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Low-temperature chemical ionization studies of dilute mixtures of CH4 (g) in Ü2(g) have revealed new as­
pects of the mechanism for the proton transfer reaction CH4D+ + CH4 —  CH3D + + CH5+. The second- 
order rate constant measured under zero repeller field conditions and low source pressures of CH4 is tem­
perature independent from 83 to 155°K, indicating zero activation energy for the process. The rate con­
stant decreases with increasing temperature between 155 and 300°K. For T  (source) = 83°K, (second 
order) = (3.7 ±  1.0) X  10 9 cc/molecule sec, which is approximately two orders of magnitude higher 
than values reported for temperatures near 300°K. Enhancement of the rate of the proton transfer reac­
tion at low temperatures is examined in terms of the effects of repeller fields and thermal energies of the 
reactants. The kinetics of the process at increased CH4 densities is interpreted by a mechanism involv­
ing a limiting steady-state behavior with respect to CH4D+ ions. A detailed kinetic analysis of the proton 
transfer reaction involves consideration of the activated intermediate (T^HsD+l*.

Introduction
Thermoneutral proton transfer reactions of the type

+ ND3 — V NftH + ND4+ (1)

have long been of interest to investigators of ion-molecule 
reactions. Most of these bimolecular processes are fast in 
the ion-molecule sense (k  = 1  x  1 0  9 cc/molecule sec) . 1 

Aquilanti and Volpi2 observed the process

CH4D+ + CH4 — - CHJD + 0H.+ (2)

in a high-pressure mass spectrometer study of D2-CH 4 

mixtures at 300°K. Lawrence and Firestone have investi­
gated reaction 2  as the chain-propagating step, in radia­
tion-induced exchange experiments of isotopic methanes 
at 298 and 195°K in the pressure range 0.85-0.95 atm .3 

The observed initial rates of CH3D formation are equiva­
lent at both temperatures and are consistent with a bi­
molecular rate constant, k  ~ 1 X 10- 1 2  cc/molecule sec 
in this regime. With a tandem in-line arrangement of two 
mass spectrometers Abramson and Futrell have deter­
mined the rate constant for the reaction

CD5+ + CH4 — » CH4D+ + CD, (3)

of 3.3 x 1 0 " 1 1  cc/molecule sec at 300°K.4 Chong and

Franklin have found that high-pressure ion-molecule 
reactions of CH4-CD 4 mixtures at ~40C°K produce 
CD4H+ and CH4D+ in high concentrations. 5 Their ulti­
mate analysis shows that reactions of the type 2 and 3 
proceed at rate constants qualitatively in agreement with 
Futrell’s value and that virtually all the methanium ions 
are formed through reactions of isotopic methane ions 
with methane.

The observation in our laboratory that reaction 2 pro­
ceeds more rapidly at low source temperatures than at 
room temperature stimulated the investigation which fol­
lows.

Experimental Section
The low-temperature chemical ionization source used in 

the present investigation has previously been described.6 

The mass analyzer is constructed from an Extranuclear 
270-9 quadrupole spectrometer and a 24-stage Mg-Al par­
ticle multiplier. Details of its construction have also been 
considered previously. 6 The only noteworthy modification 
is the addition of a second 4-in. diffusion pump mountec 
to provide differential pumping for the ion source region.

M ateria ls. Methane-d4 (minimum isotopic purity of 99 
atom % D) was obtained from Merck Sharp and Dohme.
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94 Robert C. Pierce and Richard F. Porter

All other gases were Matheson reagent grade. The gas 
purities were checked by running neat high-pressure spec­
tra (Ps > 0.20 mm) of the reagents both at low and high 
temperatures and comparing the observed ion intensities 
with published spectra.

P roced u re. The pressure (P s) range of investigation was 
between 0.02 and 0.35 mm and the temperature range be­
tween 83 and 310°K. Premixed samples of CH4 :D2 were 
employed in the dilution range 1:24 to 1:2600. Chemical 
ionization spectra of CH4 :H2, CD4 :D2, and CD4:H2 

mixtures with molar compositions of 1:24 and 1:230 were 
also investigated. Spectra of CH4 :D2 mixtures with com­
positions 1:99 and 1:49 were recorded at 84°K under 
source field strengths varying from 0 to 25 V/cm.

