 5) makes their contribution comparable to 
that of K a  term. One would be in error if one considered the situation 
in a 3 :3  salt the same as for a 1 :1 salt. See also R . A. Matheson, 
J. Phys. Chem., 72,3330 (1968).
(14) T . Shedlovsky, J. Franklin Inst., 225, 739 (1938); R . M . Fuoss 
and T . Shedlovsky, J. Amer. Chem. Soc., 71, 1496 (1949).
(15) H . M . Daggett, J. Ame~. Chem. Soc., 73, 4977 (1951).
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T a b le  I I :  D erived  C onstants fo r  L a F e (C N )6'4 H 20  in  Solvent M ixtures

% Dioxane
or acetone Da V (oP)° A» Ka A<h,

D ioxan e-F orm am ide  M ixtures
o> 109 .5 3 .3 0 3 4 .5 5 249 1 .1 4

20 8 1 .4 3 .2 5 3 4 .9 8 4,754 1 .1 4
30 6 8 .2 3 .1 3 3 5 .51 13,820 1 .1 1
40 5 5 .4 2 .9 7 3 5 .6 5 60,690 1 .0 6
50 4 3 .2 2 .6 9 3 6 .2 6 3 .6  X  106 0 .9 8
60 3 3 .0 2 .3 9 38 1 .6  X  10« 0 .9 1

A ceton e-F orm a m id e  M ixtures
0” 109 .5 3 .3 0 3 4 .5 5 249 1 .1 4

10 9 7 .6 2 .7 8 3 8 .5 5 504 1 .0 7
20 8 5 .2 2 .3 1 4 4 .7 6 1,041 1 .0 3
30 7 3 .5 1 .8 7 5 1 .0 6 2,450 0 .9 4
40 6 2 .8 1 .4 8 5 4 .1 3 8,220 0 .8 0
50 5 3 .5 1 .1 6 5 8 .1 26,500 0 .6 8

0 T aken  from  re f 8 and 9. 6 T aken  from  re f 5.

F igure 1. D epen den ce o f the logarithm  o f  association  constant 
on  the reciprocal dielectric constant in  m ixed solvents: 
d ioxan e-form am id e (open  circles), a ceton e-form am id e (closed 
circles), d ioxan e-w ater (closed triangles), aceton e-w ater 
(closed rectangles).

for each set of A, C  data. The calculations were 
programmed for the IB M  360 computer. The average 
deviation in the K a  values obtained from the analysis 
was between 2 and 5 %. The values for the density, 
viscosity, and dielectric constant used in the calculations 
for these solvents were taken from ref 8 and 9.

The A0 and K a  values along with the other param
eters in both the solvent systems are summarized in

Table II. Logarithm of the association constant is 
plotted against the reciprocal dielectric constant in 
Figure 1. We have also included in this figure the 
association constant of this salt in dioxane-water and 
acetone-water mixtures from the literature.16

Discussion

The association constants in dioxane-water and 
acetone-water mixtures in Figure 1 are very close to the 
values in dioxane-formamide mixtures at the same 
dielectric constant. Strictly interpreted in terms of the 
Fuoss-Bjerrum equation17

K a  =  (47riV aK3/.3 0 0 0 )  exp (ziZ 2e 2/ a K D k T )  (6 )

it would mean that an electrostatic sphere of one size 
can describe the behavior of LaFe(CN)6 in the three 
solvent systems. It also indicates the absence of 
metal-ligand interaction in formamide solution. The 
log K a  vs. D ~ l plot is concave toward the abscissa. 
Such nonlinearity has also been found for MgSCh in 
these mixtures.8 It  is interesting to note that in 
dioxane-water mixtures also, several 1 : 1  salts show a 
concave log K a  vs. D -1 plot.18,19 The concavity may 
result from an increase in the size of electrostatic sphere 
with increasing dioxane content. Dioxane, acceptedly, 
is a strong hydrogen-bonding base. In mixtures with 
hydrogen-bonding liquids, dioxane, in addition to 
breaking the extensive intermolecular association, forms 
complexes with the liquid molecules (proton donors). 
This is commonly observed from the dielectric relaxa
tion and infrared absorption studies of dioxane in 
mixture with proton donors. 20~22 If such complex

(16) J. C. James, J. Chem. Soc., 1094 (1950).
(17) R . M . Fuoss, J. Amer. Chem. Soc., 80, 5059 (1958).
(18) J. E. Lind and R. M . Fuoss, J. Phys. Chem., 65, 999 (1961).
(19) G. Atkinson and Y . M ori, J. Chem. Phys., 45, 4716 (1966).
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Figure 2. D epen den ce o f the W alden  produ ct on  the dielectric 
constant in m ixed solvents. D ioxan e-form am id e  (open  circles), 
a ceton e-form am id e (closed circles).

formation occurs, the solvation pattern of the ions 
would change with the dioxane content, because the 
concentration of such complexes depends upon the 
relative concentration of dioxane and proton donors.

The plot in acetone-formamide mixtures is linear in 
the limited range of dielectric constant. The value for 
the contact distance parameter, <1k , obtained from the 
slope is 10.5 A. This is in good agreement with the 
values of the ion-size parameter obtained from the J  
term and from the limiting ionic mobilities in pure 
formamide.5 The theoretical intercept from eq 6 is 
0.55 in comparison to 0.57 obtained from the plot in 
Figure 1. The agreement in these parameters is good 
enough to show that this system conforms to the Fuoss- 
Bjerrum behavior.

LaFe(CN)6 is associated to a greater extent in 
dioxane-formamide mixtures which are isodielectric to 
acetone-formamide mixtures. According to eq 6 
different contact distances are required in the two sol
vent systems. The inclusion of the energy of ion- 
solvent interaction in the form exp(—E s/ k T )  as in
troduced by Gilkerson28 in eq 6 can also describe the 
behavior, but then the E a will be found to vary with the 
solvent composition in dioxane-formamide systems.

The Walden product, A°jj, in Table II  and Figure 2 
decreases with decreasing dielectric constant in both 
systems. The decrease at low dielectric constant is 
more pronounced in the acetone-formamide system. 
In dioxane-water and acetone-water mixtures the A \  
for this salt is considerably higher (A0?; =  1.52 and 1.36. 
respectively),16 and is independent of the dielectric 
constant. Fuoss24 attributed the variation in A°rj ir_ 
different solvents to an additional braking on the mov
ing ion caused by a finite time taken by the solvent 
dipoles to relax. The magnitude of the resulting drag 
on a given ion depends on the relaxation time of the

solvent dipole and the static and the optical dielectric 
constant of the solver t. Zwanzig25 has derived an 
equation for the calculation of limiting ionic mobilities 
by taking this effect into account. Atkinson and 
Mori26 have found that this equation, which they refer 
to as the FBZ equation, gives a good description of this 
effect in water, alcohols, and several mixed solvents. 
D ’Aprano and Fuoss27 have used this equation to 
elucidate the hydrodynamic behavior of T1C1 in di
oxane-water mixtures. We believe that the applica
tion of the FBZ equation should be restricted only to 
those solvents in which extensive intermolecular 
association is absent.28 However, the decrease in the 
Walden product for LaFe(CN)6 in both solvent systems 
is consistent with the Ft oss effect.

In solvents having extensive intermolecular associa
tion, particularly in water, aliphatic amides, and 
aliphatic alcohols, the electrostatic interaction between 
the ion and the solvent dipole produces a considerable 
change in the solvent structure. This is a well known 
fact, but unfortunately is not readily quantified because 
the exact changes in the liquid structure induced by 
the ionic field are not known. Recently, K ay and 
Evans29 have rationalised the ionic mobility data of 
monovalent ions by postulating that the alkali metal 
ions break the structure in water (in constrast to 
alkyl substituted ammonium ions which “ make”  the 
structure) and consequently move in a medium less 
viscous than given by the bulk viscosity. Such change

(20) S. K . Garg and C. P. Smyth, J. Chem. Phys., 43, 2959 (1965), 
for dioxane-water complex.
(21) D . A. Ibbitson and L. 7 . M oore, J. Chem. Soc., B, 80 (1967); 
G. P. Johari and C. P. Smyth, J. Amer. Chem. Soc., 91, 6215 (1969), 
for dioxane-alcohol complex.
(22) M . D . M agee and S. Walker, J. Chem. Phys., 50, 1019 (1969), 
for dioxane-chloroform  complex.
(23) W . R . Gilkerson, ibid., 2S, 1199 (1956).
(24) R . M . Fuoss, Proc. Neil Acad. Sci., U. S., 45, 807 (1959).
(25) R . Zwanzig, J. Chem. Phys., 38, 1603 (1963).
(26) G. Atkinson and Y . M ori, J. Phys. Chem., 71, 3523 (1967).
(27) A. D ’Aprano and R . M . Fuoss, J. Amer. Chem. Soc., 91, 279 
(1969).
(28) W e wish to express sorre reservations regarding the use of the 
relaxation tim e values in the F B Z  equation. In  this equation, the 
relaxation time represents the rate o f dipole reorientation as originally 
given by D ebye (P. D ebye, “ Polar M olecules,”  Chemical Catalog 
Com pany, Inc., New Y ork, N . Y ., 1929). In  hydrogen-bonded liq
uids, e.g., water, alcohols and amides, the main relaxation time (used 
in ref 26 for calculations) represents the rate of H bond breaking in 
the H -bonded aggregates (for water, ref 20; for alcohols, C. Brot 
and M . M agat, J. Chem. Phy.., 39, 841 (1963). S. K . Garg and C. P. 
Smyth, J. Phys. Chem., 69. 1294 (1965), G. P . Johari and W . Dann- 
hauser, J. Chem. Phys., 50, 1862 (1969); for amides, S. J. Bass, W . L. 
Nathan, R . M . M eighan, ard  R . H . Cole, J. Phys. Chem., 58, 509 
(1964), W . Dannhauser and G. P. Johari, Can. J. Chem., 46, 3143 
(1968)). Furthermore, the c.ecay of m acroscopic polarization in alco
hols does not occur -with the only one relaxation time that is represen
tative of the life of a hydrogen bond. In  m any pure liquids, the re
laxation characteristics are not Debye-like. T he situation in mixed 
solvents is more com p licates M ixed solvents show two relaxation 
times (A. Schallamach, Trans. Faraday Soc., A42, 180 (1946), S. K . 
Garg and C. P. Smyth, J. Chem. Phys., 45, 2799 (1966)) and interac
tion between two different solvent molecules which usually is of a 
donor-acceptor type (H. A . 3en t, Chem. Rev., 68, 587 (1968), gives 
rise to more relaxation times ( ref 22).
(29) R . L . K ay and D . F. Emails, J. Phys. Chem., 70, 2325 (1966).

Volume 7Jf, Number 4 February 19, 1970



938 N otes

should also be reflected in the electrostatic behavior of 
ions. Undoubtedly, the dielectric constant and the 
viscosity of a solvent in the vicinity of the ion are 
considerably different from the macroscopic values, and 
thus the ion does not move, or form ion pairs, in a 
medium of such properties as described by the bulk 
parameters; what is puzzling to us is the fact that the 
experimental data on conductance can still be described 
satisfactorily well by the equations, obtained from the 
most rigorous theoretical treatment on electrolytic 
conductance, using the macroscopic values for the 
solvent properties.

We conclude from this study that LaFe(CN)6-4H20  
is moderately associated in formamide. In acetone- 
formamide mixtures the ion association is very well 
described by the Fuoss-Bjerrum equation. In di- 
oxane-formamide mixtures the dependence of ion 
association is strongly affected by the ion-solvent and 
possibly solvent-solvent interactions.

Acknowledgment. I wish to thank the Department of 
Engineering, Princeton University, Princeton, N. J., 
for providing me the computer time for these calcula
tions.

N O T E S

Alkyl Radical Disproportionation

by R. L. Thommarson
McDonnell Douglas Astronautics Company— Western Division 
Santa Monica, California 904-06 (Received March 25, 1969)

Alkyl radical disproportionation reactions

R- +  R '- — >  RH +  R '(-H ) (1)

are observed when an alkyl radical larger than methyl 
is present in the reaction system. They are extremely 
efficient, proceeding with rate constants comparable to 
those for alkyl radical recombination. They have no 
apparent activation energy in contrast to the 8 ±  3 
kcal/mol expected of the hydrogen abstraction reactions 
of alkyl radicals. Moreover, the A factors are about a 
factor of 10 higher than the “ typical”  A factors for 
alkyl radical hydrogen abstraction reactions. The 
negligible activation energy is rationalized by the high 
exothermicity of disproportionation and the generally 
observed trend of decreasing activation energy with 
increasing reaction exothermicity. However, the high 
A factors have led to some controversy. It has been 
argued that the high A factors and small temperature 
dependence of disproportionation rates suggest that the 
process is not closely related to ordinary radical H- 
abstraction reactions. Radical recombination and 
disproportionation were envisaged as proceeding 
through a common transition state involving initial 
formation of the excited dimer R R ' which could decom
pose unimolecularly to give alkane and alkene.1 Ben
son2 has pointed out that such a process is incompatible 
with experimental results and presented arguments

favoring the “ head-to-tail”  model, which is similar, 
though necessarily looser, than the transition state 
assumed for normal H-abstraction reactions.

Recently, Johnston3 has offered the empirical bond 
energy-bond order method as a tool for calculating the 
activation energies and rate constants of elementary 
bimolecular H-transfer reactions without using adjust
able parameters from kinetic data. This method has 
been highly successful when applied to a variety of 
H-transfer reactions.4 The purpose of this paper is to 
examine alkyl radical disproportionation using a rather 
direct modification of the bond energy-bond order 
method.

C o m p u t a t i o n a l  P r o c e d u r e

The generalized hydrogen abstraction reaction can be 
written

A -H  +  B =  A • • • H • • • B =  A +  H-B (2)
m 7i2

where rii and r/2 are the bond orders in the transition 
state of the breaking bond A • • • H and the forming bond 
H - • - B, respectively. The total bond order is assumed 
to be conserved throughout the reaction so that n, +  
?i2 =  1. The potential energy for forming the transi
tion state is postulated on a trial basis3 to be equal to

(1) J. A. Kerr and A. F. Trotman-Dickenson, Progr. Reaction 
Kinetics, 1, 113 (1961); P. S. Dixon, A. P. Sefani, and M. Szwarc, 
J. Amer. Chem. Soc., 85 , 2551 (1963).
(2) S. W. Benson, Advan. Photochem., 2, 1 (1964).
(3) H. S. Johnston, “ Gas Phase Reaction Rate Theory,” Ronald Press 
Company, New York, N. Y., 1966.
(4) (a) H. S. Johnston, Advan. Chem. Phys., 3, 131 (1961); (b) H. S. 
Johnston and C. Parr, J. Amer. Chem. Soc., 85, 2544 (1963); (c) 
S. W. Mayer, L. Schieler, and H. S. Johnston, J. Chem. Phys., 45, 
385 (1966) ; (d) S. W. Mayer and L. Schieler, J. Phys. Chem., 72, 2628 
(1968).
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the energy required to break the bond A-H  to A • • • H 
of bond order nh less the energy supplied by forming 
H- • B to order n2, plus a repulsion energy Fr arising 
from the parallel spins on A and B. Considering alkyl 
radical disproportionation specifically, the bond order 
increases by one in the overall reaction owing to -rr-bond 
formation in the product molecule A, and it is this 
factor that renders disproportionation reactions highly 
exothermic. This can be accounted for by assuming 
that when bond A-H  is broken to A • • • H of bond order 
ni incipient ir-bond formation of order n2 occurs. Then 
the potential energy of formation of the transition state 
can be expressed as

constants of A and B ir. the transition state is small.4b 
This should be particularly true of disproportionation 
reactions since the steric factors are ca. 0.1.

The equations for the force constants of the triatomic 
complex have been given by Johnston (ref 3, pp 339- 
344). The only change required by the modifications 
introduced here is in the force constant along the reac
tion path, Fp, which is the second derivative evaluated 
at the point of maximun F*, where dF/drq is zero

= / d W d n V  10-27 p A- Hp(p -  1)
P \dn2/\ d p / 1 1 _ n i2~v +

n i2 n22

V  — D A -H  ~  D A - H ^ F  —  D  B -H W 2* —  +  F r  ( 3 )

where D is the bond dissociation energy, and p and q 
are the slopes of the log (dissociation energy) vs. log 
(bond order) lines for C -H  and C-C bonds, respectively. 
The bond indices have the values p =  1.082 and q = 
1.191. Since incipient ir-bond formation is being ex
plicitly accounted for, Z)A_H is taken to be the same as 
the corresponding C-H  bond dissociation energy in 
the AH2 molecule.

The triplet repulsion is assumed to be given by an 
anti-Morse function,4b and is expressed in terms of 
bond orders as

Fr = Z)A_BK1/,)«-'*8 (mn,)0-28*] x
[1 +  (V* )e - '5AK(nin2)0'263] (4)

where 0 is the A -B  bond Morse constant and AR(A) is 
the sum of the A -H  and B -H  bond equilibrium inter- 
nuclear distances less the A -B  bond equilibrium inter- 
nuclear distance. To a first approximation the effect of 
incipient v-bond formation on the triplet repulsion 
energy manifests itself as HA_B = jDa- bhWi4- This 
correction is negligible for the bond orders of the transi
tion state, vide infra, and the expediency of neglecting 
it was adopted for the kinetic calculations.

The calculated rate constants refer to the linear 
triatomic model. Some justification for using this 
model comes from (1) the observations2 that for most 
atom-molecule reactions the A factors fall in the range 
1010-6±0-5 l./mol sec; (2) for radical-molecule reactions 
the A factors may be represented by 108-6±0-5 l./mol 
sec; and (3) for radical-radical disproportionation 
the rate constants (presumably equal to the A factors) 
are clustered about 109,i l./mol sec. This relative con
stancy of the preexponential factor for a given class of 
reactions has been attributed to the probability that 
most of the force constants for polyatomic A and B are 
not extensively altered in the transition state.3 Also, 
the estimation of bending force constants in the transi
tion state is not dependable when A and B are not 
monatomic. Although this modification cannot be 
completely correct, it is believed that in many reactions 
the net correction arising from changes in bending force

Db~hp(p -  1) D*q(q -  1) . 
«2*"’  +  n22- 5 +

¿>a- b2#7 /  (1 -  Y)(i  -  2niy
(nin2y~ y V 2nxn2 (5)

where y = 0.26 0 and 3  = 1/2 exp(—0AR). Fp is in 
dyn/cm and the dissociation energies are in cal/mol.

In terms of local bond properties, the rate constant 
expression takes the form (ref 3, p 224)

k =  BeB„By
F_\m

F  A—H_
X

V i o o o w )  < ß ‘ , - ” iB- , ) ' v  x  1 81 x
( CO* \

101C exp(— V*/RT) l./mol sec (6)

where R represents ir ternuclear distances in A, F 
represents the stretching force constants in dyn/cm, 
I, represents classical vibrational amplitudes (lt = 
(fZvkT/Fi)'^) in units cf cm for the B -H  stretch and 
radians for the A -H -B  bend (denoted by If) ; co* is the 
imaginary frequency (cm-1) associated with the reac
tion coordinate, and V7 = (1 — Fuf/FuFn)'^. By is 
the ratio of quantum corrections ((l/2w)/sinh (u/2); 
u = hv/kT) for the real vibrations in the transition 
state to those for the reactants, the tunnelling correction 
being omitted. Be represents the ratio of the elec
tronic partition function of the transition state to the 
product of the electronic partition functions of the 
reactants. The value of Be is taken to be y 4; the

Table I : Bond Properties'

Vibrational Bond
Do. wave number, length,

Bond kcal/m ol cm -1 À

c h 3- h 106.0 3100 1.09
Primary (C-CH) 102.0 3100 1.09
Secondary (C-H) 99.0 3100 1.09
Tertiary (C-H) 95.0 3100 1.09
C-C 83.0 1000 1.54

° S. W. Benson, “ Them ochemieal Kinetics,”  John Wiley &
Sons, New York, N. Y., 1964, pp 205-215.
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Table I I :  Disproportionation Rate Constants,“ ka.,r' X 10 8 l./mol sec

R'-
R- CaHfi W-C3H7 t-CiHa n-CiHo sfic-CaHfl Î-C4H9

CH, 1.2 (1.9) 0.8 (1.5) 2.3 0.7 1.9 3.3
C J h 2.2 (3.5) 0.6 1.9 0.6 1.5 2.7
n - C3H, 0.9 1.1 1.8 0.5 1.3 2.4
t-C3H, 0.9 0.6 3.4 (5.2) 0.5 1.3 2.4
tï-C4H9 0.9 0.5 1.5 0.9 1.0 2.1
see-CrHs 0.9 0.5 1.5 0.7 2.4 2.1
i-C4H9 0.9 0.5 1.5 0.5 1.2 4.3 (10.0)

“ Experimental values in parentheses.

electronic multiplicity of alkyl radicals is 2 and it is 
only the singlet transition state that leads directly to 
ground state products. B „  represents the reaction 
path degeneracy and is equal to the number of C -H  
bonds adjacent to the radical head of the dispropor- 
tionating radical. It is only at these sites that incipient 
ir-bond formation can occur, thereby lowering the 
activation energy below the 8 ±  3 kcal/mol normally 
expected of alkyl radical H-abstract.on reactions.