Results
The exothermic proton transfer reaction of H3 ' to 

CH4 (AH  =  —25 kcal/mol) yields CHs+ and CH3 + (de­
composition product of [CH5 +]*) as previously observed. 2 

By increasing the source pressure from 0.05 to 0.20 mm 
the relative intensity of CH3+ is reduced considerably due 
to the enhanced collisional stabilization of [CHs+J*. The 
secondary ions C2H5+ and C2H3 + appear in the more con­
centrated mixtures in low relative intensity as a result of 
secondary reactions involving ions formed by direct elec­
tron impact ionization of CH4. As the ion source is cooled 
at constant pressure the CH3+ ion decreases in intensity 
relative to CH5+. At temperatures below 140°K (Ps = 0.22 
mm) the C2H9+ ion produced by the condensation reac­
tion of CH5+ with CH4 appears in low relative intensity.7 

The C2H9+ intensity increases with decreasing source 
temperature to 80°K, the lowest temperature attainable 
experimentally. For a gas mixture of H2 :CH4 = 24:1 at Ps 
= 0 . 2 2  mm the ratio 2/(CH5+)/27; was found to be con­
stant within the limits 0.51 ± 0.05 in the temperature 
range 83-200°K.

In studies of CH4 :D2 mixtures the formation of CH5+ at 
290°K by reaction 2  is observed. The /(CH5 +)//(CH4D + ) 
ratio is relatively insensitive to temperature from 310 to 
250°K. However at about 250°K the intensity of CH5+ in­
creases as that of CH4D+ decreases until the source 
reaches 140°K; at lower source temperatures the /(CH54)/ 
7(CH4D~) ratio approaches a limiting value of about 1.8. 
This behavior and that observed for a CD4-H 2 mixture is 
indicated in Figure 1 . Apparent multiple proton transfer 
processes are not observed within the limits of our sensi­
tivity.

Experimental ion intensity measurements for the CH4- 
D2 system over a wide range of composition are indicated 
in Figure 2. In Figure 3 are shown data illustrating the ef­
fect of composition as gas mixtures become more concen­
trated in CH4. It is significant to note that for all compo­
sitions of D2 :CH4 greater than 100:1 at least 99% of the 
total ionization is accounted for by the major ions D3*, 
CH5+, and CH4D + and smaller contribution from D5 4 

(ions formed by electron impact of CH4 under these con­
ditions are negligible).

The effect of pressure on the ion intensity ratio /(CH5+)/ 
/(CH4D + ), observed for a gas mixture with composition 
CH4 :D2 = 1:196 is shown in Figure 4. Under these condi­
tions the relative hydrocarbon intensities are sufficiently 
large for high precision measurements. It should be noted 
that in the pressure dependence data (Figure 4 ) at any 
source pressure above 0.15 mm the ratio 2[/(CH4D+) + 
/(CH5 +)]/97, is constant within experimental observation. 
The effect of temperature on the relative intensities of

Figure 1. Semilog plots of / (C H 5- ) / / ( C H 4D + ) and / (C D 5 + ) /  
/ (C D 4H + ) vs. 103/T:  sample compositions, C H 4:D 2 = 1:24 (Ps 
=  0.22 mm) and CD4:H2 =  1:250 (P s =  0.16 m m), respective­
ly; field strength (E ) =  10.0 V /cm .

Figure 2. Relative intensities of m ajor ions in Cl spectra of 
CH4- D 2 m ixtures as a function of sample composition (£ =  
10.0 V /c m ).

methanium ions observed with CH4-D 2 and CD4-H 2 

mixtures is shown in Figures 1 and 5, respectively.

Discussion
The absence of C2 H3+ or C2H5+ in the chemical ioniza­

tion spectra of dilute mixtures of CH4 in D2 indicates that 
processes due to ions arising from electron impact of 
methane, i.e.

CH,+ +  CH„ CH3 +  CH5+ (4)

are of minor importance. As indicated in Table I processes 
involving CH3+ by primary ionization do lead to produc­
tion of C2H5+ ions in low relative abundance. However, 
under these conditions the intensity of CH5+ due to reac­
tion 4 is but a minor fraction of the total CH5+ intensity. 
In these systems the higher proportions of the mixed iso­
topic species (C2 H4D~, etc.) arise predominantly from the 
processes

ch2d + HD
ch3+ + d2; + (5)

chd2+ h2

k =  1.7 X 10- 10 cc/molecule sec

CHD+ HD
ch.2+ + d2; + (6 )

CD,+ H,
k = 3.1 X 10 141 cc/molecule sec

and subsequent reaction of the product ions with CH4 . 8 

Reactions of the type

T h e  J o u r n a l  o f  P h y s i c a l  C h e m is t r y ,  V o l .  7 8 , N o .  2, 1 9 7 4
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TABLE I: Mass Spectra of Isotopic 
Methane—Hydrogen Mixtures

m / e Ion I i / z l i m / e Ion I i / Z l i

C H 4: H 2 = P s  = c d 4: D 2 = P s  =

1 :2 4 0 .2 2  m m 1 : 24 0 .2 2  m m
T  = T  =

83  ° K 8 3 ° K
3 h 3 + 0 .3 3 6 0 6 d 3 + 0 .2 1 5 0

15 c h 3 + 0 .0 0 4 6 18 c d 3 + 0 .0 4 4 2
16 c h 4 + 0 .0 0 2 6 20 c d 4+ 0 .0 3 4 2
17 c h 5+ 0 .5 1 0 0 2 1 c d 4h  + 0 .0 5 2 6
29 c 2h 5+« 0 .0 9 8 7 2 2 c d 5+ 0 .4 2 7 0
33 c 2h 9 + 0 .0 4 0 7 30 C 2D 3 +a 0 .0 4 9 3

34 c 2d 5+ 0 .0 9 2 0
41 C 2D sH  + 0 .0 1 7 7
42 C 2H 9 + 0 .0 6 6 4

C H 4: D 2 = P s  = c d 4: H 2 = P s  =
1 :2 4 0 .2 3  m m 1 : 24 0 .2 2  m m

T  = T  =

83  ° K 8 3 ° K
6 d 3 + 0 .2 4 0 0 3 h 3 + 0 .3 1 2 0

16 c h 4+ 0 .0 4 0 9 2 0 c d 4 + 0 .0 3 7 2
17 c h 5+ 0 .4 0 0 0 2 1 c d 4h  + 0 .3 1 4 0
18 c h 4d  + 0 .2 5 3 0 2 2 C D 5 + 0 .2 1 4 0

29 C 2D oH  +“ 0 .0 0 2 1
29 c 2h 5+ 0 .0 1 3 1 30 C 2D 3 + 0 .0 2 1 5
30 c 2h 4d  +« 0 .0 1 0 8 31 c 2d ,h  + 0 .0 0 8 1
31 C 2H 3D 2 + 0 .0 1 4 9 32 C 2D 3H 2 + 0 .0 2 1 6
32 C 2H 2D 3 + 0 .0 0 9 0 33 c 2d 4h  + 0 .0 1 7 8
33 c 2h 9 + 0 .0 1 4 1 34 c 2d 5+ 0 .0 0 8 9
34 C 2H sD  + 0 .0 0 2 1 41 c 2d 8h  + 0 .0 0 8 9

42 c 2d 9 + 0 .0 2 3 8

n Possible minor contributions from N?D + or NsH^ impurities.

Figure 3. T h e  ra tio  / ( C H 4D  + ) /7 ( C H 5~ )  fo r  C H 4- D 2 m ix tu re s  as 
a  fu n c t io n  o f s a m p le  c o m p o s it io n  (E =  1 0 .0  V / c m ) :  e x p e r im e n ­
ta l p o in ts  (O )  an d  c a lc u la te d  v a lu e s  ( ■ )  ( r e p re s e n t in g  s e c o n d -  
o rd e r  k in e t ic  b e h a v io r  in th e  l im it in g  re g io n ) .

CH5+ +  D2 — - CH4D+ + HD (7)
in principle can account for substantial ion interconver­
sion. Numerous workers8-10 have demonstrated that this 
reaction does not occur however to a noticeable degree in 
a high-pressure ionization source at high temperatures. 
We rule this out as a possible reaction for CH5+ consump­
tion at 83°K since the CH5+ precursor, CH4D+, is not ob­
served to undergo exchange with D2 to form CH3D2 +. The 
occurrence of reaction 7 at 83°K is hence also considered 
to be unlikely.

K in etic  A nalysis. For the kinetic analysis of reaction 2, 
we will discuss separately results for two experimental re­
gimes. The following reaction sequence will be referred to 
in our kinetic analysis.

Figure 4. R e la tiv e  in te n s it ie s  o f m a jo r  io n s  in  th e  C l s p e c tra  o f 
C H 4- D 2 as  a fu n c t io n  o f s o u rc e  p re s s u re  (E =  1 0 .0  V / c m ) .

Figure 5. S e m ilo g  p lo ts  o f / (C H 5 + ) / / ( C H 4D + ) vs. 1 0 3/T :  s a m ­
p le  c o m p o s it io n s , C H 4:D 2 =  1 :2 4 0  (P s =  0 .1 5  m m ) ;  E =  ( • )  
10 V / c m  a n d  ( O )  0 .0  V /c m .