The molecular parameters used in these calculations 
are given in Table I. Morse parameters are obtained 
from the relationship41"

13 =  (1.2177 X W )ue(ji/De)l/' cm“ 1 (7)

where coe is the vibrational wave number in cm-1, De 
is the dissociation energy in kcal/mol, and m is the 
reduced mass in atomic weight units. Vibrational 
force constants are given by4°

F =  1389 /32De dyn/cm (8)

with /8 in units of 108 cm-1 and De in kcal/mol.
A value of 77.5 kcal/mol is used for D,. The ir-bond 

accounts for 59.5 kcal/mol and the additional 18.0 
kcal/mol arises from the increased strength of C-C 
single bonds involving sp2 rather than sp3 hybridi
zation.6

R e s u l t s  a n d  D i s c u s s i o n

The potential energy of the interacting radical pairs 
was calculated in 0.01 decrements in r/i from 1.00 to 
0.90. In all cases potential energies of activation ca.
1.5 kcal/mol were observed at =  0.05. The po
tential energy of activation differs from the observed 
activation energy not only by the difference in zero- 
point energy between reactants and complex, but also 
in thermal excitation of the reactants and complex. 
In general, potential energies of activation are slightly 
higher than experimental activation energies. Hence, 
values of V* = 1.5 kcal/mol are consistent with the 
experimental observations that disproportionation 
reactions proceed with negligible activation energy.

Before proceeding to the rate constant calculations, 
the magnitude of the classical vibrational amplitude 
associated with the doubly degenerate A -H -B  bend

must be ascertained to be physically realistic. When 
rate constant formulas are expressed using the usual 
partition function expressions40 the ratio l4l/̂ ir can be 
identified as the solid-angle ratio for reaction, so l42/4ir 
must be less than 1 to be physically realistic. Small 
vibration theory, on which activated complex theory is 
based, dictates that Z//4ir should be much less than 
unity. For disproportionation l4 =  1.17 radians. 
While bends of this magnitude cannot be considered 
infinitesimal, l//47r is substantially less than 1.

Table II lists the rate constants calculated for hy
drogen transfer from R ' to R  at 400°K. This tempera
ture was chosen in order to facilitate comparison with 
experimental data. The values in parentheses were 
obtained from the experimental fcdisP/&comb ratios6 and 
the measured values (ref 5, p 104) of A:COmb. Further 
comparison with experimental data can be made for 
cross-disproportionation/cross-combination ratios by 
examining /cr,r ' (H-transfer from R '• to R -) //cr',r 
(H-transfer from R • to R ' • ), thereby cancelling the un
known rate constant for cross-combination. Such a 
comparison between the calculated and experimental6 
ratios is shown in Table III. Where experimental data

Table III: kR,K'/kE' ,R

R- R'- Calcd Obsd

CaHö* n-CgH, • 0.7 1 .4
CaHfi- i-CjHj • 2.0 2.3
CaHfi* i-C.H»- 3.0 1 .5
i-CjHj • t-CJi.j- 1.5 1.0

are available agreement within a factor of 2 is generally 
observed. Such agreement is within experimental error. 
This is particularly true of the data in Table III since 
experimental errors and uncertainties associated with 
self-disproportionation/self-combination ratios collect 
in the cross-disproportionation/cross-combination ratios. 
In view of the approximate nature of these calculations,

(5) S. W. Benson, 1‘Thermochemical Kinetics,” John Wiley & Sons, 
New York, N. Y., 1968, p 50.
(6) S. W. Benson and W. B. DeMore, Ann. Rev. Phys. Chem., 16, 
397 (1965).
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it is probably more significant that rate constants of the 
right order of magnitude are predicted than that agree
ment with existing experimental data is achieved.

The transition state structure depicted by BEBO 
calculations should not be interpreted too literally,3 
and the results presented here do not constitute un
equivocal proof that disproportionation reactions pro
ceed via a “ head-to-tail”  transition state. However, 
the general picture of a loose .transition state in which 
the disproportionating radical has developed very little 
x-bond character is strikingly similar to the main 
aspects of the model proposed by Benson.2

Acknowledgment. This work was sponsored by the 
MDAC Independent Research and Development Pro
gram.

The Photolysis of Aqueous Solutions of Cystine 

in the Presence of Benzyl Chloride

by C. J. Dixon and D. W. Grant

Department of Pure and Applied Chemistry, Huddersfield College of 
Technology, Huddersfield, England {Received June 23,1969)

Although many products from the photolysis of 
aqueous solutions of cystine (HOOCCH(NH2)CH2- 
S -)2 by 254-nm radiation have been identified,1 evi
dence for the nature of the intermediates involved is 
sparse. Electron spin resonance signals from the 
irradiated solid amino acid have been attributed by 
Bogle, et al.,2 to the presence of HOOCCH(NH2)- 
CH2S- (CyS-) radicals. These authors, however, 
admit that the signals do not exclude the presence of 
CySS • radicals.

The present communication describes work carried 
out to obtain evidence for the presence of CyS •, CySS •, 
and Cy • radicals in aqueous solutions of cystine irradi
ated with 254-nm radiation. If these radicals are 
actually produced, then CyS-benzyl, CySS-benzyl, and 
Cy-benzyl might be found among the products of the 
photolysis of cystine in the presence of benzyl chloride 
(BzCl), viz.

BzCl Bz ■ +  Cl- (1)

CyS- +  Bz- — >  CySBz (2)

CySS • +  Bz • — ► CySSBz (3)

C y  +  Bz- — ► CyBz (4)

Evidence for reaction 1 has been obtained by Porter 
and Strachan,3 who detected the characteristic benzyl 
radical absorption at 319 nm when benzyl chloride was 
irradiated with 254-nm radiation in glassy solvents at 
-1 9 7 °.

E x p e r i m e n t a l  S e c t i o n

Water used was twice distilled, the second distillation 
being from alkaline permanganate. L-Cystine (Cy- 
SSCy), L-cysteine (CySH), and DL-lanthionine (CySCy) 
were supplied by Koci-Light Laboratories, Bucks, 
England. DL-a-Alanine (CyH) and bibenzyl were 
supplied by British Drug Houses Ltd., Poole, England.
l-Amino-2-chloropropioric acid (CyCl),4 1,1'-diamino- 
adipic acid (CyCy),6 1-amino-2-benzylpropionic acid 
(CyBz),6 S-benzyl thioeysteine (CySSBz),7 S-benzyl 
cysteine (CySBz),8 l-amino-l'-oxo-2,2'-dithiodipro- 
pionic acid (AODT-DPA),9 and dialanine trisulfide 
(CySSSCy)10 were prepared as described in the litera
ture.

Benzyl chloride was prepared by the chlorination of 
toluene, followed by fractional distillation. Gas- 
liquid phase chromatography revealed only one peak.

All solutions prior tc irradiation were thoroughly 
degassed on a vacuum ine which incorporated an oil 
diffusion pump. Irradiation of stirred solutions (50 
ml) was carried out at ambient temperature in 100-ml 
silica flasks using a 120-W low-pressure mercury vapor 
lamp (Model T/M 5/369E; Thermal Syndicate Ltd., 
Wallsend, England) operated from a stabilized power 
supply. Wavelengths below 254 nm were filtered out 
using an aqueous solution of 0.1 M acetic acid. Cystine 
solutions (1 m l )  in 0.1 M  HC1, and cystine (1 mM)~ 
benzyl chloride (3.5 mLf) solutions in 0.1 M HC1 were 
irradiated for respective times of 60 and 187 min to 
ensure the same photon absorption initially by cystine 
in each solution.

The presence of S-tenzyl cysteine and S-benzyl 
thioeysteine in irradiated cystine-benzyl chloride solu
tions was detected in the following way. Two 10-ml 
aliquots were concentrated to a few drops, applied to 
Whatman 3MM paper, and subjected to descending 
chromatography (Et0H -H 20 -H 2S04, 80:20:0.5 by vol). 
After drying, one-half of the paper containing the prod
ucts from one aliquot was developed with 0.2% ninhy- 
drin in ethanol-acetic acid-collidine (25:5:1 by vol) to 
reveal a spot at Raia (Rf value relative to alanine) of
1.25. A band at J?aia 1 -2-1.3 was cut from the undevel
oped piece of paper and eluted with glacial acetic acid. 
High voltage electrophoresis (20 kV, pH 1.85) of the

(1) W. F. Forbes and W. EL Savige, Photochem. Photobiol., 1, 1 
(1962).
(2) G. S. Bogle, V. R. Burgess, W. F. Forbes, and W. E. Savige, ibid., 
1, 277 (1962).
(3) G. Porter and E. Strachan Trans. Faraday Soc., 54, 1595 (1958).
(4) E. Fischer and K. Raske, her., 40, 3717 (1907).
(5) A. Bertho and J. Maier, Ann., 498, 50 (1932).
(6) P. E. Gagnon and B. Nclin, Can. J. Res., 27B, 742 (1949).
(7) G. W. Stapleton and J. M Swan, Aust. J. Chem., 15, 570 (1962).
(8) H. Suter, Hoppe-Seylers, 2. Physiol. Chem., 20, 562 (1895).
(9) C. J. Dixon and D. W. Grant, Biochem. J., 105, 8c (1967).
(10) W. E. Savige, J. Eager, J. A. Maclaren, and C. M. Roxburgh, 
Tetrahedron Lett., 3289 (1964).
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eluate yielded two ninhydrin-positive spots with mo
bilities relative to alanine of 0.42 and 0.44, colored 
brown and green, respectively. The brown and green 
spots were shown to be S-benzyl thiocysteine and S- 
benzyl cysteine, respectively, by subjecting authentic 
mixtures of these compounds to the above procedure.

For quantitative analysis 4-ml aliquots were evapo
rated to dryness, dissolved in a few drops of methanol, 
and applied to Whatman 3MM paper for electrophore
sis (1 hr at 20 kV, pH 1.85). The paper containing the 
separated products was then dried at 70° for 20 min. 
The section of paper containing all products except 
alanine was sewn to another sheet of Whatman 3MM 
paper (46 X 57 cm) and descending chromatography 
(EtOH-HiO- HCl, 80:20:0.5 by vol) was carried out in 
a direction at right angles to that o: the electrophoresis. 
The products were located by the ninhydrin-cadmium 
acetate technique11 modified by the replacement of 
acetone with a similar volume of ethanol-acetic acid- 
collidine (25:5:1 by vol). Developed spots were eluted 
with 10 ml of methanol and extinctions at 506 nm mea
sured in a Unicam SP600 spectrophotometer. Since 
alanine is well separated from the other products by 
electrophoresis alone, it was determined in eluates from 
paper strips after spot development with the unmodi
fied ninhydrin-cadmium acetate technique.11 Amino 
acid concentrations in all eluates were obtained using 
standard extinction curves of authentic samples simi
larly treated.

Ammonia yields in irradiated solutions were deter
mined by the Conway microdiffusion technique.12

Bibenzyl, benzyl alcohol, and benzyl chloride were 
determined by extraction of the appropriate solutions 
with 25 ml of benzene, and subsequent analysis of 
1-jul aliquots of the extracts with gas-liquid phase 
chromatography on a Silicone SE column operated at 
175° for bibenzyl, and at 100° for benzyl chloride and 
benzyl alcohol.

The intensity of absorbed light, determined using the 
ferrioxalate actinometer,13 was 2.0 ±  0.15 X 1016 pho
tons sec-1.

Results and Discussion
Thermal hydrolysis of benzyl chloride (3.5 X 10-3 M) 

in 0.1 M HC1 was shown to be unimportant at ambient 
temperature by the fact that even after 48 hr only 0.2 
mol %  of the chloride was converted into benzyl alcohol. 
Irradiation of benzyl chloride (3.5 X 10-3 M) in the 
presence or absence of cystine (10-3 M) increased the 
rate of hydrolysis, but the concentrations of alcohol 
produced ( ~  10-s M) were not photochemically sig
nificant. It has been assumed, therefore, that hydroxyl 
radicals from the photolysis of benzyl alcohol3 can be 
ignored in the subsequent discussion.

The most significant result (Table I) is the detection 
of CySBz and CySSBz in irradiated cystine-benzyl 
chloride solutions. Although the formation of biben

942

zyl is good evidence for the presence of benzyl radicals 
in the irradiated solutions, it might be argued that these 
radicals do not produce the benzyl derivatives via 
reactions 2 and 3 but rather via reactions with cystine 
itself, e.g.

Bz- +  CySSCy — *» CySSBz +  C y  (5)

Bz • +  CySSCy — *- CySBz +  CyS • (6)

Reactions 5 and 6 can be ruled out on the basis of their 
high endothermicities ( « 9 2  kJ mol-1). Thermal 
reaction between benzyl chloride and the photolysis 
product cysteine (CySH) to produce CySBz was shown 
to be unimportant at ordinary temperatures. There
fore, the production of the benzyl derivatives can be 
attributed with some confidence to reactions 3 and 2. 
However, it might also be argued that the radicals 
CyS • and CySS • are produced not by direct photolysis 
of cystine itself, but rather through reactions of chlo
rine atoms with cystine, viz.

Cl- +  CySSCy — ► CySS- +  CyCl (7)

Cl- +  CySSCy — ■> CyS- +  CySCl (8)

Reactions 7 and 8 cannot be eliminated from bond 
energy considerations, but seem unlikely because CyCl 
and CyS02H were not detected in electropherograms of 
the irradiated solutions. If reaction 8 occurs, then the 
sulfenyl chloride would be expected to undergo hydrol
ysis to the sulfenic acid which would disproportionate 
to the sulfinic acid, viz.

CySCl +  H20  — > CySOH +
H+(aq) +  Cl-(aq) (9) 

2CySOH — ► CySH +  CySOsH (10)

The failure to detect lanthionine (CySCy) in irradiated 
cystine solutions indicates that CySS • radicals are not 
produced to any significant extent in the reaction

CyS- +  CySSCy — CySCy +  CySS- (11)

The evidence would thus appear to favor production of 
CyS • and CySS • radicals in the photolytic steps

CySSCy 2CyS- (12)

CySSCy CySS- +  C y  (13)

According to reaction 13 Cy- and CySS- radicals are 
produced in equal numbers, yet neither CyBz nor C y- 
Cy was detected. This is readily explained by assum
ing that Cy- radicals readily abstract hydrogen atoms 
from cystine and/or benzyl chloride to form alanine 
(CyH). If all Cy- radicals are produced by reaction

(11) J. Heilmann, J. Barrollier, and E. Watzke, Hoppe-Seylers Z. 
Physiol. Chem., 309, 219 (1958).
(12) E. J. Conway and A. Byrne, Biochem. J., 27, 419 (1944).
(13) C. G. Hat chard and C. A. Parker, Proc. Roy. Soc., A235, 518 
(1956).
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Table I : Quantum Yields of Products from 50-ml Irradiated Cystine and Cystine-Benzyl Chloride Solutions 
(Light Intensity 2.0 ±  0.15 X 1016 quanta sec-1)

.----------— ------- CySSCy:
Yield,

1.0 X 10-a M --------------------- ,
Quantum

---------------------- CySSCy: 1.0 X
BzCl: 3.5 X

10-3 M ----------------
10-3 M

Product® mol X  IO’ yield Yield, mo X  107 Quantum yield

n h 3 44 3.7 X 10-2 65 5 X IO-26
AODT-DPA 6 5 X 10-3 5 4 X 10-3i>
CyH 0.8 7 X 10-4 0.9 8 X IO-46
CySSSCy 0.9 8 X 10-4 1 8 X IO-46
(Bz-), 43 2 X 10-2C
CySBz 1 8 X 10—46
CySSBz 1 8 X IO-46
CyBz >0.1 " > 1 0 -46
H, >0.06 >4 X 10-6
CySCy > 0 .1d >10-4
CyCl > 0 . 1 d >10-4
(Cy-),
BzH

> 0 . 1 d >10-4
d

-BzCl 650

“ Cy- = HOOCC11 (NH2 )CH 2- ; Bz- = CeHsCEQ-. 6 Based on quanta absorbed by CySSCy. 5 Based on quanta absorbed by BzCl. 
d Not detected.

13 and react in this way, then the alanine yield is a 
measure of the net amount of C-S fission produced on 
photolysis. The formation of CySSBz and CySBz 
merely reflects the relatively low reactivities of CySS ■ 
and CyS- radicals compared with Cy- radicals. The 
unreactive character of CySS • is due to the low bond 
energy S2-H , approximately 84 kJ mol-1 less than that 
of S-H .14 In the presence of oxygen, alanine is no 
longer a photolytic product and is replaced by a sub
stance whose chromatographic and electrophoretic 
behavior suggest that it is serine (CyOH).15 This oxy
gen effect is consistent with a radical mechanism for 
alanine production.

Since CySS • radicals do not abstract hydrogen atoms 
they most probably react to form the trisulfide, viz.

CySS- +  CyS- — >- CySSSCy (14)

The similarity of the quantum yields of CySSSCy and 
alanine in the absence of benzyl chloride indicates that 
most CySS • radicals probably react according to reac
tion 14. In the presence of benzyl chloride there must 
be reactions(s) in addition to (13) leading to the produc
tion of CySS- radicals, since the quantum yield of 
alanine is significantly less than that of the sum of the 
quantum yields of trisulfide and CySSBz.

The total amount of noncondensable gas from 50 ml 
of 10-3 M  cystine irradiated in deoxygenated solution 
for 85 min did not exceed 6 X 10-9 mol. If all this gas 
were hydrogen, then its quantum yield would not exceed 
4 X 10-5, which suggests at first sight that AODT-DPA 
is not produced via photolytic rupture of a C-H  bond. 
However, low hydrogen yields do not necessarily mean 
small numbers of hydrogen atoms in the system, since 
abstraction reactions might be much less important 
than the displacement reaction

H +  CySSCy — ► CySH +  CyS- (15)

A strict comparison between the quantum yields in 
the presence and absence of benzyl chloride is not possi
ble since the relatively high conversions of substrates 
make the absolute values of quantum yields accurate to 
no better than ±20% . However, it is noteworthy that 
benzyl chloride would be expected to promote enhanced 
deamination of cystine (c/. Table I) since chlorine atoms 
generated radiolytically have been shown to deaminate 
cystine readily.16 If twice the bibenzyl yield is regarded 
as a measure of the minimum number of chlorine atoms 
which escape cage-recombination, the ammonia yield 
would increase by about 8.6 X 10-6 mol in the presence 
of benzyl chloride assuming all chlorine atoms attack 
cystine. Since the observed increase is only 2 X 10~6 
mol (Table I), it would appear that only a relatively 
small fraction of the chlorine atoms actually attack 
cystine under the experimental conditions obtaining. 
Since AODT-DPA has been shown to be only a minor 
product in the radiolysis of oxygenated cystine solutions 
in 0.1 M HC1,17 it would appear that chlorine atoms 
preferentially attack the /3-carbon atoms of cystine when 
the amino acid is in the protonated form.

It is of interest to note that the quantum yields for 
ammonia and alanine in cystine (Table I) compare 
fairly well with those of 0.04 and 0.001, respectively, 
reported recently by R:si, e t al.,is for nitrogen-saturated 
solutions of cystine at pH 1-2.

(14) N. J. Friswell and B. G. Gowenlock, “ Advances in Free Radical 
Chemistry,” Vol. 2, Logos Press, London, 1967, p 26.
(15) C. J. Dixon and D. W. Grant, unpublished work.
(16) W. A. Armstrong and D. W. Grant, Can. J. Chem., 41, 1882 
(1963).
(17) D. W. Grant and D. J. Powles, unpublished work.
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In conclusion it ought to be mentioned that Box, 
et al.,19 have obtained evidence for the presence of 
radical-ions in single crystals of cysteine hydrochloride 
irradiated with ultraviolet light at 77°K. Although the 
possibility of radical-ion production in irradiated cys
tine itself cannot be ruled out, it would appear unlikely 
that CySBz and CySSBz are produced via radical-ion 
reactions in 0.1 M HC1, where rapid neutralization with 
hydrogen or chloride ions would occur.
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The Osmotic Pressure of Polyelectrolyte in 
Neutral Salt Solutions

by Akira Takahashi, Narundo Kato, and 
Mitsuru Nagasawa

Department of Applied and Synthetic Chemistry, Nagoya 
University, Chikusa-Ku, Nagoya, Japan (Received June SO, 1969)

Most theories1'2 on the second virial coefficient (A2) 
of spherical colloidal electrolytes so far published predict 
that the second virial coefficient is proportional to 
1/C#, where Cs° is the concentration of added salt in 
mol/1. in the solvent with which the sample solution 
is in equilibrium. Moreover, the second virial coef
ficient is believed to be independent of molecular 
weight. These predictions arise from the fact that 
electroneutrality must be fulfilled in both the sample 
solution and the solvent, and, hence, the second virial 
coefficient is determined primarily by the Donnan 
distribution of diffusible ions between them. In prac
tice, there were several experimental studies3-6 which 
supported the speculation. Our recent fight scattering 
experiment using a linear polyelectrolyte,6 however, 
showed that the invariance of A 2 with molecular weight 
and the linearity between A2 and 1/C„° holds only at 
low ionic strengths, whereas at high ionic strengths A2 
depends on molecular weight and is linear with respect 
to I ./v U ° .

The second virial coefficient of linear polyelectrolytes 
in the salt-added system is determined not only by the 
electrostatic interaction between ions, but also by the 
intermolecular interaction of polyion coils.6-8 We 
concluded6 that the deviation from the linear plot of 
A2 v s . 1/(7,° as well as the molecular weight dependence 
of A 2 observed at high ionic strengths arises from the

intermolecular interaction between coils. If the con
centration of added salt is low, the expansion of the 
polyion coil is so high that the effect of intermolecular 
interaction on A2 becomes practically independent of 
both molecular weight and added-salt concentration. 
Consequently, A2 appears to be linear with respect 
to the reciprocal salt concentration and independent of 
molecular weight.

An ambiguity concerning the above conclusion still 
exists since in osmotic pressure measurements reported 
in the literature,9 A2 was always proportional to 1/C3° 
though not many measurements at high salt concentra
tions were made. We speculated6 that the polymer 
concentration used in the osmometry may be too high 
to obtain A2.

The purpose of this work is to carry out careful 
measurements of osmotic pressure both in salt-free and 
salt-added systems of the same sample as used for light 
scattering and to compare the second virial coefficients 
determined by both methods.

Experimental Section

Polymer Sample. The F-8 fraction of sodium poly- 
(styrenesulfonate) [Na-PS] (molwt = 4.3 X 105) used 
in a previous investigation6 was selected in this study. 
A measured amount of the sample was dissolved into 
NaCl aqueous solutions of specified concentrations in 
volumetric flasks.

Osmometer. The most important criterion in the 
osmometry of poly electrolyte solutions in salt-added 
systems is to confirm the complete Donnan equilibrium 
between the sample solution and solvent separated by a 
membrane. To this end, a Zimm-Myerson osmom
eter10 was modified by incorporating two magnetic 
stirrers inside the cell. They were swung as pendulums 
with a magnet operated from outside of the cell. To 
avoid the contamination of the solution with ions, the 
whole cell was made of poly(methyl methacrylate) 
resin, 6-10 Nylon, and glass. A stainless steel rod in 
the original design was replaced by a long-stem glass 
syringe, and the glass capillaries were fastened to the 
cell with synthetic rubber stoppers.

(1) F. G. Donnan and E. A. Guggenheim, Z. Phys. Chem., 162, 
364 (1934).
(2) T. L. Hill, Discussions Faraday Soc., 21, 31 (1956); J. Phys. 
Chem., 61,548 (1957).
(3) M. Nagasawa, A. Takahashi, M. Izumi, and I. Kagawa, J. 
Polym. Sci., 38, 213 (1959).
(4) Z. Alexandrowicz, J. Polymer Sci., 43, 337 (1960); 56, 115 
(1962).
(5) H. Inagaki and H. Hirami, Z. Electrochem., 63, 419 (1959).
(6) A. Takahashi, T. Kato, and M. Nagasawa, J. Phys. Chem., 71, 
2001 (1967).
(7) T. A. Orofino and P. J. Flory, ibid., 63, 283 (1959).
(8) H. Eisenberg, J. Chem. Phys., 44, 137 (1966).
(9) D. T. F. Pals and J. J. Hermans, Rec. Trav. Chim., 71, 458 
(1952).
(10) B. H. Zimm and I. Myerson, J. Amer. Chem. Soc., 68, 911 (1946).
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Table I :  Number-Average Molecular Weight, Second and Third Virial Coefficients of Na-PS-Acueous NaCl Solution
Determined from Osmotic Pressure Measurements

CB°
m o l /1 . \ n / o M „  X  1 0 -s a 2 A3

0 . 5 0 0 0 . 7 9 2 3 . 1 9 4 0 . 5 1 3 0 . 1 1 8
0 . 1 0 0 0 . 7 7 6 3 . 2 5 9 1 . 4 2 8 1 . 2 5 8
0 . 0 5 0 0 . 7 9 2 3 . 1 9 4 2 . 2 0 2 . 5 0

0 . 0 2 0 0 . 7 9 2 3 . 1 9 4 3 . 9 5 9 . 4 0

0 . 0 1 0 0 . 7 9 2 3 . 1 9 4 6 . 6 5 2 6 . 6 0
0 . 0 0 5 0 . 7 9 2 3 . 1 9 4 1 1 . 3 5 7 8 . 8 8

(Average) 3.204

A i X 10% A s  X 102 A 2 x lo t
c c ,  m o l c c  m o l

g 2 g2
A j / A a 2 (OS) (LS)

0 . 4 4 8 1 . 6 0 » 1 . 4 5 6 0 . 3 6 9 2 . 4 7

0 . 6 1 6 4 . 3 8 » 4 . 3 6 “ 3 . 8 6 4 . 3 4

0 . 5 1 6 6 . 8 8 “ 6 . 4 7 6 7 . 8 2 5 . 5 2

0 . 6 0 2 1 2 . 3 6 “ 1 2 . 3 8 6 2 9 . 4 3 1 3 . 0

0 . 6 0 1 2 0 . 8 2 “ 2 0 . 5 9 6 8 3 . 2 8 1 8 . 6

0 . 6 1 2 3 5 . 5 3 “ 1 5 . 4 5 6 2 4 6 . 9 6 3 7 . 4

“ Evaluated by the procedure of Stockmayer and Casassa. b Evaluated assuming g  = ■*/••

Measurements of Osmotic Pressure. When the polymer 
concentration was low, the static equilibrium method 
was employed. When the pressure was higher than 
20 cm H20  in salt-free systems, a dynamic method with 
a mercury manometer system was employed. Both 
the osmometer and the manometer were immersed in a 
thermostat regulated at 25 ±  0.001°. Membranes 
used were gel Cellophane No. 600 and conditioned by 
the standard method.11 The membrane dissymmetry 
pressures observed were smaller than 0.01 ±  0.005 cm 
H20  and this correction was applied to all measured 
osmotic pressures. After the cell was filled with solu
tion and temperature equilibrium was reached, the 
pressure change was recorded. Usually, the initial 
steep rising of pressure was observed, then it fell with 
time elapsed, and a steady state was reached. At this 
stage an inhomogeneity in the concentrations of both 
polymer and NaCI inside the cell was diminished by 
swinging the magnetic stirrers. Then, the second run 
followed, and the equilibrium pressure was determined. 
The inside solution was stirred again and the outside 
solvent was refreshed. Then run III was repeated. 
The osmotic pressures thus determined in both runs II 
and III agreed with each other within the experimental 
error. This procedure was employed in all measure
ments to obtain really reliable osmotic pressures.

Results
The relationship between t / C  and C  obtained for the 

sample in NaCl solutions of various concentrations is 
shown in Figure 1. The plots are not straight lines 
but curve upward. In order to determine the second 
virial coefficient (A2), we assumed that the quadratic 
function, eq 1, is adequate to express t / C  of poly
electrolytes in salt solution

(tt/ C )  =  ( t / C ) ,  [1 +  A2C +  A3C 2] (1)

where (r /C )0 =  RT/Mn, A2 =  A2Mn and A3 = i/A22.
First, the limiting value of t / C  was determined by 

extrapolation to infinite dilution from measurements in 
0.500 M solution, in which A2 is low. Then, adopt
ing the procedure of Stockmayer and Casassa,12 the

second and third virial coefficients were evaluated from 
a plot of the quantity

[{t/C)/(t/C), -  1 ]/C

against C. Very good straight lines were obtained at 
each ionic strength, and A2 and A3 were determined from 
intercept and from slope of the lines, respectively. The 
results are summarized in Table I. The values of 
g =  A3/A 22 are also sh own in Table I, column 6. It 
is observed that g is always smaller than g =  V 8, and 
gradually decreases with the increase of Cs°. However, 
g thus determined is not much smaller than 6/s at lower 
ionic strengths since the polyion is expanded markedly. 
Even if we assume g =  6/ 8 and adopt Flory’s proce
dure13 to determine ( t / C ) o  and A2, that is, even if we 
determine (t/C), and A2 by comparing the calculated 
plot of the form log [I +  A2 C +  Vs A22 C2] against log 
A2C with the experimental results, no appreciable 
difference is caused in the values of A 2 as indicated in 
Table I, column 8.

The values of A 2(LS) reported previously were deter
mined from the initial slope of Kc/R, vs. C plots. In 
order for comparisons with A 2(OS), the light scattering 
data reported were treated in the same way and the re
sults are shown in Table I, column 10. A 2(LS) at 
Cf =  0.005 previously reported was found to be a little 
overestimated, but no change need be given to the 
discussion in the previous paper. The values of A 2(LS) 
at some ionic strengths are not available but can be 
estimated from the data for other samples of different 
molecular weight, since A 2 for poly electrolytes does 
not depend on molecular weight except at very high 
ionic strengths. Remarkable agreement between A2 
(LS) (column 10) and A 2(OS) (column 7) is manifest.

(11) R . U. Bonnar, M . Dim bat, and F. H . Stress, “ Num ber-Average 
Molecular W eights,”  In terse ence Publishers Inc., New York, N. Y ., 
1958.
(12) W . H. Stockm ayer and E. F. Casassa, J. Chem. Phys., 20, 1560 
(1952).
(13) T . G  Fox, P . J. Flory, and A. M . Bueche, J. Amer. Chem. Soc., 
73, 285 (1951); W . R . Krigbaum and P. J. Flory, J. Polym. Sci., 
9 ,5 03  (1952).
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In Figure 2a are shown the plots of A 2 (OS) vs. 1/Cs0 
together with A 2(LS). The linearity of A2 with respect 
to 1 /Cs° holds over a wide range of ionic strengths, but 
at high ionic strengths the experimental data deviate 
from the linear relationship. In Figure 2b, the same 
data are plotted against l/s/C,°. The linear relation
ship between A3 vs. 1 /y/Ca° appears to hold at high ionic 
strengths, although a careful examination of the data 
of both -42(LS) and A 2( O S )  reveals that the straight 
line in Figure 6 of ref 6 should have been drawn with a 
slightly lower slope, as shown in Figure 2b. These

Figure 1. Plots of i r / C  v s .  polymer concentration C  for Na-PS 
(F-8) in aqueous NaCl Solutions. NaCl concn, O, 0; 3,
0.005; ©, 0.01; ®, 0.02; ©, 0.05; ©, 0.1; •, 0.5 M .  4,  denotes 
the osmotic coefficient. The solid lines for salt-added systems 
denote the values calculated from eq 1 using the values of A 2 
shown in Table I and assuming g  = 6/ s.

From the osmotic pressure measurement of Na-PS in 
deionized water, the osmotic coefficient cj> was calculated 
according to

7r(obsd) = ——■— <(>CRT = <t>cvRT (2)

where Z is the number of charges on a polyion and cp is 
expressed in (equiv/1. ). <j> (or it/C) is also plotted against 
cp (equiv/1.) or C{g/100 ml) in Figure I. If cp is lower 
than 0.005 equiv/1., <f> gradually increases with increasing 
polymer concentration, while at concentrations higher 
than 0.005 equiv/1., 4> is almost constant and about 0.17. 
The similar characteristic curves were obtained by Kern18 
and Takahashi and Kagawa16 and Alexandrowicz17 
for various polyelectrolytes in water.

Figure 2. Plots of second virial coefficient v s .  reciprocal ionic 
strength (a) and reciprocal square root of ionic strength (b). 
O, A,(LS); +  , A2(OS).

experimental data appear to support our previous con
clusions better than before. Alexandrowicz14 presented 
a theory which accounts for the linear dependence of A2 
on l / V U 0- Thus, we withdraw our statement that 
the polymer concentrations used for osmotic pressure 
measurements are too high to obtain reliable second 
virial coefficients. If we take into account the third 
virial coefficient in a proper way, we can determine the 
second virial coefficient of polyelectrolyte solution with 
high reliability by osmometry.

Moreover, <t> = 0.17 is favorably compared with the 
average value of counterion activity coefficient (yc =  
0.2) evaluated from light scattering experiments pre
viously.

(14) Z. Alexandrowicz, J. Polym. Sci., 6, A-2, 1227 (1968).
(15) W. Kern, Z. Phys. Chem., A184, 197 (1937).
(16) A. Takahashi and I. Kagawa, Nippon Kagaku Zasshi, 83, 6, 9 
(1962).
(17) Z. Alexandrowicz, J. Polym. Sci., 40, 91 (1959).
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Activity Coefficients of 

[Co(NH3)4(N 02)2][Co(NH3)2(N 02)4] in Divalent 

Metal Perchlorate and Other Salt Media

by Zofia Libui

Department of Physical Chemistry, Technical University of Gdansk, 
Gdansk, Poland (Received July 9,1969)

It has recently been shown that manganese(II), 
cobalt(II), nickel(II), and zinc(II) perchlorates display 
practically the same concentration dependences of the 
osmotic and activity coefficients up to considerable 
concentrations.1 This behavior was ascribed to the 
existence of the corresponding metal cations exclu
sively in the form of octahedral hexaaquo complexes, 
possibly with second layers of hydrogen-bonded water 
molecules, whose interactions with the medium are 
essentially independent of the nature of the central 
metal atom. Slightly lower activity and osmotic 
coefficients of the Cu(C104)2 and Mg(C104)2 solutions 
were interpreted as arising from an outer-sphere asso
ciation of the perchlorate anion with the hydrated 
cations in question. However, more intimate inter
actions consisting in the penetration of the anions into 
the first coordination spheres of the cations could not be 
excluded definitely in this case. It seemed interesting, 
therefore, to examine to what extent different divalent 
cations of the same group of metals may differ in their 
interaction with an anion which, on account of its 
bulkiness, may be expected to be unable to penetrate 
into the first coordination sphere. For this purpose the 
activity coefficients of the complex salt [Co(NH3)4- 
(N 02)2][Co(NH3)2(N 02)4] in aqueous solutions of 
several divalent metal perchlorates of varying con
centration were determined using the solubility 
method.

E x p e r i m e n t a l  S e c t i o n

Materials. Solutions of Mg(C104)2, Co(C10.i)2,
Ni(C104)2, Cu(C104)2, NaC104, and NaCl were prepared 
and analyzed as described in ref 1. The complex salt 
[Co(NH3)4(N 02)2][Co(NH3)2(N 02)4] was prepared from 
the [Co(NH3)4(N 02)2]C1 and NH4[Co(NH3)2(N 02)4] 
complex compounds. The latter two had been ob
tained by the method of J0rgensen2 and purified 
by repeated recrystallizations from water. Equivalent 
amounts of dilute aqueous solutions of the above com
pounds were mixed at room temperature. The precipi
tate was filtered off and washed with distilled water. 
In order to obtain as uniform crystals as possible, the 
material was placed in a big dish filled with water, 
where it remained for 2 weeks. Every 2 days, 
the solution was removed from over the crystals and a 
new portion of distilled water was added. Conductivity 
water was used in the two last operations. The crys

talline material was driei under vacuum at room tem
perature. It was analyzed for cobalt by repeated 
evaporation in sulfuric acid, followed by gently heating 
and weighing anhydrous CoS04 thus obtained. Anal. 
Calcdfor Co: 23.8%. Found: 23.7%.

Procedures. The investigated solutions were sat
urated with the [Co(NH3)4(N 02)2][Co(NH3)2(N 02)4] 
complex salt at 18° following the procedure described by 
Bronsted.3 The room temperature was always higher 
than 18°, thus prevent ng precipitation of the com
plex in further manipul itions. The concentration of 
[Co(NH3)4(N 02)i][Co(N H ,)i(N02)4] in the resulting 
solution was determined spectrophotometrically using 
the Unicam SP 500 spectrophotometer. The optical 
density of the solution under investigation was mea
sured at 425 and 430 mji, while the reference cell 
always contained the corresponding solution without 
the complex salt. The necessary value of the molar 
extinction coefficient of [Co(NH3)4(N 02)2][Co(NH3)2- 
(N 02)4] was found as tie  sum of the molar extinction 
coefficients of the [Co(NH3)4(N 02)2]Cl and NH4[Co- 
(NH3)2(N 02)4] complexes measured in their dilute 
aqueous solutions. The resulting value, the same 
within experimental error for both 425 and 430 m/x, is 
752. It was found to be the same in pure water and in 
different salt media of varying concentrations which 
were used in this work. In order to avoid errors 
arising from the aquation of the complex salt, all 
operations were performed in as short a time as possible, 
usually within 10 to 15 min from the beginning of the 
saturation operation. No detectable changes in the 
optical densities of the solutions took place in these 
time intervals.

R e s u l t s  a n d  D i s c u s s i o n

Table I lists the solubilities in mol/kg of solvent 
units of the [Co(NH3)4(N 02)2][Co(NH3)2(N 02)4] com
plex salt in water solut.ons of Mg(C104)2, Co(C104)2, 
Ni(C104)2, and Cu(C104}2 at 18°. As is seen, the solu
bility in pure water found in different series of experi
ments was slightly different, probably as a result of 
gradual dissolution of the smallest crystals in the 
solubility column.