D2+ +  D2 —-*■ D3+ +  D (8)

D3+ + CH4 D, + CH4D+ (9)

CH4D+ +  CH4 CH,D +  CH,+ (2)

CH4D+ + CH4 C2HaD+ (10)

CHS+ +  CH4 C2H9+ (11)

The second-order rate constant ko reported at 300°K is
1.44 X 10- 9  cc/molecule sec. 1 1  The rate constant fei(H), 
obtained by Burt, e t  a l ,  for the reaction H3 + + CH4 —>■ 
H2 +  CHS+ at 298°K is 1.6 X 10- 9  cc/molecule sec. 12 An 
exponential decrease in /(Da ‘ ) for very dilute mixtures of 
CH4-D 2 is observed as noted in Figure 2 . In that range of 
composition where /(CH5 ') is negligible and CH4 is con­
sumed by reaction 9 alone a determination of fti(D) may 
be made if the mean residence time (rr) of the D3 + ions 
can be determined. The mean drift velocity of an ion in a 
region of high E / P  (region of experimental measurements) 
has been calculated by Wannier. 13  Wannier predicts that

J _  =  2tt d P (n a )U2
r (cd> 0.9048E k T  K ’

where d is distance from the electron beam to the ion exit 
hole in cm, P  is the source pressure in dynes/cm2, n is the 
reduced mass of the ion and D2 molecule in grams, a  is 
the polarizability of the neutral gas in cc, E  is the field 
strength in statvolts/cm, k is Boltzmann’s constant, and 
T  is in °K. Using d = 0.50 cm, P  =  2.92 x 102 dyn/cm2, fi

The Journal of Physical Chemistry, Vol. 78, No. 2, 1974
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iô'°i_______ l_______ i_______ i_______ i_______ i_______ i_______ lì
3 2 0 0  1600 8 0 0  4 0 0  2 00  100 5 0  25

Figure 6 . V a lu e s  o f k , a n d  k2 a s  a  fu n c t io n  o f s a m p le  c o m p o s i­
tio n  ( tru e  ra te  c o n s ta n ts  a re  in d ic a te d  b y  s o lid  l in e s ) .

= 4.00 X 10- 24 g, a  =  0.79 X 10~ 24 cc, E =  3.3 X 10~ 2 

statvolts/cm, and T  = 83°K we obtain rr(D3 +) = (4.70 ± 
0.40) x 10- 6  sec.

Use of the pseudo-first-order relationship

Jfea(D)
R T  (  1 \ [  J(P3+) 1

PfCHi) \rr(D3+)/ L n /°(D3+)J
(13)

allows us to evaluate fei(D) at 83°K (see Figure 6 ). For the 
range of dilute composition we find fei(D) = (2.4 ± 0.2) X 
1 0 ~ 9 cc/molecule sec which, when corrected for isotopic 
factors, yields &i(H) = (3.3 ± 0.2) X 1 0 9 cc/molecule 
sec. Comparison of this result with that obtained at 298°K 
shows that k i  is not strongly dependent on temperature; 
we expect that ko behaves similarly.

P ro ton  T ransfer M ech a n ism  at L ow  M eth a n e  D en sity . 
In Figure 3 a plot of the ion current ratio 7(CH4D+)/ 
7(CHs+) v s . P(E>2 )/P(CH4) indicates that reaction 2 fob 
lows second-order behavior for very dilute mixtures of 
CH4 in D2 . Deviation from second-order behavior is noted 
for mixtures of D2 :CH4 with compositions less than 800:1 
(compare experimental data with extrapolated curve in 
Figure 3). In the limb of low partial pressure of CH4, 
reaction 2  is the rate-limiting step and evaluation of k 2 may 
be made through the relationship

k2
R T  (  1 \ T 7(CH4D+) I

P(CH4) Vrr:CH4D+)/ L 7°(CH4D+)J (14)
From eq 12 we obtain for the CH4D+ residence time, rr = 
(5.50 ± 0.40) X 10_ 6 sec. This leads to a value of k2 for 
reaction 2 of (2.7 ± 0.2) X 10- 9  cc/molecule sec. The true 
CH4D+ residence time is probably slightly shorter than 
that calculated from eq 1 2  since the average drift distance 
for a CH4D+ ion is expected to be shorter than that as­
sumed from the source geometry. Thus the true value of

V/cm.

k2 is probably slightly greater than that calculated. An 
alternate procedure for calculation of k 2 will be discussed 
subsequently.