The mean ionic activity coefficient, y, of the complex 
electrolyte [Co(NH3)4(NU>2)2][Co(NH3)2(N 02)4] was 
calculated from the equation

sy = SoTo

where s and s0 are the solubilities in the presence of the 
cosolute and in pure water, respectively. The neces
sary value of To, the activity coefficient of fCo(NH3)4- 
(N 02)2][Co(NH3)2(N 02)i ] in its saturated solution in

(1) Z. Libus and T. Sadowskr, J. Phys. Chem., 73,3229 (1969).
(2) S. M. J0rgensen, Z. Anorg. Chem., 17, 469, 477 (1898).
(3) J. N. Bronsted and V. X. La Mer, J. Amer. Chem. Soc., 46, 555 
(1924).
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Table I: Solubilities, s, of [Co(NH3)4(N 02)2] [Co(NH3)2(N 02)4] in Aqueous Solutions of Mg(C104)2, Co(C104)2, 
Cu(C104)2, and Ni(C104)2 of Varying Molalities, m ,  at 18°

Mg(C104)j
m 10* X s

0.0 3.130
0.0222 3.841
0.0558 4.226
0.0923 4.527
0.1901 5.249
0.3814 6.371
0.5815 7.621
0.7847 8.986
0.9996 10.53
1.3166 13.09
1.7014 17.54

Co(C104)2
m 10* X s

0.0 3.130
0.0222 3.834
0.0552 4.204
0.0907 4.540
0.1845 5.245
0.3749 6.489
0.5691 7.857
0.7673 9.325
0.9763 11.17
1.2823 14.13
1.6853 19.57

Cu(C104)2
m 10* X s

0.0 3.083
0.0275 3.886
0.0623 4.256
0.1185 4.778
0.2289 5.516
0.4768 7.223
0.7343 9.337
0.9897 11.64
1.2518 14.24
1.5411 18.20
1.9884 26.86

Ni(C104)j
m 10* X s

0.0 3.077
0.0251 3.801
0.0532 4.165
0.1068 4.571
0.2069 5.299
0.4106 6.673
0.6482 8.428
0.8734 10.26
1.0984 12.50
1.3503 15.01
1.7066 20.08

m .

Figure 1. The dependence of the activity coefficient, y ,  of 
[Co(NH3)4(N02)2] [Co(NH3)2 (N02)4] on the molal 
concentrations of divalent metal perchlorates in aqueous 
solution, at 18°.
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0 . 4 4

0 . 5 0

0 . 4 4
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_ _ _ _ __ _ _ _ j>-- - - - - - - - - - 1p — — <

m Mg(Cl0 ^

Cu(ci0i,k+ U »  
k -A- - - - - .- - - - - - y- - - - - - - - - - Ç

J
mNi(CLOjlhJ

Co(ci0y)z + NKClOihr\

m Ni(ClOu)it
0 .1  0 . 2  0 . 3  0 . 4

m.

pure water, was calculated from the limiting Debye- 
Hiickel equation.

Figure 1 shows plots of the activity coefficient of the 
complex electrolyte under investigation against the 
molal concentration of the cosolute, the latter being 
Mg(C10i),, Co(C104)2, Ni(C10i)2, or Cu(C104)2. As 
is seen, the activity coefficient, 7, in each case decreases 
monotonously with increasing concentration of the 
metal perchlorate in the whole concentration range 
investigated. While this decrease may be considered 
as a quite general effect of the coulombic interactions 
between the ions when lower concentrations are con
cerned, it seems to be accountable only in terms of 
ionic association for the region of higher concentrations. 
For our purposes, most essential seems to be the fact 
that the values of the activity coefficient of the [Co- 
(NH3)4(N 02)2nCo(NH3)2(N02)4] complex electrolyte 
are very nearly the same in equally concentrated 
solutions of the four metal perchlorates at concentra
tions lower than approximately 0.2 m, and they remain 
approximately equal in the whole concentration range 
investigated, i.e., up to 1.7 m. There seems to be 
little doubt that, like the coincidence of the activity

Figure 2. The dependence of the activity coefficient, 7 , of 
[Co(NH3)4(NOi)2] [Co(NH3)2 (N02)4] on the composition of 
0.4 to mixtures of different divalent metal perchlorates at 18°.

coefficients of the metal perchlorates themselves,1 
the results discussed here should be ascribed to the fact 
that all the metal perchlorates studied exist in the form 
of octahedral hexaaquo cations and coordinatively 
nonbonded perchlorate anions. The sequence of 
increasing values of 7 at concentrations higher than 
0.4 m is: Cu(C104)2 <  Ni(C104)2 <  Co(C104)2 <  
Mg(C104)2. It may be noted that it is the same as the 
sequence of increasing acidities of the hydrated ca
tions.4 Hence, it seems probable that the small 
differences in the activity coefficients of [Co(NH3)4- 
(N 02)2][Co(NH3)2(N02)4] in equally concentrated solu
tions of different divalent metal perchlorates are 
accountable in terms of the strength of hydrogen bonds 
probably formed between the hydrated cations, on one 
hand, and the [Co(NHî)2(NO:)4]~ anions, on the other, 
when they form ion pairs.

(4) G. Mattock, Acta C h e m .  Scand., 8, 777 (1954).
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In accordance with what might be expected in view 
of the above results, the activity coefficient of [Co- 
(NH3)4(N 02)2] [Co(NH3)2(N 02)4] in equimolal mixtures 
of two different divalent metal perchlorates belonging 
to the above group remains very nearly constant, or 
shows only a small variation with changing composition. 
This is illustrated in Figure 2 showing the dependences 
of 7 on the composition of equimolal mixtures of differ
ent divalent metal perchlorates.

1__ !__ I__ I__ 1__I__ 1__ I__ I__ ! I ■__ I
0 0.5 1.0

CNoCI [A / ]

Figure 3. The dependence of the activity coefficient, y, of 
[Co(NHi)4(N03)«] [CofNHsMNOOd on the composition of 
mixed electrolyte solutions having constant total ionic strength 
of 1.2 M ,  at 18°.

It seemed interesting to see to what extent the acti
vity coefficient of [Co(NH3)4(N 02)2][Co(NH3)2(N 02)4] 
may change in mixtures of two salts differing either in 
the nature of the anion or in the coordination state 
of the cation, but having constant formal ionic strength. 
Mixtures of NaC104 with NaCl, Cu(CI04)2, or Ni- 
(C104)2 having an ionic strength of 1.2 mol/1. have 
been investigated from this point of view. The results 
are shown in Figure 3. As is seen, replacement of 
NaCICh for an equivalent amount of NaCl results in a 
drastic increase in the activity coefficient of the complex 
electrolyte under investigation. A similar, though 
smaller, effect is observed when NaC104 is gradually 
replaced for Ni(C104)2 or Cu(C104)2. These results once 
more demonstrate how large may be the variations of the 
activity coefficients of complex ions in solutions of a 
constant ionic strength but of varying composition.
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Kinetics of the Gas Phase Pyrolysis 
of Chlorine Pentafluoride1

by A. E. Axworthy and J. M. Sullivan

Rocketdyne, A Division of North American Rockwell Corporation, 
Canoga Park, California 91804- (Received April 11, 1969)

The kinetics of the photochemical formation of 
chlorine pentafluoride from C1F3 and F2 has been studied 
by Krieger, Gatti, and Schumacher.2 Herein we re
port the results of our investigation of the gas phase 
thermal decomposition of C1F5

C1F6 C1F3 +  F2 (1)

where,3 AH06oo»k =  18.5 keal/mol, AS°(p) =  40.4 
gibbs/mol, and AiS°(c) = A«S'° (p) — R — R In (RT) =
30.7 gibbs/mol.

Experimental Section
The electrically heated, stirred flow reactor (91 ml, 

monel) employed is described elsewhere.4 6 Chlorine 
pentafluoride vapor of 98 wt %  purity (the 
impurities were HF, C1F3, and small amounts of CF4) 
was passed through the reactor at an initial partial 
pressure of 32 Torr in a mixture with helium. The 
total pressure was 1 atm. The reactor was equipped 
with a by-pass to allow measurement of the C1F5 
concentration in the entering gas stream.

The gases leaving the reactor (or the by-pass) passed 
through a 10-cm nickel infrared cell with AgCl windows. 
The C1F5 concentration was followed by measuring 
the absorbance at 12.5 n pressure. The flow rates were 
measured with a soap bubble flow meter connected 
to the exit stream. The measured flow rates and re
actor volume were corrected to reactor temperature. 
No correction was made for the partial dissolution 
of reactants and produffs in the soap solution or for 
the presence of water vapor from the soap solution.

Infrared analysis of the exit gas showed C1F3 and 
C1F5 as the major absorbers. Fluorine does not absorb 
in this pressure range (2-15 n). The absorption bands 
for C1F3 were masked by C1F6. However, crude es
timates of the moles of C1F3 formed per mole of C1F6 
reacted were obtained for some of the experiments 
by measuring the GIF; absorbance at 15 n- These 
results, presented in Table I, indicate that the stoichi
ometry is essentially that of eq 1. The possible de-

(1) This work was supported by the United States Air Force under 
Contract No. AF04(611)-10544.
(2) R. L. Krieger, R. Gatti, and H. J. Schumacher, Z. Phys. Chern., 
51, 240 (1966).
(3) JANAF Thermochemical Fables.
(4) J. M. Sullivan and T. J. Houser, Chem. Ind. (London), 1057
(1965) .
(5) J. M. Sullivan and A. E. Axworthy, J. Phys. Chem., 70, 3366
(1966) .
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Table I : Experimental Kinetic Data for the Pyrolysis of 
Gaseous Chlorine Pentafluoride

Fraction (ClF8)caIcd> (C IF ï) obsd
T, ° C t , sec reacted, <r k, sec _1 Torr Torr

2 5 2 . 2 2 4 . 9 0 . 1 1 9 0 . 0 0 5 4 2

2 5 2 . 2 1 1 3 . 0 0 . 3 7 8 0 . 0 0 5 3 8 1 2 . 1 1 0 . 5

2 5 2 . 2 2 8 1 . 5 0 . 6 3 8 0 . 0 0 6 2 6 2 0 . 4 2 0 . 1

2 5 2 . 2 4 4 9 . 0 0 . 6 4 8 0 . 0 0 4 0 9

2 6 8 . 5 1 9 6 . 8 0 . 6 9 4 0 . 0 1 1 5

2 7 9 . 4 3 6 . 2 0 . 4 8 3 0 . 0 2 5 4

2 7 9 . 4 1 1 5 . 3 0 . 7 3 1 0 . 0 2 3 5

2 8 3 . 2 2 3 . 6 0 . 4 7 1 0 . 0 3 7 8

2 8 3 . 0 3 6 . 3 0 . 5 7 1 0 . 0 3 6 8

2 8 8 . 0 9 . 5 0 . 3 0 1 0 . 0 4 5 2 9 . 6 1 1 . 7

2 8 7 . 4 2 4 . 4 0 . 5 5 1 0 . 0 5 C 3 1 7 . 7 2 0 . 5

2 8 8 . 0 2 7 . 9 0 . 6 1 0 0 . 0 5 5 9 1 9 . 5 2 2 . 9

2 8 8 . 2 4 0 . 4 0 . 6 9 9 0 . 0 5 7 2 2 2 . 4 2 4 . 9

2 8 7 . 4 4 2 . 4 0 . 7 0 3 0 . 0 5 5 8 2 2 . 5 2 5 . 6

2 8 7 . 6 5 5 . 0 0 . 7 7 2 0 . 0 6 1 4 2 4 . 7 3 1 . 4

2 9 3 . 0 1 1 . 6 0 . 3 9 4 0 . 0 5 6 1

2 9 1 . 8 1 1 . 9 0 . 3 9 4 0 . 0 5 4 6

2 9 3 . 0 1 4 . 6 0 . 4 5 7 0 . 0 5 8 0

2 9 1 . 5 2 4 . 1 0 . 6 0 3 0 . 0 6 1 0

2 9 3 . 3 3 2 . 4 0 . 6 6 9 0 . 0 6 2 2

2 9 3 . 0 3 8 . 4 0 . 7 0 5 0 . 0 6 2 0

2 9 3 . 5 4 1 . 7 0 . 7 4 0 0 . 0 6 8 0

2 9 3 . 0 6 2 . 8 0 . 8 0 6 0 . 0 6 6 3

2 9 4 . 0 8 1 . 3 0 . 8 4 4 0 . 0 6 6 3

3 0 7 . 5 7 . 9 6 0 . 5 3 2 0 . 1 4 3 1 7 . 0 1 5 . 0

3 0 6 . 8 9 . 7 6 0 . 6 2 4 0 . 1 6 9 2 0 . 0 2 2 . 2

3 0 7 . 0 1 1 . 9 0 . 6 7 7 0 . 1 7 6 2 1 . 7 2 5 . 4

3 0 7 . 5 1 2 . 9 0 . 6 6 4 0 . 1 5 3 2 1 . 2 1 6 . 2

composition of C1F3 to C1F and F2 is limited to less 
than 13% by thermodynamic considerations.

R e s u l t s

The experimental results6 7 for the thermal decom
position of ClFg over the temperature range 252-307° 
are presented in Table I. For a first-order decomposi
tion in a stirred flow reactor, the rate constant k is 
given by

k - — a) (2)

where a is the fraction reacted and r is the average 
residence time in the reactor.8 In Figure 1, a plot 
of a/(l — a) vs. t for the data at 293° shows that the 
reaction follows first-order kinetics up to at least 84% 
decomposition. The data in Figure 1 were obtained 
at 291.5-294.0° and converted to 293° using the mea
sured activation energy of 36.8 kcal/mol. The data 
in Table I give a linear Arrhenius plot. A least- 
squares fit of the data to the Arrhenius equation gives

k =  1013-02 exp(—36,800/tfT) sec-1 (3)

The limit of error for the activation energy is

E  =  1.0 kcal/mol (4)

Figure 1. First-order plot at 193°.

D i s c u s s i o n

Reaction Mechanism. Three possible mechanisms 
may be written which are compatible with the observed 
rate expression, i.e., first-order in C1F5 with no apparent 
inhibition as the products accumulate.

A. Unimolecular Elimination of F2

C1F6 — > ClFs +  F2 (5)

B. Radical Chain Mechanism

C1F6 — > C1F4 +  F (6)

F +  C1F6 — ► C1F4 +  F2 (7)

C1F4 — > C1F3 +  F (8)

F +  C1F4 — >■ C1F3 +  F2 (9)

C. Nonchain Radical Mechanism

C1F5 — ► C1F4 +  F (6)

C1F4 — »  ClFa +  F (8)

F +  C1F4 — >• C1F3 +  F2 (9)

2F +  M — >  F2 +  M (10)

2C1F4 — ► 2C1F3 +  F2 (11)

It will be shown in the following discussion that none 
of these mechanisms can be completely eliminated 
on the grounds of giving unreasonable Arrhenius param
eters, but the nonchain radical mechanism appears 
to be the most likely mechanism. The expected9 * * * A

(6) The results presented herein differ from those presented in ref 7 
because an error was found in the computational procedure used to 
convert absorbance to concentration. The amount by which this 
changed the reported kinetic parameters does not indicate the experi
mental uncertainty in these parameters.
(7) A. E. Axworthy and J. M. Sullivan, 155th National Meeting of 
the American Chemical Society, San Francisco, Calif., April 1968.
(8) A. A. Frost and R. G. Pearson, “ Kinetics and Mechanism," John 
Wiley and Sons, Inc., New York, N. Y., 1956, p 185.
(9) S. W. Benson, “ Thermochemical Kinetics,’ ’ John Wiley and Sons, 
Inc., New York, N. Y., 1968.
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factor for direct molecular elimination of fluorine, 
reaction 5, is 10u to 1014 sec-1. Three-center reactions 
of this type are not common, and for C1F5 would be 
expected to involve a “ stiff”  transition state. The 
structure of C1F6 is square pyramidal with the central 
chlorine and the four equivalent fluorine atoms ap
proximately in a plane.10 The unique fluorine atom 
would probably be involved in reaction 5 since this 
would permit the closest approximation to the planar 
C1F3 structure11 in the transition state. If C1F6 does 
decompose through reaction 5, the reverse of this re
action has an A factor of 106-3 1. mol-1 sec-1. This 
is unusually low for a bimolecular association reaction 
but is not unreasonable if the transition state is very 
stiff compared with C1FS.

Although reaction 5 cannot be ruled out on the 
basis of the observed A factor, it is not unlikely that 
the activation energy required to form the three-center 
transition state is considerably greater than the ex
perimental value of 36.8 kcal/mol (the shortest dis-

' . . otance between two F atoms in CIF5 is 2.36 A compared 
with 1.41 A in F2). If A5 ~  A 0b = 1013 0, the criterion 
for reaction 5 to be negligible (less than 1%) is Eg 
>E 0b +  20 =  41.8 kcal/mol, where 6 =  2.3 RT =
2.5 kcal/mol at 550°K.

If the radical chain mechanism predominates, the 
following conditions obtain at steady state

Kb =  h  +  {kgk7kg/kg)'h (12)

(F) =  (hks/kih)1'1 (13)

(CIF4) =  ( W « 9)1/!(CJF6) (14)

Re = Rg and R7 =  Rs (15)

where Rg represents the rate of reaction 6, etc.
At long chain length, klc =  (kgk7kg/kg)1/\ If A 7 ~  

A„, Alc =  (A6A8) 'a ^  (1014-1014) 1/2 = 1014. This 
is in fair agreement with A  0h-

The activation energy at long chain length is given by 
l/a(Et +  E 7 +  E s -  E g ) .  Because A H  for C1F5 =  C1F, +  
2F is 57.0 kcal/mol,12 E, +  Eg = 57.0 +  E(,r +  EgR 
where E 6R and E aR are the activation energies for the 
reverse of reactions 6 and 8, respectively. Thus for the 
long-chain mechanism, E i  =  2 E 0b — 57.0 — E g R — 
E SR +  E9 =  16.6 — E iB  — Esr +  E g .  If as expected 
E g B ~  E g R ~  E g  ^  0, Ei =  16.6 kcal/mol. E-,/8  = 6.6 
which is only slightly above the expected maximum 
value for a fast bimolecular propagation step.13

An additional requirement for the long-chain mech
anism is that R e «  R 7 = Rob- If A6 =  1014, Eg 
must be greater than about E0b +  36 or 44 kcal/mol. 
Thus, for a long-chain mechanism to prevail, Eg >  
44, E7 =  16.6, and Eg — 57.0 — Eg <  13 kcal/mol. 
These values cannot, a priori, be considered as unrea
sonable; hence the long-chain mechanism cannot be 
eliminated.

If 39 <  Eg <  45, a short chain mechanism could 
occur. This would lead to a linear Arrhenius plot 
only if both terms in eq 12 have the same activation 
energy. This would be the case, however, because 
it was shown above that the A factors for these two 
terms should be of tie  same magnitude, requiring 
that their activation energies be about the same for a 
short-chain mechanism to occur.

The termination process in the chain mechanism 
must involve the reaction of F and C1F4 (e.g., reaction 9). 
The occurence of the other possible termination re
actions, 10 and 11, does not give first-order kinetics. 
However, the termination reaction

F +  C1F4 — ► C1F6 (6R)

could be added to the chain mechanism without af
fecting the above discussion. Krieger,2 et al., conclude 
that Rgu = Rg under their conditions.

The major factor which determines whether the 
radical chain reaction occurs is, of course, the rate 
of the fluorine atom abstraction reaction, 7. There 
are indications13 that :hese types of reactions (e.g.,14 
QF +  -NF2 ->  NF3 +  Q-) have high activation energies 
and, therefore, do not occur. On this basis, the chain 
mechanism appears less likely to occur than the non
chain radical mechanism.

If the decomposition reaction proceeds via the non
chain radical mechanism, the observed activation 
energy (36.8 kcal/mcl) is a measure of the bond dis
sociation energy for the first bond in C1F5—providing 
that, as expected, EfjK ~  0. Hence, the dissociation 
energy of the second bond (eq 8) would be 57.0 —
36.8 = 20.2 kcal/mol.-2 This value for AHs appears 
reasonable. In the first place, if we consider the re
action

C1F6 +  C1F3 2C1F4 (16)

then AHm = AHg — AIR =  (AHg +  AHg) — ‘2AIR =
57.0 — 2AHg =  +16.6 kcal/mol. Since A,SV, should 
be small, log Air,“ 1 ~  —16.6/0 which at 600°K gives 
Ai6eq = 10-6-4. A larger value of AIR would permit 
the C1F4 radical to reach very appreciable concentra
tions at moderate temperatures; this presumably is 
not the case.