Analysis of zero field data in the regime where reaction 
2  is the rate-limiting step in the proton, transfer analysis in­
dicates that k2 has essentially zero activation energy 
(from Figure 7 A E  =  +0.06 ± 0.10 kcal/mol from 83 to 
155°K). Thus at higher temperatures the reduced reaction 
rate must reflect temperature-dependent preexponential 
factors in the rate constant. In the region of low tempera­
ture where the ratios of CHs+/CH4D+ approach a con­
stant value (Figures 1 and 5) we observe k2 attaining a 
collisionally limited maximum value.

P roton  T ransfer M ech a n ism  at H igh CH± D en sities . As 
the CH4 density in the ion source is increased (Figure 3), 
the rate of production ~>f CH4D+ through reaction 9 ap­
proaches the rate of disappearance of CH4D+ through 
reaction 2. Under these conditions we expect the intensity 
CH4D+ to reach a steady-state value with respect to 
source pressure above a minimum value when the ratio of 
CH4 to D2 in the gas mixture is constant (Figure 4). At high 
source pressures and increased ion drift distances (or long­
er ion residence times) a steady-state condition for 
CH4D+ should be determined by equating the rates of 
reactions 9 and 2. In the limit of high ion residence times 
this leads to the approximate expression

k j k ,  = 7(D3+)/7(CH4D+) (15)

From the data in Figure 4 we obtain k2/k\ = 2.0 and from 
the data in Table I we obtain k2fk\ ~ 1.0. Although these 
results can not be taken to give an accurate value for k2, 
they do indicate that k2 and k\ are nearly equal in magni­
tude at 83°K. We thus set k2 = (3.7 ± 1.0) x  10~ 9 cc/ 
molecule sec.

T em p era tu re  D ep en d en ce  M ea su rem en ts . Explanation 
of the enhancement of reaction 2  with decreasing temper­
ature involves a detailed kinetic analysis of the micro­
scopic processes represented on the macroscopic scale by 
k2. Reaction 2 may be viewed as the complex process

C H 4D + +  C H 4 4 ^  [C jH s D -T  —  C H 5+ +  C H 3D  (16)
*-n

with deactivation

[C ,H gD +] *  +  M  — ► C2H 8D + +  M  (17)

Energetics of complex formation enter into the analysis 
of the complex lifetime and its decomposition mechanism. 
The results of experimental measurements of mean ion 
energies in chemical ionization sources indicate that the 
relative kinetic energy of reactant ion and molecule is at 
most four times the total internal energy under our oper-

The Journal of Physical Chemistry, Voi. 78. No. 2, 1974
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T I M

FIELD STRENGTH (VOLTS/cm)

Figure 8. The ratio /(C H 5 + ) / [ / (C H 5 + ) +  /(C H 4D + )] vs.  T and 
field strength at P s =  0.15 mm: sample compositions, ( • )  
CH „:D 2 =  1:240 ( E  =  10.0 V /c m ) a id  (□ )  D2:CH4 =  200:1 (T  
=  84°K), respectively.

ating conditions. 1 4  At 83°K the internal energy of the 
reactants is about 0.11 eV and hence the upper limit for 
their relative kinetic energy is about 0.44 eV. With this 
information a rough estimate of the lifetime of the inter­
mediate [C2HgD +]* may be attempted by application of 
KRK theory. 1 5  The lifetime is represented by

r = 10-I3[(£ -  E*'i/E~\1~s sec (18)

where S is the number of “ active” vibrational modes of 
the complex, E  is the sum of the relative energy and in­
ternal energy of the reactants, and the \AH\ for the con­
densation reaction, and finally E *  is the threshold energy 
for complex decomposition. The values of |A7i| and E *  
were taken as 0.17 eV ; 7 the maximum S is 27. For relative 
kinetic energies less than 0.44 eV r is calculated. As the 
kinetic energy of CH4D+ decreases toward the thermal 
limit t  increases to about 1 0 - 6  sec for a source tempera­
ture of 83°K.

In reviewing the data it is now evident that proton 
transfer occurs only in those processes where CH4D ‘ plus 
CH4 yield a long-lived [C2H8D+]*. It is through this com­
plex that the transfer occurs. In proposing the following 
structure for [C2H8D+]* we see two possible reaction 
pathways. Structure 19a on statistics alone should repre­
sent 20% of all complexes and structure 19b 80% if H and 
D attach are equally probable. Activated decomposition of 
these complexes should yield for (19a) purely CH4D plus 
CH4 by rupture of the three center bond and for (19b) a 
mixture of CH4D+ + CH4 and CHs+ + CH3D. Correlation 
of the low-temperature limiting behavior of the /(CH5 + ) / 
7(CH4D+) ratio to the decomposition mechanism in-

F ?  1
*

F ?
CH4I)+ H v j / H H\ l / H

X
H. ,H D

> c
H ^ i^ H

+  — *• tl j y '  Ti 
T ' '/ Y \

It I

or
ch4

H H
(a) (b)

(19)

volves a detailed analysis of the kinetic factors governing 
CH5+ and CH4D+ production. At higher temperatures we 
merely see the effects of diminished complex formation 
and hence lower incidence of complex decomposition to 
yield the CHs+ ion. Under conditions in which complex 
formation approaches high efficiency (i.e ., low tempera­
ture and high gas densities) it is anticipated that the 
complex decomposition will govern the observed /(CH5 ' )/ 
/(CH4D+) ratio. For increasingly more dilute mixtures the 
extent of complex formation decreases due to the de­
creased CH4D+-CH4 collision number.

As the data in Figure 8  show, an increase in source re- 
peller field results in a decrease in the rate of proton 
transfer from CH4D to CH4 (reaction 2). The effect is 
too large to be ascribed solely to lowering of the ion resi­
dence time at higher fields. As noted in Figure 8 , the ef­
fect of repeller field parallels roughly that due to tempera­
ture. Since the initial kinetic energy of a reacting CH4D+ 
ion is important considering the mechanism of proton 
transfer, the effect of repeller field is not surprising. The 
dramatic curvature in the temperature dependence mea­
surements, obtained with zero and nonzero field condi­
tions (Figure 5), reveals the combined effects of repeller 
field and temperature on the rate of reaction 2. At low 
temperatures efficient quenching of the kinetic energy of 
CH4D+ arising from thermal and electrostatic effects is 
apparent.

A ck n ow led g m en t. We are grateful for support by the 
Army Research Office— Durham, North Carolina, and the 
National Science Foundation (Grant No. GH 33637) 
through the Materials Science Center, Cornell University.

References and Notes
(1) M. S. B. Munson and F. H. Field, J. Amer. Chem. Soc.. 87, 4242 

(1965).
(2) V. Aquilanti and G. G. Volpi, J. Chem. Phys.. 4 4 , 2307 (1966).
(3) R. Fl. Lawrence, J r ., and R. F. Firestone, J. Amer. Chem. Soc.. 87, 

2288 (1965).
(4) F. P. Abramson and J. H. Futrell, J. Chem. Phys.. 45, 1925 (1966).
(5) Shuang-Ling Chong and J. L. Franklin, J. Chem. Phys.. 55, 641

(1971).
(6) R. C. Pierce and R. F. Porter, J. Amer. Chem Soc.. 95, 3849 

(1973).
(7) F. H. Field and D. P. Beggs. J. Amer. Chem Soc., 93, 1585 

(1971).
(8) M. S. B. Munson, F. Fl. Field, and J. L. Franklin, J. Amer. Chem. 

Soc., 85, 3584 (1963).
(9) T. Fl. Pratt and R. Wolfgang, J. Amer. Chem. Soc., 33, 10 (1961).

(10) S. Wexler, J. Amer. Chem. Soc., 85, 272 (1963).
(11) B. G. Ruben and L. Friedman, J. Chem. Phys.. 37, 1636 (1962).
(12) J. A. Burt, J. L. Dunn, M. J. McEwan, M. M. Sutton, A. E. Roche, 

and Fl. I. Schiff, J. Chem. Phys.. 52, 6062 (1970).
(13) G. H. Wannier, Bell Sysl. Tech. J.. 23. 170 (1953).
(14) G. G. Meisels, C. Chang, J. A. Taylor, and G. J. Sroka, Abstracts, 

20th Annual Conference on Mass Spectrometry and Allied Topics, 
Dallas, Tex., June 1972, p 331.

(15) H. S. Johnston, “ Gas Phase Reaction Rate Theory," Ronald Press, 
New York, N. Y., 1966.