Secondly, the high quantum yields (up to 0.5) ob
tained in the photochemical synthesis2 at ~ 1  atm 
and 30° puts a lower limit on AHg (and thus an upper 
limit on AHg). The half-life of C1F4 is given by r V2 
= 0.7 (A8) -1 X 10+Aii8/9 ^  7 X  10-15 X  io +AH8/l38

(10) G. M. Begun, W. H. Fletcher, and D. F. Smith, J. Chem. Phys., 
42, 2236 (1965).
(11) R. D. Burbank and F. N. Bensey, ibid., 21, 602 (1953).
(12) If the new value for the, dissociation energy of F2 [W. Strieker, 
Z. Naturforsch, 22a, 1137 (1967) ] is confirmed, the sum of the first two 
bonds in CIF5 will be lowered to 53.5 kcal/mol.
(13) See p 122 of ref 9.
(14) Unpublished data from this laboratory.
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sec. The time required to suffer a* least one collision 
with an F atom is ~ 1 0 - I ° ( X f ) - 1  sec, where X F  

is the mole fraction of F atoms in the photochemical 
reactor. Thus AHs >  1.36 (4.15 — log X F). An 
upper limit for X F can be estimated by calculating 
the value at which F atom recombination, reaction 
10, equals the rate of the photochemical dissociation 
of F2 which was about 0.01 Torr/sec at the highest F2 
pressure. Using the smallest reported rate constant16 
for k10 at room temperature, 5 X 107 l.2 mol“ 2 sec-2, 
the calculated maximum value of X v is 10-6. Thus 
AHS >  12.5 kcal/mol.

It may be seen from the above discussion that at 
least three mechanisms are compatible with the ob
served kinetic parameters. We favor the nonchain 
radical mechanism on the grounds that reactions 5 
and 7 might be expected to be too slow.

Photochemical Mechanism. Krieger, Gatti, and 
Schumacher2 studied the kinetics of the photochemical 
formation of C1F5 from C1F3 and F2 (365 mn, 16 to 
70°) and obtained the complex rate expression

d(ClFs)
di hi & bs r , , (C1F3)

L* W +  1 + (17)

where

(M) =  (F2) +  0.40(C1F5) +  0.22(N2) +

0 .18(He) (18)

They explain their results on the basis of the following
reaction scheme

F2 2F (19)

F +  ClFs +  M — >• C1F4 +  M (8R) 

C1F4 +  F C1F6* (20)

C1F4 +  F — ► C1F3 +  F2 (9)

C1F5* +  C1F3 — > 2C1F4 (21)

C1F6* +  M  — ► C1F6 (22)

C1F5* - s- C1F4 +  F (23)

Reaction 21 is required to account for the observed 
inhibition by C1F3. Each of the competing paths 
for C1F6*, reactions 21, 22, and 23, occurred to an 
appreciable extent (>10 % ) in every experiment. Two 
consequences of the photochemical investigation are of 
interest to the present study (in addition to the life
time of C1F4 discussed above). First, from the photo
chemical results the average lifetime of the activated 
C1F5* is calculated to be 10-9 sec-1. Hence, the 
thermal reaction should be in the pressure-dependent 
region. Secondly, the photochemical mechanism pre
dicts an acceleration of the thermal reaction as the 
product C1F3 accumulates. It may be seen from Fig
ure 1 that the thermal reaction follows first-order 
kinetics out to at least 84% reaction, with no indication

of acceleration at higher fractions of decomposition. 
From the photochemical rate parameters, a 20% in
crease in the first-order rate constant would be pre
dicted at 80% decomposition. Further thermal experi
ments at various pressures and initial C1F3 concentra
tions would be required to establish definitely whether 
the thermal reaction is pressure dependent or inhibited 
slightly by C1F3.

The lifetime of the photochemically activated C1F5* 
is shorter than would be predicted for a thermally 
activated molecule of this complexity.16,17 Classical 
RRK theory predicts a lifetime18 of 10-6-7 sec at 600°K 
and 10-4,6 sec at 300°K. The fluorine atoms formed 
from the photochemical decomposition of F2 at 365 
myu contain 20 kcal/mol of excess translational energy, 
since there are no accessible electronic states. If all 
of this energy were introduced into the C1F6*, its 
predicted lifetime would be reduced to 10-8-5 sec, 
near the observed value. This excess energy from 
the photochemical fluorine atom would also account 
for the reactivity of C1F6* toward C1F3. A major 
problem with this suggested difference between the 
thermal and photochemical reactions is that the photo
chemically formed F atoms should cycle through re
action 8R many times and lose their excess energy 
before forming CIF5*.

(15) R. W. Diesen, J. Phys. Chem., 72, 108 (1968).
(16) S. W. Benson, “ The Foundations of Chemical Kinetics,” Mc
Graw-Hill Book Company, Inc., New York, N. Y., 1960.
(17) A. F. Trotman-Dickenson, “ Gas Kinetics,” Academic Press 
Inc., New York, N. Y., 1955.
(18) The value cv = cp — 8 was used in making the calculation. 
For details see p 112 of ref 9.

Calculation of Photodissociation Quantum 
Yields for Azoethane

by P. G. Bowers

Department of Chemistry, Simmons College, Boston, Massachusetts 
02116 (Received May 26, 1969)

The extent to which modern unimolecular theory can 
be used to interpret the dissociation of an electronically 
excited molecule was investigated in our previous work 
on ketene1 and hexafluoroacetone.2 This note reports 
some further calculations, chiefly on the primary photo
dissociation of azoethane for which we have computed 
the absolute quantum yield <f>, as a function of pressure, 
temperature, and exciting wavelength. The results are 
compared to the experimental findings of Cerfontain 
and Kutschke3 and Worsham and Rice.4

(1) P. G. Bowers, J. Chem. Soc., A, 466 (1967).
(2) P. G. Bowers, Can. J. Chem., 46, 307 (1968).
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In azoethane, the primary dissociation is monitored 
by the quantum yield of nitrogen production, and its 
pressure dependence is satisfactorily described by a 
mechanism in which strong eollisional deactivation 
competes with dissociation for the vibrationally ex
cited x(n7r*) state produced by absorption

A +  hv — >  »A*

‘A* — > N2 +  2C2H5 /c2

JA* +  A — > deactivation ks

This scheme yields the familiar Stern-Volmer ex
pression

1 = !  +  h\A]
<t> k2 (1)

from which the rate constant k2 is 4.0 X 109 sec-1 at 
3660 A and 28° and changes by factors of 0.66 and 
1.60 at 3776 and 3519 A, respectively. Increasing the 
temperature to 152° at 3660 A increases k2 by a factor 
of 3.1.

C a l c u l a t i o n  o f  cj>

The dissociating molecules have a vibrational energy 
distribution function g(E*) which embodies both the 
thermal energy distribution factor f(E), of the ground 
electronic state, and the energy profile of the absorbed 
light. If ki(E*) is the specific rate constant for dis
sociation of a molecule with vibrational energy E*, then 
instead of eq 1, we obtain6

<t> = U E*) +  h[A]
d E*

The Marcus expression6 for k2(E*) is

S+(E+)
N*(E*)

(2)

(3)

In eq 2 and 3, E* is related to the energy of the inci
dent light (see Figure 1) by

E* — E\ — Em T  E and E + — E* — Em¡n

The functions $+, N*, and g(E*) were calculated by 
direct count or using the Whitten-Rabinovitch ex
pression,7 from vibrational frequency assignments for 
the species involved. Although a complete vibrational 
analysis for azoethane has not been made, most of the 
normal-mode frequencies can be reasonably well esti
mated by comparison with related species such as azo
methane, dimethylacetylene, ethyl radicals, etc. For 
the ground state, four torsional motions were treated 
as free rotations, and the remaining 38 frequencies 
(cm-1) were assigned as follows: 2950 (10), 1550 (1), 
1450 (6), 1300 (2), 1000 (8), 900 (2), 800 (1), 600 (1), 
450 (2), 315 (2), 250 (1), 150 (2). For the excited state, 
those frequencies which were closely associated with the 
region of electronic excitation were reduced to 50% .of 
their ground-state value (e.g., N -N  stretching and

Figure 1. The Boltzmann distribution f ( E ) ,  of total vibrational 
energy in ground-state azoethane, and the nonequilibrium 
distribution, g ( E * )  in the excited ffrijx*) state.

twisting), while others such as the deformation modes 
of the C2Hs groups were left unchanged. Frequencies 
for the activated complex were taken to be the same as 
those for the excited molecule, omitting the asymmetric 
C -N  stretching mode. All vibrations and free internal 
rotations were taken to be active in intramolecular 
energy exchange. Overall rotations were assumed to 
be adiabatic, with Z + /Z * equal to unity.

Neither E00 or Em¡n could be assigned definite a priori 
values, although E0o, judging from the absorption spec
trum, is probably less than about 22,500 c m '1. The 
experimental k2, obtained by applying eq 1, give an 
Arrhenius energy of 2.1 ±  0.4 kcal/mol.3 As we 
have previously discussed, Em¡n must be greater than 
this.1 (Ea would be equal to Emin only if the excited 
molecules were vibrationally equilibrated.) We there
fore examined the behavior of d>(T,X,[A]) over a range 
of values of Eoo (19,000-23,000 cm -1) and Em\n (2-14 
kcal).

In most of the calculations, g{E*) was taken to have 
the same form as f(E ), i.e., assuming monochromatic 
excitation and neglecting effects of Franck-Condon and 
symmetry factors on the transition probability. The 
effect of polychromatic excitation (for 3660 A) was 
considered as a correction, using a light profile cal
culated approximately from the experimental condi
tions described by Cerfontain and Kutschke. At 27°, 
the function f(E) had a maximum at 800 cm-1, and 
its width at half-height was 1200 cm-1. The corre
sponding width for g(E*) was 1800 cm-1.

R e s u l t s  a n d  D i s c u s s i o n

Figure 2 shows the experimental data at 27°, com
pared with calculated Stern-Volmer lines. The values 
chosen for Eoo and Emin are those which reproduce the 
data most closely. Outside of the ranges 5000-5300 A 
and 10-13 kcal for E0o and Emin, respectively, the

(3) H. Cerfontain and K. O. Kutschke, Can. J. Chem., 36, 344 (1958).
(4) W. C. Worsham and O. K. Rice, J. Chem. Phys., 46, 2021 (1967).
(5) The symbols have the same meaning as in ref 1 and 2. A more 
complete discussion of the dissociation, process may also be found in 
these papers.
(6) R. A. Marcus, J. Chem. Phys., 20, 352 (1952).
(7) G. Z. Whitten and B. S. Rabinovitch, ibid., 38, 2466 (1963); 41, 
1883 (1964).
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Figure 2. Calculated wavelength dependence of the primary 
dissociation yield in azoethane at 27°, compared with the 
experimental results of Worsham and Rice. The lines were 
calculated using E m  = 5260 A and E m¡n = 12.3 kcal/mol. 
Dashed line includes correction for spectral width 
of 3660-Â excitation.

Figure 4. Calculated quantum yield for perfluoroazomethane 
at 3660 A and 30°, compared to experimental results of Wu and 
Rice. Respective E w  and E min values used were: 4650 A,
10.0 kcal (top line); 5000 A, 11.4 kcal (lower line).

Figure 3. Temperature dependence of k 2 at 3660 A, calculated 
using the same energy parameters as in Figure 2. The lower 
experimental point at 27° is from ref 4; the others 
are from ref 3.

agreement is very poor. Curvature in the lines due to 
the width of g(E*) is slight: at 3660 A, the computed 
ratio of the limiting high- and low-pressure slopes is less 
that 1.1 and would certainly be difficult to recognize 
experimentally.

The effect of nonmonochromatic exciting light (from 
a mercury source-filter combination) is minor, as 
Figure 2 illustrates. The curvature is somewhat more 
evident because g(E*) is broader.

Calculations of the temperature dependence of (f> 
at 3660 A are summarized on the Arrhenius diagram in 
Figure 3. The agreement is moderately good, except 
at the highest temperature. In particular, both the 
calculated and experimental Arrhenius lines are curved,

with a mean “ activation”  energy (FJa) about six times 
smaller than the critical dissociation energy (Emm), 
used in the calculation. It is clear that serious misin
terpretations in this type of diagram could occur for 
any excited molecule or radical reaction where a react
ing species has not had time to thermalize its vibrational 
energy.

A few calculations were carried out on the decomposi
tion of a related molecule, perfluorazomethane, for 
comparison with the interesting data reported by Wu 
and Rice.? These authors photolyzed PFAM over a 
very wide pressure range at 3660 A and found that 
l/<f> vs. pressure was significantly curved. Our cal
culation was designed to test whether the extent of this 
curvature and the pressure region in which it was the 
greatest could be explained solely on the basis of the 
width of the energy function g(E*). Figure 4 shows 
the result of two typical calculations, with Em, and Em in 
chosen to fit the high-pressure slope of the experimental 
points. Although the limiting low-pressure slope 
could be approximately reproduced, the coincidence of 
the calculated lines in Figure 4, with the points, is poor 
because the predicted “ falloff”  in !/<*> occurred mostly 
at much lower pressures (below 10 _4 M). At present, 
we are inclined to agree with Wu and Rice that more 
than one electronic state may be involved in this 
photodissociation, although further experimental data 
would be of considerable interest. The point has some 
importance because overall photochemical mechanisms 
are frequently based on the linearity or otherwise of 
reciprocal yield plots of this type. Campbell, Shlag, 
and Ristow have discussed the possible consequences in 
some detail.9

(8) E-C. Wu and O. K. Rice, / .  P h y s .  C h e m . ,  72, 542 (1968).
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Although we believe our calculations on these and 
other molecules have demonstrated some interesting 
general features, the present uncertainties in applying 
RRKM  theory to photodissociation are considerable 
and have been discussed elsewhere.2

Acknowledgment. This work was supported by the 
Simmons College Fund for Research.

(9) R. J. Campbell, E. W. Schlag, and B. W. Ristow, J. Amer. Chem. 
Soc., 89, 5098 (1967).

The Oxidation of Hypophosphorous 
Acid by Chromium(VI)

by J. N. Cooper

Department of Chemistry, Bucknell University,
Lewisburg, Pennsylvania 17837 (.Received August 25, 1969)

The report by Haight and coworkers1 of a preliminary 
study of the oxidation of hypophosphorous acid by 
Cr(VI) in 1 M aqueous perchlorate media prompts us to 
present the results of our work. In 1 M  perchlorate we 
find, in substantial agreement with Haight, et al, a rate 
law largely first order in Cr(VI) and hypophosphorous 
acid, but our results differ in some details. To analyze 
our data more fully, we have determined the dissocia
tion quotient of hypophosphorous acid and the forma
tion quotient of the Cr(VI)-P(I) complex. The inter
pretation of data in an earlier study by Pan and Lin2 
of this reaction in sulfate media, proposing a rate law 
second order in Cr(VI), is in error. Apparently the 
formation of a Cr(VI)-P(I) complex was overlooked; 
the absorbance data given are clearly first order if 
their initial absorbance datum is disregarded.

Experimental Section
J. T. Baker 50% H3P 02 was purified by the fractional 

melting technique,3 stored under nitrogen, and deter
mined iodometrically.4 Unused solutions of H3P 05i 
were discarded 3 weeks after preparation or when they 
were found to have contained more than 1% H3P 0 3. 
Recrystallized potassium dichromate was used as a 
source of Cr(VI), and water was redistilled from alkaline 
permanganate. Otherwise reagent grade chemicals 
were used without further purification. All solutions 
were purged with deoxygenated nitrogen before use.

On a 0.01 to 0.5 F scale all of the Cr(III) product was 
cationic and was separated from neutral and anionic 
products using analytical grade exchange resins. Anal
ysis for product chromium was performed at 372 nm 
following alkaline oxidation with hydrogen peroxide, 
e(CrOP~) = 4.82 X 103. Coordinated P(I) and 
P(III) were determined by modifications of the stan
dard iodometric procedures.4 Free H3P02 and H3PO>

were removed from samples before analysis by passage 
through a chloride-forn anion column with a large 
excess capacity. In the subsequent P(I) determina
tion, the column eluant was heated to 90° for 1 hr in 
3 M  HC1 purged with N2 to hydrolyze the Cr(III) 
hypophosphite. Analysis was performed as usual on 
the cooled sample. In the P(III) determination, the 
sample was allowed to iemain in the phosphate buffer- 
iodine mixture for 4 hr to assure complete reaction.

The dissociation quotient of H3P 02 at 25° was esti
mated in 1 M LiOCh using a glass electrode and satu
rated NaCl-calomel reference electrode calibrated 
against solutions of known hydrogen ion concentration 
in 1 M  perchlorate. The compositions of the solutions 
studied are summarized in Table I. Over a sevenfold

Table I :  pH of H3P02 Solutions in 1 M  LiC104at 25°

h8po2, f Observed p [H +] 0a(HiPO2),“ M

0.184 1.C24 ±  0.004 0.099
0.123 1.140 ±  0.005 0.103
0.0925 1.234 ±  0.003 0.098
0.0615 1 .£62 ±  0.006 0.105
0.0308 1 .€20 ±  0.005 0.085
0.0246 1 .€81 ±  0.005 0.114

° Qa(H3P02) = [H+][H2FO,-]/[H,PO,].

change in formal H3P 02 concentration, QA(H3P 02) = 
0.101 ±  0.015.

The formation quotient of the Cr(VI)-P(I) complex 
was estimated photometrically in 1 M perchlorate 
media, [H+] =  0.161 M; reduction of Cr(VI) was 
negligible during the time of measurement. Haight, 
et al.,1 observed no evidence for complex formation 
between H2P 02~ and Cr(VI), and we interpret the data 
in Table II in terms of a 1:1 complex between the prin-

Table II: Absorbance of Solutions of Cr(VI) and 
H 3P 0 2 at 350 nm

[H+] = 0.161 M ;  temp, 25°, path length =  1.00 cm; Cr(VI) 
= 2.00 X 10- 4 F

H 3 P O 2 ,  F  0.000 0.01016 0.01695 0.0339 0.0508
A 350 0.311 0.296 0.287 0.270 0.255 * 1 2 3 4

cipal species, H3P 02 ani HCrO,- , corresponding to the 
anhydride, H2PCr05~. Hypophosphorous acid was in 
large excess over Cr(VI), and its molar concentration

(1) G. P. Haight, Jr., M. Rose, and J. Preer, J. Amer. Chem. Soc., 90, 
4809 (1968).
(2) K. Pan and S. H. Lin, J. Chin. Chem. Soc. (Taipei), (II) 7, 75 
(1960).
(3) W. A. Jenkins and R. T. Jones, J. Amer. Chem. Soc., 74, 1353 
(1952).
(4) R. T. Jones and E. H. Swift, Anal. Chem., 25, 1272 (1953).
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was calculated using the Qa(H3P 0 2) obtained above. 
Absorbances were measured at 350 nm where HCr04- , 
the complex, H2Cr04, and Cr2072“  absorb. The latter 
two species were minor contributors and the observed 
absorbances were adjusted using the values,6 Qc(H2Cr04) 
=  4.2 for the dissociation quotient of chromic acid 
and QD(HCr04_) =  98 for the dimerization quotient 
of bichromate. Molar absorptivities, e(H2Cr04) =  
925 and e(Cr2072-) = 3000, were estimated from the 
absorbance of K2Cr207 solutions in 1 M perchlorate. 
In all cases the adjustment was less than 5% of the ob
served absorbance, and the results did not depend 
critically on the specific molar absorptivities chosen. 
The formation quotient and molar absorptivity ob
tained were Qi =  13 ±  2, e(complex) =  650 ±  100.