The Journal of Physical Chemistry, Voi. 78, No. 2, 1974



98 H. Gagnon, G. J. Collin, and C. Bertrand

Photolysis of 2-Methyl-1-butene at Photon Energies below and above the Ionization 
Energy

Hélène Gagnon, Guy J. Collin,* and Claude Bertrand

Département des Sciences Pures, Université du Québec à Chicoutimi, Chicoutimi, Québec, Canada GFH 2B1 
(Received February 2, 1973; Revised Manuscript Received October 24, 1973)
Publication costs assisted by département des Sciences Pures, UQC, Chicoutimi, Quebec. Canada

We have studied the fragmentation of the 2-methyl-l-butene molecule at 8.4 eV which essentially leads 
to the formation of allene, isoprene, and ethylene as well as methyl, teri-pentyl (addition of the hydrogen 
atom to the double bond), and ethyl radicals. The measured ka/kc (methyl/tert-pentyl) ratio is of the 
order cf 1.6 ± 0.2. The isomerization of the excited molecule is a negligible process, at least between 0.05 
and 200 Torr (6.6-26,000 Nm-2). The above characteristics are found at 10.0 and at 11.6-11.8 eV with, in 
addition, the formation of 2-methyl-2-butene. The data suggest that an ionic mechanism is probably in-
volved in the formation of this compound.
11.6-11.8 eV it is 0.33 ± O.OI5.

Introduction
Although photochemical studies of simple olefins are 

plentiful in the near-ultraviolet and in the vacuum ultra­
violet,1-5 the C5 olefins have not been subjected to system­
atic research except in rare cases.2b>c'6 Recently, we stud­
ied the photochemistry of normal pentene7 and we also 
began a study of cis-2-pentene.8 This article which deals 
with the photolysis of 2-methyl-l-butene at 8.4, 10.0, and
11.6-11.8 eV emphasizes mainly (1) the fragmentation 
reactions of the excited and superexcited molecules; (2) 
the fragmentation of pentyl radicals formed by the addi­
tion of a hydrogen atom to the double bond; and (3) the 
possible ionic reactions.

Experimental Section
Most of the experimental techniques have already been 

described.5,7 The kryp-on lamp is equipped with a CaF2 

window which cuts out the 116.5-nm line. The argon lamp 
(11.6-11.8 eV) has also been described in the literature.9 
The 2-methyl-l-butene was an API product (99.90 ± 
0.08%) previously degassed under high vacuum and at a 
low temperature. The analysis of the starting material 
shows only the presence of isoprene (0.024%), 1-pentene 
(0.020%), and 2-methyl-2-butene (0.046%). The actinome- 
try was carried out by comparing the yields obtained to 
those of the products of the photochemistry of isobutene 
in similar conditions for the three lamps at 1.0 and 10 
Torr.4,10 The separation of 1-butene from isobutene was 
accomplished on a column of n-octane/Porasil C 120/150 
mesh (Chromatographic Specialities Ltd.).

Results
The irradiation of 2-methyl-l-butene gives a linear 

graph for the yields of all products against time (Figures 1 
and 2). Thus, providing that the percentage of transfor­
mation of the monomer remains less than 1%, one might 
ignore the reactions involving the products resulting from 
the fragmentation of the monomer. In the presence of oxy­
gen (5%), the isobutene quantum yield increases sharply 
at lower pressures. Other quantum yields do not appear to 
be affected by the pressure, at least between 13 and 1330 
Nm-2. At 8.4 eV, the quantum yields of the C5H10 prod­

At 10.0 eV the ion quantum yield is O.2 O7 ± 0.005 and at

ucts are negligible: 4KC5H1 0 ) < 0.005 (Table I). At 10.0 
eV and at 11.6-11.8 eV, the quantum yields and distribu­
tion of the products are similar to those obtained at 8.4 
eV, even in the presence of oxygen (Table II). Table III 
shows the yields of the higher boiling compounds formed 
when oxygen is not present. The quantum yield of 2- 
methyl-2-butene, formed in the presence of oxygen, is 
also sensitive to various additives (Table IV).

The ion current formed during the 10.0- and the 11.6-
11.8-eV photolysis was recorded at several pressures be­
tween 40 and 1330 Nm-2 (0.3-10 Torr), and compared 
with the ion current obtained for isobutene: 4>io.o(ion) = 
0.20710 and 4>n.6-ii.8(ion) = 0.31.4 Results are shown at
10.0 eV (Figure 3), and similar results were found at
11.6-11.8 eV. Independent use was made of the two cells 
of a double cell, such as described in ref 9.