Kinetics were followed at 350 nm on a Beckman DU 
spectrophotometer equipped with a thermostated cell 
holder; infinite time absorbances were less than 1% of 
the initial absorbances. Individual runs, flooding with 
hypophosphorous and perchloric acids, were cleanly 
first order in the absorbance and the pseudo-first-order 
rate constant was essentially constant over the range 
of initial Cr(VI) concentrations, 1.50 to 8.00 X 10-4 F.

Results and Discussion
Our value of Qa(H3P 02) = 0.101 in LiC104 is com

pared with that reported recently for LiN03 media,6 
Qa =  0.135; agreement is good if the mean activity 
coefficient for a 1:1 electrolyte in 1 M LiClCh or LiN03 
is taken approximately that for 1 M  LiC104 or LiNOs, 
respectively.7 Our value of Qf(complex) = 13 is in 
reasonable agreement with the previous kinetic esti
mate,1 Qi -  11.

The rate law obtained from 25 observed pseudo- 
first-order rate constants, k =  —din (A3so)/dt (sec-1), 
is

rate = [HCrO,r][H3PO2]{/c0 +  fci[H+] +

/c2[H+]2 +  fc3 [H3P 02]}

where

rate = — d[HCr0.4- ]/df 

ko = 1.87 X 10"3, h  = 4.96 X 10-3,

k2 = 1.61 X 10“ 3, h  = 9.53 X 10-3 

[HCr04- ] = [Cr(VI) ]/{1  +  [H+]/Q0 +

Q,[H,PO.; +  2QD[HCr04~]|

and

[H3P 02] =  [P (I)]/{1  +  Qa/[H +] }

The observed and calculated rate constants at 25° are 
presented in Table III. Our rate law was of the same 
general form as that suggested by Haight, et al.,1 
but the rate constants we observed were lower except for 
those at low [H3P 02]. In preliminary work we ob-

Table III : Pseudo-First-Order Rate Constants (25°)

[HiPCL] X 10«, k X 105, sec 1
[H +], M M Obsd Calcd“

1.00 4.51 21.96 21.6
1.00 2.71 14.4 14.5
1.00 4.57 22.0 21.8
1.00 9.10 35.0 34.9
1.00 1.83 10.3 10.4
1.00 0.918 5.43 5.58
0.607 4.29 14.8 14.5
0.371 3.94 10.5 10.3
0.206 3.35 7.28 7.20
0.131 2.82 5.43 5.49
0.0818 2.24 4.10s 4.14
0.632 1.93 3.44s 3.50
0.742 3.07 5.51s 5.34
0.0569 2.62 4.54s 4.50
0.300 18.07 26.2 27.5
0.272 8.78 15.7 16.4
0.260 5.21 11.3 11.0
0.247 1.72 4.45 4.33
0.368 47.4 56.0 55.0
0.325 27.6 36.3 37.1

Median deviation: 1.9%. s Average of two runs.

served that for initial H3P 02 concentrations greater 
than about 0.1 M, the rate constants increased with 
time elapsed since purification of the acid. We used 
H3P 02 within three weeks of purification; Haight, 
et al., used reagent chemicals without further purifica
tion.

The mechanism proposed by Haight, et al., involved 
formation of the anhydride complex, protonation of the 
complex, and abstraction of a phosphinic proton from 
the complex by basic species in solution with reduction 
to Cr(IV). This mechanism is consistent with the 
present rate with these modifications. The ko term 
may correspond either to reaction of the unprotonated 
complex involving an indeterminant number of solvent 
molecules or to abstraction from the neutral, protonated 
complex of a phosphinic proton by hydroxide ion. The 
second-order rate constant for this latter process would 
be near to or less than the diffusion-controlled limit if 
the acid dissociation quotient of the protonated form of 
the Cr(VI)-P(I) complex is less than about 10. Direct 
abstraction of a phosphinic proton from H3P 02 by 
HCrO,]~ is also consistent with the kinetics but is 
thought unlikely because of the relatively weak basic
ity of bichromate ions and the unfavorability of trans
ferring another negative charge to the HCr04~ moiety.

The fc2 term is too large to attribute solely to the 
changes in activity coefficients typically found in pro
ceeding from 1 F LiC104 to 1 F HC104,8,9 although there

(5) J. Y. Tong, Inorg. Chew... 3, 1804 (1964).
(6) J. H. Espenson and D. F. Dustin, ibid., 8, 1760 (1969).
(7) R. A. Robinson and R. H. Stokes, “ Electrolyte Solutions,” But- 
terworth and Co. Ltd., London, 1959, p 491.
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may be some contribution from this effect. Mechanis
tically, a second-order term in hydrogen ion concentra
tion corresponds to the formation of a doubly pro- 
tonated complex H4PCr05+, followed by proton abstrac
tion by water. We have no independent evidence for 
the formation of such a species, but studies on the 
exchange of the phosphinic protons in hypophosphorous 
acid10 show the reaction to be acid catalyzed, suggesting 
a transient species, H4PO2+ whose structure would be 
analogous to H4CrP06 + formed prior to or during the 
rate-determining reduction of Cr(VI) in the k2 step.

The principal phosphorus product is P (III); the 
ratio, total P (III)/C r, is 1.55 ±  0.05. The Cr(III) 
product is green and is not displaced from an acidic- 
cation exchange column by barium perchlorate. The 
product band is somewhat spread out by cerium per
chlorate but Cr3+(aq), when added to the column after 
a sample of the product, passes through the product 
band under cerium displacement. We interpret this 
as indicating complex Cr(III) products with ionic charge 
greater than or equal to + 3 .8-11 In all cases both P(I) 
and P(III) were found in the cationic product. The 
reaction is exothermic and the ratios of bound P(I) and 
P(III) were somewhat scattered as is shown in Table 
IV, diminishing with increasing reaction time and the

Table IV : Variation of P(I) and P(III) in the 
Product Cr(III) Complex

Reactant
concn,

F

Reaction
time,

hr
Temp,

°C P (I)/C r P (III)/ C r

0.02 3 30 1.2 ±  0 .2 1 . 3  ±  0 . 1
0.02 10 30 1.0 ±  0.1
0.02 4 5 30 0 . 7  ±  0 . 1
0.2 1 70 0 .4  ±  0 . 1 0 . 7  ±  0 . 1

elevated temperatures produced at higher reactant 
concentrations. The reported rate of hydrolysis of 
Cr(H2PC>2)2+ in acidic media8 suggests that the diminu
tion of these ratios with increasing reaction time and 
temperature may be attributed to partial hydrolysis of 
the product. The apparent ionic charge of + 3  or 
greater may be due to the formation of polynuclear 
complexes; or alternatively, protonated mononuclear 
complexes, such as have been reported for C r(III)- 
acetate12 and Cr(III)-cyanide,13 may be formed. The 
weak basicity of hypophosphite and phosphite ions 
does not appear to support this latter interpretation 
and the study of the Cr(H2P 02)2+ hydrolysis showed 
little evidence for such a species under cation column 
conditions. The nonoxidative capture of a ligand dur
ing the reduction of Cr(VI) has been observed in other 
systems,14 specifically in the reduction with hydrazine 
in the presence of EDTA.18

In terms of the fast steps, I and II, presumed to 
follow the rate-determining reduction of Cr(VI) to 
Cr(IV)

Cr(IV) +  Dr(VI) 2Cr(V) (I)

Cr(V) +  H3PO, — > Cr(III) +  P(III) (II)

nonoxidative ligand capture implies that coordination 
of Cr(V), and perhaps Cr(IV), is as fast as or faster 
than reduction of Cr(V). On the basis of crystal field 
energies, Cr(IV) and Cr(V) ought to be substitution 
labile. Their high formal charges may well encourage 
rapid and extensive coordination, and steps I and II 
may involve several substituted Cr species.
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(8) J. H. Espenson and D. E. Binau, Inorg. Chem., 5, 1365 (1966).
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Medium Effects on Hydrogen-1 Chemical Shift 

of Benzene in Micellar and Nonmicellar 

Aqueous Solutions cf Organic Saltsla

by John E. Gordon,lb J. Colin Robertson, 
and Robert L. Thorne

Woods Hole Oceanographic Institution, Woods Hole, Massachusetts 
0254S, and Department of Chemistry, Kent State University,
Kent, Ohio 44%40 (Received August 22, 1969)

The nature of the medium experienced by molecules 
in micelles is a subject of considerable interest. An 
elegant application of nuclear magnetic resonance to 
this problem has been made by Muller and Birk- 
hahn,2 who prepared systems containing appropriate 
fluorine tags in surfactant and solubilized nonelec
trolyte molecules and used 19F spectra to study the

(1) (a) Contribution No. 2372 from the Woods Hole Oceanographic 
Institution, (b) Department of Chemistry, Kent State University, 
Kent, Ohio 44240.
(2) N. Muller and R. H. Birkhahn, J. Phys. Chem.. 71, 957 (1967); 
72, 583 (1968).
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medium effects. The medium effects in *H spectra 
are very much smaller. Nevertheless, Eriksson and 
Gillberg3 have made use of the anomalous aromatic 
solvent-solute shift to probe the intramicellar medium 
via XH spectra using the shifts of solubilized benzene.

Muller and Birkhahn2 characterized the medium 
bathing a surfactant or solubilized molecule by a vari
able Z ranging between zero (pure water) and 1 (pure 
saturated hydrocarbon). Z is defined by eq 1 where 
5H2o and Sh0 are the chemical shifts of a solute in water

Z = ((5mjC — <5h2o) /(¿ 1ic — <hi2o) (1)

and alkane solvents, and 5mic is "hat of the solute 
within the micelle. Results for fatty acid soaps in
dicate an intramicellar medium about halfway between 
water and saturated hydrocarbon (Z ~  0.5). Eriksson 
and Gillberg3 did not employ a formal solvent param
eter, but their benzene shifts indicate that the micelle 
interior in 0.1749 M  cetyltrimethylammonium bromide 
is still more highly aqueous than that of the fatty 
acid soaps.

We have now extended the 4H chemical shift mea
surements on solubilized benzene to include an anionic 
and a neutral surfactant and the effects of concentra
tion and added electrolyte on the former. Particular 
attention has been devoted to separating the observed 
average shifts for solubilized benzene into intra- and 
extramicellar components and thus estimating Z for 
these systems. The dependence of 50bsd on benzene 
concentration has been semiquantitatively accounted 
for. Finally, the medium experienced by benzene 
salted in by the lower symmetrical tetraalkylam- 
monium bromides has been compared with that in 
micellar solubilization.

E x p e r i m e n t a l  S e c t i o n

The salts and water employed have been described 
previously.4 Sodium decanoate solutions were pre
pared by neutralizing Eastman White Label decanoic 
acid with standard sodium hydroxide. Polyoxy
ethylene^) lauryl ether (Brij 35) was a gift of Atlas 
Chemical Industries, Inc., and was used as received. 
Organic liquids were Fisher Certified materials except 
Spectro Grade cyclohexane (Matheson Coleman and 
Bell). Nmr measurements were made on a Varian 
A-60A spectrometer whose probe temperature was 
41°. Line positions were measured by the audio-side
band technique using Hewlett-Packard 200CD os
cillator and 521C frequency counter. The calibration 
and replication routine has been described.5 Each 
benzene-reference separation has an associated pre
cision of 'M).06 Hz except for the lowest benzene 
concentrations and the externally referenced measure
ments where it is no better than 0.1 Hz at 60 MHz. 
Externally referenced measurements were made rela
tive to cyclohexane in a Wilmad precision coaxial

cell. Light absorption was measured using a Cary 14 
spectrophotometer.

An aqueous solution of references, surfactant, and/or 
other addend was first prepared (solution I). The 
most concentrated benzene solution in each series was 
prepared by contacting solution I with excess benzene 
in a vessel which allowed withdrawal of the aqueous 
phase from the bottom by means of syringe, needle, 
and septum. The benzene concentration in this stock 
solution was determined from the optical density mea
sured at 247.5, 255, and/or 259 m/x. Dilutions of 
the stcck solution with solution I were made by weight 
directly in the withdrawing syringe, whose contents 
were mixed using a minute glass-enclosed stirring 
bar. The resulting solution was injected into an nmr 
cell which was equilibrated in the probe for 20 min 
before measurement. Susceptibility corrections were 
applied to the externally referenced measurements 
as previously described;6 the benzene and references 
were ignored in computing the correction.

The chemical shift of benzene was measured in 
water and the various aqueous electrolyte and sur
factant solutions relative to a battery of four internal 
references: (CH3)4N+, (CH3)2S-»-Q (DMSO), CH3CN 
(AN), and (CH3)3COH. Previous work5 has shown 
that two of these, DMSO and AN, show normal be
havior in aqueous solutions containing inorganic and 
organic salts, low concentrations of other nonelec
trolytes, and potassium perfluorobutyrate in the region 
of the critical micelle concentration. These reference 
molecules appear not to enter the micelle phase ap
preciably. The other references agreed generally with 
AN and DMSO but showed occasional evidence of 
specific interactions with the other solutes as noted 
before.5 To determine the limiting shift of benzene 
in cyclohexane vs. the same referencing system, the 
aqueous solution of AN, DMSO, etc., was used as 
external reference.

R e s u l t s  a n d  D i s c u s s i o n

The benzene shifts observed for a fivefold variation 
in benzene molarity within the range 0.004 <  MCem <  
0.16 were linear in Mc‘n‘ for all solutions studied; 
they were fitted to eq 2 by least squares. The limiting 
shifts ¿o and the slopes a are summarized in Table I.

S = 50 +  aMClHi (2)

Agreement between the two references is good. The 
observed separation, 18.20 Hz at 60 MHz, of S0 in 
water and cyclohexane agrees reasonably well with 
that of Eriksson and Gillberg,317.1 Hz.

Z Values. We have interpreted the results of Ta-

(3) J. C. Eriksson and G. Gillberg, Acta Chem. Scand., 20, 2019 
(1966).
(4) J. E. Gordon and E. L. Thorne, J. Phys. Chem., 71, 4390 (1967).
(5) J. E. Gordon and R. L. Thorne, ibid., 73, 3643 (1969).
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Table I : Benzene Chemical Shift Data for Various Media

Additive
concn,

Solvent Additive M Ref io11'6 a b -c z b d Z  (cor)'

h 2o AN 322.18 ±  0.25 14 ±  17
DMSO 283.32 ±  0.23 13 ±  15
H20 164.7 f

h 2o NaCl 1.00 AN 322.01 ±  0.04 - 0 .6  db 5

c 6h 12
DMSO 283.39 ±  0.01 - 7  ±  2
AN 303.99 ±  0.21 -2 .2 3  ±  0.18
DMSO 265.12 ±  0.15 -2 .1 6  ±  0.13
H20 147.67

H20 Cetyltrimethylammonium 0.1729 h 2o 162.27 0.15 0.18
bromide

H20 Sodium decanoate 0.200 AN 319.10 ±  0.01 -5 0 .9  ±  0.5 0.17 ±  0.01 0.29
DMSO 280.27 ±  0.02 -5 2 .8  ±  0.8 0.17 ±  0.01

h 2o Sodium decanoate 0.400 AN 317.13 ±  0.14 -3 0 .8  ±  1.4 0.28 ±  0.01 0.33
DMSO 278.19 ±  0.16 -3 4 .4  ±  1.6 0.28 ±  0.01

h 2o Sodium decanoate +  NaCl 0.400 AN 312.86 ±  0.25 -4 7 .3  ±  2.7 0.51 ±  0.02 0.55
1.00 DMSO 273.79 ±  0.28 -5 1 .8  ±  3.1 0.52 ±  0.02

h 2o Polyoxyethylene(23) 2.08 X AN 321.80 ±  0.04 +24.0 ±  4.1 0.02 ±  0.01 0.06-
lauryl ether I O '3 DMSO 282.88 ±  0.07 +29.4 ±  5.1 0.02 db 0.01 0.16

h 2o (CHshN+Br- 1.00 AN 322.33 ±  0.10 -2 .1  ±  6.3 -0 .0 1 ±  0.01
DMSO 283.76 ±  0.11 +  0.4 ±  6.5 +  0.02 ±  0.01

h 2o (CH3)4N+Br- +  NaCl 1.00 AN 321.97 ±  0.03 +  5.3 ±  2.6 +0.01 ±  0.01
1.00 DMSO 283.44 ±  0.03 +  12.8 ±  2.4 -0 .0 1 ±  0.01

h 2o (C4H„)4N +B r- 0.500 AN 322.33 ±  0.09 - 5 .8  ±  4.0 -0 .01 ±  0.01
DMSO 284.07 ±  0.04 - 4 .6  ±  2.0 -0 .0 4 ±  0.01

h 2o (C4H,)4N+Br- 1.00 AN 320.70 ±  0.04 - 5 .9  ±  0.54 +  0.08 ±  0.01
DMSO 283.51 ±  0.04 -9 .1  ±  0.52 -0 .0 1 ±  0.01

h 2o (C4H9)4N +B r- +  Na2S04 0.500 AN 321.25 ±  0.08 - 8 .5  ±  2.7 +  0.05 ±  0.01
0.500 DMSO 283.42 ±  0.08 -1 0 .0  ±  2.6 -0 .0 1 ±  0.01

h 2o (C4H»)4N+Br- +  NaCl 1.00 AN 318.94 ±  0.05 - 8 .5  ±  0.35 +  0.18 ±  0.01
1.00 DMSO 281.92 ±  0.06 -1 2 .5  ±  0.41 0.08 ±  0.01

a In hertz downfield from reference (60 MHz). b Precision measure is standard deviation. c Equation 2. d Equation 1. e See text. 
f  Reference 3.

ble I in terms of the model6-7 of solubilization as dis
tribution between bulk solvent and a micellar pseudo
phase. To reduce the data to Z values one needs 
to take into account the contribution of benzene in 
the aqueous phase to the observed shift, according 
to eq 3, where X i C‘H' is the fraction of benzene in

? CeHe   y  CeHe t CeHe i y  CeH6 ? CeHe /q\
°obsd -¿V aq Oaq i A mic Omic

phase i.8 Since our extrapolation involves measure
ments at low benzene concentrations, we cannot place 
an upper limit on X aqCsH“ on the basis that the observed 
concentrations are large multiples of the solubilizate 
solubility in pure water as has been done in other 
systems;9 an estimate of the partition coefficient is 
required. The reported value of the distribution co
efficient for benzene between olive oil and water, 
1 64 ,10 suggests that a large fraction of the benzene 
will be in the micelles. We determined the benzene 
distribution coefficient for cyclohexane-water spec- 
trophotometrically to be 3 .2  X  1 0 2 at M aqc'H‘ =
1.4 X  1 0 -4  and 25 ±  1 ° . The distribution coefficient 
for micelle-water was approximated by eq 4, and

J7- CeHe _ rz CeHfî r /a\
li-m ic—aq -“ -CeHn—aq &  v U

K miC_aqc‘H6 was computed from the uncorrected values 
of Z in column 7 of Table I. Using or estimating 
surfactant partial molal volumes from the literature,11 
the volume ratio of the two phases and (combining 
with ifmic—aqCsHs) WaqCiHe and X micc,H‘ were computed. 
From these 6micc,lHi and Z could be obtained via eq 3 
and 1. The new value of Z was used in eq 4 to start 
a second approximation, and self-consistency was 
achieved in ~ 5  cycles In the case of sodium de- 
canoate, where the cmc is large, correction was made 
for the effect of 0.098 M  monomer on the activity

(6) M. E. L. McBain and E. Hutchinson, “ Solubilization,” Academic 
Press, New York, N. Y „ 1955, p 75.
(7) P. H. Elworthy, A. T. Florence, and C. B. Macfarlane, “Solubili
zation by Surface Active Agerts,” Chapman and Hall, Ltd., London, 
1968, Chapter 2, p 48 ff.
(8) Exchange of solubilizate between micellar and bulk phases is
rapid on the nmr time scale: T. Nakagawa and K. Tori, Kolloid-Z„
194, 143 (1964).
(9) A. S. Waggoner, 0. H. Griffith, and C. R. Christensen, Proc. Natl. 
Acad. Sci. U. S„ 57,1198 (196").
(10) R. Macy, J. Ind. Hyg. Tcxicol., 30, 140 (1948); Chem. Abstr., 42, 
6619 (1948).
(11) (a) L. Benjamin, J. Piiys. Chem., 70, 3790 (1966); (b) P. 
Becher, J. Colloid Sci., 16, 491 (1951).
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coefficient of benzene.12-14 In the sodium decanoate- 
NaCl solutions correction for the effect of the NaCl 
on 7aqUH6 was included,14 and the concentration of 
monomer ( = cmc) was taken as 0.02 M.n It is diffi
cult to estimate the success of the above procedure; 
eventually it may be possible to determine X miC-.aqC6HG 
more directly. However, the correction is large only 
for the smallest Z values; Z for polyoxyethylene(23) 
lauryl ether is poorly defined, but definitely small.

Although the X aqCliH6 values (Table III) and the 
uncorrected Z values for 0.2 and 0.4 M sodium de- 
canoate are rather different, the corrected Z values, 
0.29 and 0.33, are gratifyingly similar. The mean 
value, 0.31, differs significantly from those observed 
via 19F spectra using C6H5CF3 in 0.05 M  sodium dode- 
canoate (Z = 0.52) and sodium decanoate (Z =  0.45).16 
Muller and Birkhahn2 observed no effect of 0.2-0.6 M 
NaCl on the measured Z. In contrast, 1 M  NaCl 
produces a substantial increase in Z obtained from 
the benzene shifts (Table I), and the effect of the 
salt is also reflected in the slope a (see below). We 
suspect that the differences in Z as observed by 19F 
vs. HI chemical shifts reflect inherent differences in 
the response of the two probes, due in part to differ
ences in the shielding mechanisms of the two nuclei. 
Further, it is unlikely that Z is either precisely linear 
in the intramicellar medium composition (oCsHiCF3 is 
not a linear function of composition in aqueous ethanol) 
or dependent on medium composition alone (electro
static effects probably contribute).

The available Z values are listed in Table II.17-19
The highly aqueous intramicellar medium indicated
is not so surprising if one recalls that in spherical

Table II: Values of Z  and Micelle Size Parameters

Surfactant, z na M b

Polyoxyethylene(23 ) 
lauryl ether 

Hexadecyltrimethyl-

0.06-0.16' 40<* 48,800*

ammonium bromide 
Sodium dodecyl

0.18' 806 29,000e

sulfate 0.20-0.22/ 62° 18,000°
Sodium dodecanoate 0.52* 50*' 11,900’
Sodium decanoate 0.29-0.33' —281 —5,400'
Sodium decanoate-1 M —0.45*

NaCl 0.55'

a  Micelle number. b Micellar weight. c Table I. d Reference
lib . * H. V. Tartar, J . C o l l o i d  S c i . ,  14, 115 (1959). !  From esr 
coupling constants and electronic absorption maxima of solubi
lized nitroxide probes9 v i a  an equation analogous to eq 1. 8 R. J. 
Williams, J. N. Phillips, and K. J. Myseb, T r a n s .  F a r a d a y  S o c . ,  

51, 728 (1955). h Reference 2. ’ For potassium dodecanoate: 
E. Hutchinson and J. C. Melrose, Z .  P h y s .  C h e m .  (Frankfurt am 
Main), 2, 363 (1954). 1 Estimated from log (cmc) v s .  n  plots for
RSC>3- Na+, ROS03- Na+, and RN(CH3)3+Br~, the known cmc 
and n  for potassium dodecanoate,’ and the cmc for sodium decan
oate: H. B. Elevens, J .  P h y s .  C h e m . ,  5 2 ,130 (1948).

micelles of optimum size for reduction of hydrocarbon- 
water contact (micelle number perhaps 50) about 75% 
of the surface of the sphere must be made up of the 
hydrocarbon portions of the surfactant molecules.20 
Smaller spherical micelles shield the hydrocarbon chains 
still less well, and larger ones in which the radius 
significantly exceeds the length of a surfactant molecule 
would result either in voids or in submergence of 
water or hydrated polar head groups in the micelle 
interior. Hydrodynamic evidence interpreted on a 
spherical model by Courchene21 indicates 33-51 vol %  
water in sodium dodecyl sulfate and dimethylalkyl- 
amine oxide micelles. In the traditional micelle models, 
which have perpetuated a static and regular picture 
of micellar structure, this water is assumed to be 
segregated in an aqueous rind at the micellar surface  ̂
Magnetic resonance data now indicate much more 
fluctuant aggregates9 undergoing rapid exchange with 
bulk phase monomer and solubilizate, possessing short 
correlation times for intramicellar molecules, and, 
according to the Z values, displaying much more 
scrambling of hydrocarbon and aqueous components 
than heretofore supposed.

The data of Table II suggest a possible trend of 
increasing Z with decreasing micelle size, which can 
be evaluated only as more comparisons of 19F and 
4H nmr, esr, and optical measurements for the same 
systems become available. This could correspond to 
increasing water penetration with increasing micelle 
size. Resolution of the conflicting 19F and HI results 
may help elucidate the effect of added electrolyte 
on micelle structure.2

Slopes. The larger values of Z are accompanied 
by enhanced negative slopes, a, in eq 2. We interpret a

(12) The Setschenow constant for the aqueous sodium decanoate- 
naphthalene system,13 together with the relationship of Setschenow 
constants for benzene14 and naphthalene,4 was used to estimate 
7aqC'H6, and ifc 6H,2_oqC,H6 X Taq0'14' was substituted for 
ifc6HI2_aqC,H* in eq 4.
(13) J. E. Gordon and R. L. Thorne, Geochim. Cosmochim. Acta, 31, 
2433 (1967).
(14) W. F. McDevit and F. A. Long, J. Amer. Chem. Soc., 74, 1773 
(1952).
(15) S. H. Herzfeld, / .  Phys. Chem., 56, 953, 959 (1952).
(16) From reference 2. The dodecanoate value is from CeHsCFs 
shifts extrapolated to zero CsHsCFa concentration (three measure
ments 70.014 M). The decanoate value was estimated using the 
measured value (0.47) at 0.063 M and the Z vs. M slope from the 
dodecanoate measurements.
(17) Another potential measure of hydrocarbon-water contact in 
micelles is the partial molal volume increase on micellization, AVm, 
which is attributed to water-structure loss on transfer of hydrocarbon 
chains from an aqueous to a less aqueous environment. Several AFm 
values are known11“'18 but the expansion expected for transfer from 
water to hydrocarbon solvent, AFaq—*-hc, can only be roughly estimated19 
for chains longer than propyl, so that Z cannot be meaningfully com
pared with AVm/AVaq—»-he at present.
(18) J. M. Corkill, J. F. Goodman, and T. Walker, Trans. Faraday 
Soc., 63, 768 (1967).
(19) G. Nemethy and H. A. Scheraga, J. Chem. Phys., 36, 3401 
(1962).
(20) A. F. H. Ward, Pros. Roy. Soc., A176,412 (1940).
(21) W. L. Courchene, J. Phys. Chem., 68,1870 (1964).
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Table III : Concentration Dependence of Benzene Shifts in Aqueous Sodium Decanoate Solutions

-------------------- Effective V ° mi0 = 178.4 ml/mol---------------- .----------------- Effective F ° mi0 = 133.8 ml/mol-
0.2 M 0.4 M 0.4 M NaCio 0.2 M 0.4 M 0.4 U  NaCio +
NaCio NaCio +  1 Ilf NaCl NaCio NaCio 1 M NaCl

A mic< W 0.588 0.835 0.947 0.538 0.797 0.930
Z 0.29 0.33 0.55 0.32 0.35 0.56
a(calcd)4 -4 2 -2 8 -2 9 -4 7 -3 5 -3 7
a(obsd)” -5 2 -3 2 -5 0 -5 2 -3 2 -5 0

° Fraction of benzene in micellar pseudophase. 4 Equation 5. e Mean of AN and DMSO data.

as an index of the degree of restriction of solute (ben
zene) to a volume smaller than the nominal solution 
volume. The benzene chemical shift moves relatively 
rapidly (and linearly) to higher field with increasing 
benzene concentration in nonaromatic solvents22 (anom
alous aromatic solvent-solute shift). The large nega
tive a in aqueous surfactants relative to that in, e.g., 
cyclohexane results from the intramicellar benzene 
concentration being much higher than the nominal 
solution concentration. We have tested this model 
quantitatively, taking the 5micCeH‘ vs. M micCsHt slope 
equal to that which we observed for benzene in cyclo
hexane (the anomalous aromatic shifts are approxi
mately independent of the aliphatic solvent).22 From 
the micellar and aqueous-phase volumes, the values 
of and X micCsH6 used previously, and eq 5
tCcHs __ ? Còlle= +  (X , CoHoì13 XL{ Ce He +

X mi„C8HsÄmicCeHt) ( -  2.20 )M c°m (5)

one computes for sodium decanoate the slopes given 
in Table III. RiC,m is the ratio of benzene concentra
tion in phase i to the nominal benzene concentration, 
M c‘m. The calculated slopes are of the correct mag
nitude but are consistently low because the entire 
micellar volume is not available to the solubilizate; 
the head-group volume should be excluded. When 
this is done approximately by reducing the micellar 
volume by 3/n =  (head group C +  0  atoms)/(total 
C +  0  atoms) the values on the right of Table III 
are obtained, and agreement with the experimental 
values is reasonably good in the absence of added 
electrolyte. The fairly large positive slope observed 
in aqueous polyoxyethylene(23) lauryl ether implies a 
unique structural situation for benzene in these solu
tions.

Symmetrical Quaternary Ammonium Salts. Organic 
nonelectrolytes are salted in (7 decreased, solubility 
increased) by simple organic salts in aqueous solution. 
While this has been attributed tc salt-induced medium 
effects,14-23 other evidence has been interpreted in 
terms of direct organic salt-nonelectrolyte inter
actions.4,24 Most of the salts are nonsurfactant-like, 
e.g., (C2H6)4N +Br~, in lacking polar and nonpolar 
ends. However, cmc behavior (at 0.039 M) has been 
reported for (n- C 4 H 9 ) 4N +Br- ,25 and the partial molai

volume data have been interpreted in terms of ag
gregation of groups of several R 4N + and Br~ in over
lapping clathrate-like water cages26 and in terms of 
micelle formation.27 Exaltation of salting in by 
R 4N +Br_ is produced by addition of inorganic salt; this 
is reminiscent of enhanced solubilization in micellar 
system.4

We attempted to get some information on the me
dium experienced by benzene salted in by the lower 
R 4N+Br~ using the Z -value approach; results for 
several systems are she wn in Table I. The results 
are characterized by small Z values, by relatively 
poor agreement between the data vs. the two references, 
and by some enhanced s.opes. Only in the case of 1 M 
(n-C4H9)4N +B r-l M NaCl does the Z value indicate 
an environment convincingly more hydrocarbon-like 
than water, but the enhanced slopes do imply segrega
tion of benzene in the presence of inorganic salt. We 
hope to test more stringently these indications of 
direct R 4N+-benzene interactions by measurements 
employing external referencing and 19F shifts.
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A Convenient Method for Obtaining Free 
Energies of Activation by the Coalescence 
Temperature of an Unequal Doublet

by H. Shanan-Atidi and K. H. Bar-Eli
Department of Chemistry, Tel-Aviv University, Tel-Aviv, Israel 
(Received July 21, 1969)

A well-known method of obtaining information about 
free energy of activation by nmr is that using the coales
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cence temperature. (The coalescence temperature is 
the temperature at which the two peaks of the doublet 
merge into one, i.e., the “ valley”  between the two 
separate peaks disappears.) Usually, one deals with 
coalescence of an equal doublet. The case of an un
equal doublet occurs less often and the literature does 
not describe a simple formula to use in this case. We 
present here a simple graph which may be used easily 
and conveniently in order to find out the free energies of 
activation of any two exchanging species. Using the 
coalescence method, one finds the temperature To in 
which the two signals coalesce into one. In case of an 
equal doublet, this occurs when the condition Svt = 
\/2/27r is satisfied,1 where Sv is the shift between the 
lines at very slow exchange in cps and t is defined by 
the relation 1 /r =  (1/ ta) +  ( l / r B) when rA and tb are 
the lifetimes of species A and B, respectively. The 
above condition is true only when ta =  rB and thus the 
exchange rate is k =  1/2r.

Figure 1. Calculated values of tSv vs. AP from eq 1.

The method of Lynden-Beil2 gives a simple way to 
find the coalescence condition for any values of P A and 
P B—the relative concentration of species A and B, 
respectively, when rA ^  rB.

Equation 33 of the above-mentioned paper reads

f(ü > ) =  ( w A —  co) ( ojb  —  o> )(2 co  —  ü)A —  0)B )  -|-

T  2  ( ¿ 0  —  ¿ > )

where coA and coB are the frequencies of species A and B 
with no exchange, and w is their weighted average: 
¿> =  P aoja +  P BcoB. The solutions of the equation 
f(co) =  0 give us the frequencies of the maxima and 
minima of the line shape ; for instance, when there is no

Figure 2. Log [X/2ir{l ±  AP)] vs. AP  (eq 6 and 7): X ,
log [X/2t (1 -  AP)]; •, log [X /2 * ( l  +  AP)].

exchange, i.e., t is very long, the solutions are w =  wA 
and co =  ojb; that is, the resonance peaks fall at coA and 
coB. The third solution is the minimum between the 
peaks. When the exchange is very fast, i.e., r is very 
short, the solution is co =  <o, i.e., a single peak which 
falls at the weighted average of A and B. Between 
these two extreme situations, there will be a value of r 
which will cause f'(co) =  f(w) = 0, i.e., which will make 
two of the roots of f(w) = 0  to coincide. This, there
fore, must be the coalescence criterion and it leads 
to the result3

where X  = 2 tt8 v t . Figure 1 shows the graph of X /2 tt 
vs. AP computed for all possible values of the param
eters.

(1) J. A. Pople, W. G. Schneider, and H. J. Bernstein, “ High-Resolu
tion Nuclear Magnetic Resonance,” McGraw-Hill Book Co., Inc., 
New York, N. Y., 1959, p 223.
(2) R. M. Lynden-Bell, “ Progress in NMR Spectroscopy,”  Yol. 2, 
J. W. Emsley, J. Feeney, and L. H. Sutcliffe, Ed., Pergamon Press, 
New York, N. Y., 1967, p 163.
(3) It should be noted tha,t the result given in the above-mentioned 
paper eq 34 is incorrect, since it does not extrapolate to the correct 
equation when rA = tb. The reason for this discrepancy is that the 
author used only the first term, i.e., g(u>) = (wa — w)(wb — w)(2o> — 
wa — ojb), and found the criterion for which g'(w) = f (co) = 0.
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The reaction rates are kA and kB which obey kAPA =  Conductance Measurements of Thallium
kßP-B and since kA — rA 1 and kB — tb 1, one readily Perchlorate and Fluoroborate in Acetonitrile
finds

kA =  ~ (1  -  A P ); kB = ^ (1  +  A P) (2)

The value of the free energy of activation can be 
deduced using Eyring’s4 expressions, i.e.

AG a*  = RTC In _hir\ò
» ^ V - A - Y l

r /\ l  -  A P /J

X
+  A P /J

(3)

(4)

The difference between eq 3 and 4 being obviously 
the free energy difference between the two species, 
i.e.

A G = RTC In P a

P b
= RTC In 1 +  A P 

1 -  A P (5)

When the values of the constants are introduced, one 
obtains the following free energies in calories per mole

AGa * = 4.57T, 10.62 +  

log
x  , t ;

2ir(l -  AP) +  °S Sr. (6)

AGb* = 4.57T, 10.62 +

log 2 ^ r r ^ ) +  log Ti . (7)

The values of log [(X/27t(1 ±  AP)] are plotted 
against AP in Figure 2 and can be used directly with 
the measured values of T„ and Sr in order to calculate 
the free energies of activation.

It should be noted that this, as well as the regular 
formula when one has equal populations, gives only 
the value of AG* at one particular temperature, and 
therefore no information is obtained about AH* or 
AS * separately without a detailed analysis of the lines 
shapes.

A detailed line-shape analysis will obviously give a 
more accurate result. However, since it is more time 
consuming, there is a considerable advantage of using 
the above short-cut method. A detailed analysis is 
also required when the lines are wide compared to their 
separation.

(4) W. F. K. Wynne-Jones and H. Erying, J. Chem. Phys., 3, 
492 (1935).

by Howard L. Yeager and Byron Kratochvil

Department of Chemistry, University of Alberta,
Edmonton, Alberta, Canada (.Received September 18, 1969)

Conductance measurements of several copper(I) and 
silver(I) salts in acetoritrile have been reported pre
viously.1 The stabilization of these metal ions by 
acetonitrile is indicated by their tetrafluoroborate and 
perchlorate salts being essentially unassociated. In 
contrast, the alkali metal perchlorates have association 
constants in the range of 10-20 in this solvent.2 
To extend the study o: solvation of univalent metal 
ions by acetonitrile, a conductance investigation of 
thallium (I) perchlorate and tetrafluoroborate was 
made. Conductance results also are reported for 
potassium thiocyanate this salt was included to 
obtain the single-ion conductivity of the thiocyanate 
anion, which resembles r,he solvent molecule in size and 
shape.
Experimental Section

Thallium(I) perchlcrate was prepared by the pro
cedure of Coetzee and Campion3 from thallium nitrate 
(Fisher Purified reagent) and 72% perchloric acid 
(G. F. Smith Co.). The product was recrystallized 
three times from water and dried at 120° for 12 hr.

Thallium (I) tetrafluoroborate was prepared by 
slowly adding 40% fluomboric acid (Baker and Adam
son) to thallium carbonate (Alfa Inorganics, Inc.), 
collecting the resulting solid, and washing several times 
with absolute ethanol tc remove excess acid. The salt 
partially decomposes during recrystallization from 
water, or upon heating the wet material. It was dried 
under vacuum at room t jmperature for 1 hr, then at 50° 
for 3 hr, and finally at 105° for 7 hr. Potassium 
thiocyanate (Fisher Certified reagent) was dried 
under vacuum at 50° for 2 hr.

The method of acetonitrile purification, the ap
paratus, and the experimental procedure are described 
in ref 1. All solutions were prepared by weight and 
vacuum corrected, and molar concentrations calculated 
by use of solution densities determined from the equa
tion d =  do +  Am, where da is the solvent density, d the 
solution density, and m the concentration in moles of 
solute per kilogram of solution. The A values, de
termined by measuring the densities of 0.01 M  solutions 
in acetonitrile with a capillary pycnometer, were 0.22, 
0.22, and 0.06 for TIBF4, TICIO4, and KSCN. Values

(1) H. L. Yeager and B. Kratochvil, J. Phys. Chem., 73, 1963 (1969).
(2) R. L. Kay, B. J. Hales, and G. P. Cunningham, ibid., 71, 3925 
(1967).
(3) J. F. Coetzee and J. J. Campion, J. Amer. Chem. Soc., 89, 2513 
(1967).
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Table I : Measured Conductances in Acetonitrile at 25°

r o w A AA lÔ C A AA

TIBF4 108k = 2.2 TICIO4 108* == 9.8
5.187 189.02 0.03 5 626 183.02 0.00
8.500 185.75 -0 .0 6 9.134 179.10 0.00

12.366 182.76 0.00 12.082 176.31 0.00
16.482 180.02 0.02 15.034 173.85 0.01
19.659 178.12 0.02 18.472 171.24 0.00
23.865 175.78 -0 .0 5 22.121 168.72 - 0.02
27.626 174.02 0.04 25.461 166.66 0.01
31.595 172.16 -0 .0 2 29.416 164.38 0.00

TIBF4 m  = 8.3 TICIO4 10s* = 4.6
5.249 188.64 -0 .0 1 6.318 182.23 0.00
8.122 185.88 0.00 8.484 179.82 0.00

11.364 183.30 0.02 12.014 176.40 0.00
14.088 181.38 0.02 15.243 173.70 0.01
18.701 178.51 -0 .0 1 17.647 171.84 - 0.01
22.625 176.36 -0 .0 1 20.898 169.55 - 0.01
25.977 174.67 -0 .0 3 25.088 166.89 0.01
30.282 172.74 0.02 30.032 164.02 0.00

TIBF4 108k = 5.6 KSCN 10s* = 6.0
3.995 190.14 0.00 8.053 182.66 0.00
6.647 187.29 0.01 12.288 178.79 0.00
9.354 184.88 0.00 16.504 175.54 0.00

12.118 182.74 -0 .0 1 19.943 173.20 0.01
15.529 180.44 0.01 22.559 171.55 0.00
19.197 178.22 0.00 25.868 169.60 - 0.01
23.732 175.79 0.00 30.232 167.27 0.00

KSCN 108« =: 18.1
6.920 183.78 - 0.01
9.442 181.25 0.00

12.172 178.85 0.02
15.751 176.04 0.00
18.658 173.98 - 0.02
22.621 171.46 - 0.01
25.594 169.74 0.01

Table II: Conductance Parameters and Averaged Conductance Values

Salt Ao à K a <rA AvAo, Xo + Xo
T1BF4 199.3 ± 0 .1 3 .0 ±  0 .5 14 ± 2 0.04 )
T1BF4 198.95 ±  0.05 3 .1  ±  0.3 14 ±  1 0.02 j- 199.1 90.7 108.4«
T1BF4 199.08 ±  0.01 3 .3  ±  0 .1 15.4 ± 0 .5 0.006 ,1
T1C104 195.12 ± 0 .0 4 3 .1  ± 0.2 32.1 ±  0.9 0.01 1 195.2 91.5 103.7"T1C104 195.21 ± 0 .0 3 3 .1  ±  0 .1 32.4 ±  0.7 0.01 J
KSCN 197.00 ±  0.03 3 .1  ±  0.1 26.3 ±  0.6 0.007 J 197.0 83.6" 113.4KSCN 196.93 ± 0 .0 6 3 .1  ±  0.4 26 ±  2 0.02

“ Reference 1. b Reference 6.

used for the physical properties of acetonitrile were: 
density, 0.7767 g /m l;1 viscosity, 0.003412 P ;1 and 
dielectric constant, 35.95.3

R e s u l t s

The molar concentrations, measured equivalent 
conductances, and solvent specific conductances are 
given in Table I. Analysis of the data was by the 
Fuoss-Onsager theory,4 using their conductance equa
tion in the form

A = A„ — S(Cy) l/2 +  EC y log Cy +

JCy -  K ACyAf

The calculations were performed by the least-squares 
computer program of Kay6 modified for an IBM  360/67 
computer.1 The coefficients have their usual meaning.

(4) R. M. Fuoss and F. Accascina, “ Electrolytic Conductance,” 
Interscience Publishers, Inc., New York, N. Y., 1959.
(5) J. L. Hawes and R. L. Kay, J. Phys. Chem., 69, 2420 (1965).
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Figure 1. Single-ion conductivities in acetonitrile v s .  reciprocal 
crystallographic radii.

The iterated & obtained from the J coefficient was used 
in the calculation of the mean ion activity coefficient /  
in eq 1. The values of A were unweighted. Correc
tions for viscosity were not made. The AA values in 
Table I are the differences between the measured 
equivalent conductances and the values calculated from 
eq 1. The conductance parameters are presented in 
Table II, along with their standard deviations. The 
oA. values are the standard deviations of the data points. 
Also tabulated are averaged limiting equivalent con
ductances and single-ion conductivities obtained from 
these values.

Discussion
In Figure 1 single-ion conductivities in acetonitrile 

are plotted vs. the reciprocal of estimated crystallo
graphic radii. Included are several other ions in 
addition to those studied here.1’6 The low mobility of 
copper (I) relative to the alkali metal ions has been 
interpreted in terms of extensive solvation of this ion by 
acetonitrile;1 the high mobility of silver(I), which also 
interacts strongly with acetonitrile,7 is not so readily 
explained. The mobility of thallium(I) also is high, 
but apparently thallium is not extensively solvated by 
acetonitrile. The standard reduction potential of the 
thallium (1-0) couple in acetonitrile, referred to the 
normal hydrogen electrode in water, is 0.191 V more 
positive in acetonitrile than in water.3 This shift, 
which is larger than that of the potassium or rubidium 
couples, is attributed to strong hydration of thallium(I). 
Therefore the high mobilities of silver and thallium are 
not related in a simple way to the extent of ionic solva
tion.

Association of the thallium and silver salts appears to

correlate with relative stabilization of these ions by 
acetonitrile. Silver tetrafluoroborate and perchlorate 
are' unassociated, whereas the corresponding thallium-
(I) salts have association constants of 14 and 32. If 
ion pairing in these salts is attributed solely to electro
static attraction, the smaller tetrafluoroborate ion 
would be expected to associate to a greater extent than 
the perchlorate. For example, preliminary conduc
tance measurements on alkali metal tetrafluoroborates 
in acetonitrile indicate association constants of ap
proximately 40, roughly twice the values found for the 
corresponding perchlorate salts.8 A possible explana
tion for the reverse relation of the thallium salts is that 
specific interaction occurs between thallium(I) and 
perchlorate.

To obtain more information about solvation in 
acetonitrile, we considered other univalent cations. 
Gold (I) perchlorate has been reported to be stable in 
acetonitrile,9'10 but our attempts to isolate the salt in 
sufficient purity to permit high-precision conductance 
measurements were not successful. Indium(I) under
goes partial disproportionation in acetonitrile,11 and 
mercury (I) apparently forms a dimer in this solvent 
just as it does in water.7 Therefore extension of this 
study to other univalent metal ions was not possible.

As shown in Figure 1, thiocyanate has a higher 
single-ion conductivity than even tetrafluoroborate. 
Most salts of polarizable anions, such as thiocyanate 
and iodide, have relatively high solubilities in aceto
nitrile because a polarizable ion interacts more strongly 
with the solvent. The mobility of iodide appears to 
indicate such interaction, for it falls well below a line 
drawn through the points for the relatively ideal 
tetrafluoroborate and hexafluorophosphate ions in 
Figure 1. The association constant of 11 reported for 
potassium iodide in acetonitrile12 is close to that found 
here for potassium thiocyanate. The anion mobilities 
of these salts, however, are quite different. Again it is 
seen that although association constants generally 
reflect the degree of stabilization of ions by acetonitrile, 
mobilities are more difficult to interpret on this basis.

(6) C. H. Springer, J. F. Coetzee, and R. L. K ay,./. Phys. Chem, 73, 
471 (1969).
(7) I. M. Kolthoff and J. F. Coetzee, J. Amer. Chem. Soc., 79, 1852 
(1957).
(8) H. Yeager, Ph.D. Thesis, University of Alberta, Edmonton, Al
berta, 1969.
(9) A. D. Goolsby and D. T. Sawyer, Anal. Chem., 40, 1978 (1968).
(10) G. Bergerhoff, Z. Anorg. Allgem. Chem., 327, 139 (1964).
(II) J. B. Headridge and D. Pletcher, Inorg. Nucl. Chem. Lett., 3, 
475 (1967).
(12) G. J. Janz, A. E. Marcinkowsky, and I. Ahmad, Electrochim. 
Acta, 9, 1687 (1964).
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Comments on “ Onsager’s Reciprocal Relation. 

An Examination of Its Application to a 

Simple Process”

Sir: Although the inaccuracies of the note by Bresler 
and Wendt* 1 are very clear for anyone who has worked 
in this field, we feel it necessary to point out these 
inaccuracies, because the note may give rise to un
justified doubts about the general validity of the ORR 
for membrane processes.

The only limitation to the application of the ORR is 
the restriction to linear processes, that is to small forces 
and fluxes. If Bresler and Wendt consider that: 
" . . .  a true diffusive flow will vanish for sufficiently 
rapid bulk flow across an open membrane” (p 265, 
column 2, section 2),1 they implicitly admit that their 
argument breaks down for small bulk flow, which is the 
necessary condition for validity of the ORR.

However, it is our feeling that Bresler and Wendt 
have no intention or arguments to assume nonlinearity 
of forces and fluxes in open membranes. What they 
actually say is that Lp is very large in an open mem
brane, so in their eq 6

Jv = LpAP Z/fdAII (6)

the second term of the right-hand side is already 
negligible for very small values of AP. Hence, they 
put Lpd =  0 (14). This is patently incorrect. The
fact that Lpd A ll LpAP means only that LpD is very 
small, but does not imply that LPD = 0 exactly. More
over, a term can be very small compared to another 
term in (6) without being small in comparison to other. 
terms in another equation like (7)

J d = LdpAP -f- LnAn (7)

So the conclusion is that LdpAP can be measurable 
without violating the ORR.

The failure of their reasoning can be illustrated with 
still more “ quantitative arguments.”  By confronting 
their eq 11

•/d =  (csA/c s -  1)LPAP +  (csA/cs -  1)LpdAII (11)

with eq 7, the following expressions for the coefficients 
of AP and A ll result

Ldp =  (csA/c s — l)L p 

Ld =  (csA/c s — 1)L?d =  0
(12)

Now the combination of LD = 0 and LPD = 0 causes 
serious difficulties in a necessary condition which must

be satisfied in the case of a positive entropy production. 
This condition, easy to derive from eq 1 of the note and 
mentioned by de Groot and Mazur,2 is given by the 
inequality

L pL d Y ^ L pd +  L dp) 2

Insertion of Ld =  0 and Lpd =  0 into this condition 
leads to an absurdity.

Recently, we have tested the ORR in our laboratory 
for different sugar solutions in water, using rather open 
Vycor glass membranes.3 See Table I.

Table I

Membrane Solute ~Lpd/Lp — Ldp /Lp

2 Sucrose 0 . 1 9 8 “ 0 . 2 0 4 “

1 Mannitol 0 . 1 2 4 0 . 1 3 0

3 Mannitol 0 . 1 1 2 0 . 1 0 6

1 Raffinose 0 . 2 8 0 . 3 0

3 Raffinose 0 . 2 5 0 . 2 4

“ Estimated limits of error: — L p d / L p, 1 - 3 % ;  —  L d p / L p ,

3 - 5 % ,

These data are obtained by using an osmometer 
earlier described by Talen and Staverman.4 The 
reflection coefficients (last column of the table) are 
measured by an ultrafiltration procedure given by 
Talen4 with a permeability of about 30 mm3/hr atm, a 
pressure difference of 2.5 atm, and equal concentration 
of 5 g/1. for all solutes on both sides of the membrane.

The quantity — LpD/Lp has been determined by 
osmotic experiments, with various concentration dif
ferences, remaining nearly constant during the period of 
measuring. Varying AP in steps from about 0.2 till 1.0 
atm, we can measure the corresponding Jv, running 
from 5 till 20 mm3/hr. A plot of Jv vs. AP yields a 
straight line and with An given, — L pd/ L p is calculated 
from the slope and intercept according to (6).

The average concentrations (in g/1.) during the 
osmotic experiments are given in Table II.

From our data, it is obvious that the ORR are not in
validated in the case cA 5̂  cs, as intended by Bresler and

(1) E. H. Bresler and R. P. Wendt, J. Phys. Chem., 73, 264 (1969).
(2) S. R. de Groot and P. Mazur, “ Non-Equilibrium Thermo
dynamics" North-Holland Publishing Co., Amsterdam, Chapter 
IV, Paragraph 1.
(3) J. A. M. Smit, thesis to be published.
(4) J. L. Talen and A. J. Staverman, Trans. Faraday Soc., 61, 2794 
(1965).
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Table II

CSA csB ¿8 (csA/cs -  1)

Sucrose 15.71 0.81 5.03 2.12
11.57 1.58 5.02 1.30

Mannitol 10.00 2.03 5.00 1.00
9.64 2.17 5.01 0.92
8.74 2.58 5.00 0.73
8.21 2.76 5.05 0,64

Raffinose 10.03 2.02 5.00 1.01
10.02 2.02 5.00 1.00
9.24 2.31 5.00 0.85
8.76 2.51 5.00 0.75

Wendt, but are quite reasonably valid. We conclude 
that there is no ground whatever for the assertion that 
the validity of the ORR should not be secured for open 
membranes. The limit of the linear region should be 
explored experimentally before the ORR may be 
applied rigorously. However, it is our impression that 
this region is rather wide for most membranes and 
certainly it is the region which should be and is the 
subject of most studies on permeabilities of membranes.
C h e m i c a l  L a b o r a t o r i e s  J .  A. M. S m i t

U n i v e r s i t y  o f  L e i d e n  A. J .  S t a v e r m a n

L e i d e n , H o l l a n d

R e c e i v e d  J u n e  12, 1969

Reply to Communication of Smit and Staverman

Sir: Smit and Staverman1 have pointed out no 
inaccuracies in our recent paper, although the data 
they present do help to clarify our original argument.

First, let us consider the alleged inaccuracies. Their 
inference that we had no intention of considering non- 
linearities in the flow equations is unfounded, and their 
assumption concerning our definition of an open 
membrane is incorrect. An open membrane is defined 
in our paper by the sentence preceding eq 13 and by 
that equation: “ An expression for LPD can be inferred
from the definition of an open membrane, i.e., Jv does 
not depend on An but is directly proportional to AP.

Jv =  LpAP (13)”

That nonlinearity, i.e., dependence of transport co
efficients on the forces, is a problem with the membrane 
transport equations is strongly implied by eq 12, 
derived by Smit and Staverman from our paper, which 
explicitly show coefficients Lop and Lo to be strong 
functions of the concentrations csA and csB and hence the 
thermodynamic force All. Finally, the fact that Lo 
and Lpo are zero for the open membrane under the 
experimental conditions specified in our paper does not 
lead to an absurdity. The inequality relating the four 
phenomenological coefficients was derived by deGroot

by assuming those coefficients to be independent of the 
thermodynamic forces; fir  the situation we discussed, 
the coefficients L d p  and Lo were shown to depend on 
the force All, and hence the inequality could not be 
expected to hold.

Now let us consider the data presented by Smit and 
Staverman. Although the membrane they used is not 
open according to our definition, their values for 
— Lpo/Lp = a (the Staverman coefficient) are small 
and our criticism should be approximately applicable to 
their work. We spécifiée no condition for the measure
ment of <t, since Lpo was defined to be zero, but in 
agreement with most workers in this field,2 we consider 
a and Lp, and hence Lpo, to be reasonably constant and 
independent of AP and ÙU. The osmotic experiments 
of Smit and Staverman for determining <r were per
formed at nonzero values for All and AP and violate 
none of the requirements for the validity of the Onsager 
relation specified in our paper. To obtain our theo
retical expression for L op/L p we described an experi
ment which involved bulk flow of solution A into B 
with All held constant at RT(csA — csB); Smit and 
Staverman’s ultrafiltration experiments for measuring 
Lop/Lp involved bulk flew of A into B with All held 
vanishingly small, i.e., with csA ^  csB. For our ex
periment we stated that ‘ . . . the Onsager relation will 
be satisfied only if csA = 5S- This condition is satisfied 
for the special case of bulk flow across an open mem
brane on either side of which csA = csB = cs . . . ■” 
Thus the ultrafiltration experiments of Smit and 
Staverman satisfied our specified condition for the 
validity of the Onsager relation, and their osmotic 
experiments were performed under conditions which led 
to no nonlinearities in the flow equations such as those 
described in our paper.

Our criticism as origi rally stated is therefore not 
refuted by the results cf Smit and Staverman, nor 
should our criticism be eensidered trivial or obvious, as 
implied by those authors, because of the supposed 
wide range of linearity cf the transport equations for 
most membranes. In fact, when bulk flow exists, the 
coefficients Lo and Lop are strong functions of An even 
for relatively small values for the bulk flow, Jv- We 
demonstrated this particular kind of nonlinearity by 
using a thought experime it and mathematics instead of 
making actual physical measurements to determine the 
region of linearity. Thi latter procedure would be 
required, for example, to determine when the hydraulic 
conductivity coefficient Lp becomes dependent on AP. 
The situation we discussed is quite analogous to the 
variation of o>, the coefficient of solute permeability, 
with Jv. In a recent paper,3 we showed that whenever

(1) J. A. M. Smit and A. J. Staverman, J. Phys. Chem., 74, 966
(1970).
(2) K. S. Spiegler and O. Kedem, Desalination, 1, 311 (1966).
(3) E. H. Bresler and R. P. Wendt, Science, 163, 944 (1969).
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mass transport by convection is comparable with mass 
transported by diffusion, then o> is constant, and hence 
the flow equation in which it appears is linear, for 
vanishingly small concentration differences only.

For partially selective membranes, Spiegler and 
Kedem2 and Patlak, et al.,* showed that the local 
linear equations of irreversible thermodynamics must 
be integrated across the membrane subject to ap
propriate boundary conditions in order to obtain 
“ overall”  membrane transport equations which, al
though nonlinear, at least contain coefficients that do 
not depend on the forces AP or All. According to eq 
5b of ref 2 and eq 4 of ref 4, for the ultrafiltration 
experiments of Smit and Staverman the solute flow 
would be given by

J  s —  ( 1  v )  C s J  V  (  1 )

where cs = csA =  csB and the concentration gradient 
does not appear because cs =  csA = csB. The coeffi
cient a appears in eq 1 as a result of the application of 
the Onsager relation to the local linear flow equations 
before integration across the membrane. Letting 
Je/Jv = csout and rearranging eq 1 we have

( 7 = 1 -  (c8°ut/c sin) (2)

where csout and csin are the concentrations of effluent and 
feed solutions, respectively, for an ultrafiltration experi
ment. Now, even without the application of irrevers
ible thermodynamics, which contains in this case the 
rather restrictive requirement of membrane homogen- 
iety in addition to the other usual assumptions, eq 2 
sensibly seems to state an equivalence between the re
jection (or reflection) coefficient of ultrafiltration ex
periments performed under conditions of negligible

transport by diffusion and the Staverman coefficient of 
osmotic experiments. For the experiments of Smit and 
Staverman, performed with All =  0 and hence no ap
preciable diffusive transport, eq 7 of their communica
tion simplifies to

. / d  =  ( J s / C s )  -  f 'w / w  =  L d p A P  ( 3 )

Using AP = Jv/Lp and Pw/ W~  Jv, eq 3 becomes after 
rearrangement

Js = ( i  +  CsJv (4)

Comparing eq 1 and 4 we see that Smit and Staverman 
found —Lop/Lp =  <r, which serves to confirm for Vycor 
glass membranes what has been frequently observed for 
other partially selective membranes at high bulk flow 
rates,6 namely, the previously stated equivalence be
tween <r and the rejection coefficient measured in the 
virtual absence of diffusion. For ultrafiltration exper
iments where diffusion is appreciable, we expect Smit 
and Staverman would find — L d p / L p  ^  <7.

(4) C. S. Patlak, D. A. Coldstein, and J. F. Hoffman, J. Theor. Biol., 
5, 426 (1963).
(5) J. S. Johnson, Jr., L. Dresner, and K. A. Kraus, ‘ ‘Principles of 
Desalination,” Academic Press, New York, N. Y., 1966, Chapter 8.

D e p a r t m e n t  o f  C h e m i s t r y  R. P. W e n d t

L o y o l a  U n i v e r s i t y

N e w  O r l e a n s , L o u i s i a n a  70118

V e t e r a n s  A d m i n i s t r a t i o n  H o s p i t a l  E .  H .  B r e s l e r

a n d  D e p a r t m e n t  o f  M e d i c i n e  
T u l a n e  U n i v e r s i t y  S c h o o l  o f  M e d i c i n e  
N e w  O r l e a n s , L o u i s i a n a  70140

R e c e i v e d  S e p t e m b e r  16, 1969
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