Discussion
A . R adica l R ea ction s. The presence of oxygen in the 

sample has an important effect on the yields of methane, 
ethane, propane, etc. (Tables I—III). Mainly, if not com­
pletely, these products are formed by a radical mecha­
nism. The ethane is formed completely by the combina­
tion of two methyl radicals since there is no formation of 
n-butane. The 2,2-dimethylbutane is formed by the com­
bination of methyl and te r t-pentyl radicals whereas the 
latter are formed by the addition of a hydrogen atom to 
the double bond of the monomer. Although the ratios of 
the rate constants of reactions la, lb, and lc are not 
known, reaction la might be considered insignificant and 
from what is known of the 1-butene and 2-butene systems, 
kia /ki is of the order of 0.02.11 Reaction lc is probably of 
lesser importance12 still. Therefore, as a first approxima­
tion, one might consider that all the thermal hydrogen 
atoms add to the terminal methylene group of the mono­
mer. At 8.4 eV, 3-methylpentane, which should be formed 
by the combination of the methyl and the 
C2H5CH(CH3)CH2 radicals, is a minor product. At 10.0 
eV, its quantum yield is O.OI3. Taking into account the 
yield of 2,2-dimethylbutane, this indicates (all things 
being equal) that at 8.4 eV the k lc /kn, ratio is less than or 
equal to 0.02; at 10.0 eV the same ratio is equal to 0.12.
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Figure 1. Relative yields of decomposition products vs. irrad ia­
tion time: incident energy 8.4 eV; total pressure 22,160 N m ~2 
(2-m ethyl-1-butene 175 N m - 2 ; 0 2 10 N m - 2 ; balance helium).

TABLE I: Photolysis of 2-Methyl-l-butene at 8.4-eV 
Ionization Energy
2-Methyl-l-bu- 230-665 1330 133 44 6.6 -7.6

tenea
Ch“ 10-33 6.6
He° 76,000

Irradiation timeft 30-330 30 60 15 15
%  transfor- 0 .9d 0.75 1.6 3.0 7.5
mationc

Methane 0.03« 0.14 0.04 f f
Acetylene 0 . 0 0 6 0 . 0 1 O.OO9 0 . 0 0 5 0 . 0 0 7

Ethylene 0.088 0 . 1 1 0.090 0 . 0 7 7 0 . 1 0

Ethane 0 . 0 0 6 0.55 0 .044“ 0 . 4 9 0.83
Propene 0 . 0 1 7 O.O2 7 0.032 0.06s 0.05
Propane 0 . 0 0 2 0.06 C.OO4  1

0  1 1
0.16

Propyne 0.06 0.07 O.O8 3  j 0.09
Propadiene 0.45 0.45 0.45 0.45 0.45
1-Butene O.OO3 0 . 0 2 O.OI5 I 0.04
Isobutene 0 . 0 2 0.06 0 . 1 0 )0.16 0.50
1,3-Butadiene 0.032 0 . 0 2 0 . 0 2 ) 0 . 0 2

1,2-Butadiene O.OI4 0 . 0 1 2 O.OI3 O.Oli 0 . 0 1

Isoprene 0.15 f f f f

a In N m -2. b In minutes. c % transformation — (C2 +  C, +  C« +  Cs) X
100/[2-methyl-l-butene). d Six analyses between 30 and 330 min, final value. 
« Quantum yields. 7 Not measured. 0 Ethane yield decreases at higher oxygen 
concentration.

The increase in this ratio is in agreement with the obser­
vations already made with other systems. 5 ’ 8 At least at
10.0 eV a fraction of the hydrogen atoms do not behave 
like thermal atoms. The tert-pentyl radicals which are 
formed in reaction lb have sufficient internal energy to 
decompose at low pressures. 13

H +  C2H5C(CH3)=C H 2 — » H, + C5H9 (la)

H + C2H6C(CH3)= C H 2 — *■ (C2H5C<CH;,)2)*
AW = -39kcalmol_l (lb) 

H + C2H5C(CH3)=CH2 — -  <C2H5CH(CH3)CH,)* (lc) 

(C,H5C(CH3)2)* —* CH„ +  ¿C4Hs (2)

(C,H5C(CH3),)* +  M —  C2H5aCH3)2 + M (3)
However, this fragmentation is competing with stabiliza­
tion by collision. The yield of isobutene depends upon the 
pressure (Table I). The same holds true for methyl and 
tert-pentyl radicals. At pressures over 1330 Nm - 2  (10 
Torr), the majority if not all of the tert-pentyl radicals are 
stabilized by collision. 1 3  Although the formation of the 
unsaturated radicals (vinyl, allyl, etc.) is not apparent, 
these might, if they are formed, react rapidly with the 
monomer, therefore, not giving rise to radical-radical 
reactions. Such being the case, the only radical-radical

Figure 2. Relative yields of decomposition products vs. irradia­
tion time. Incident energy and total pressure the same as in 
Figure 1: C 4 H . =  I - C 4 H 8 +  / - C 4 H 8 +  1 .3 - C 4 H 6 .

Figure 3. Saturation current vs. voltage obtained during the irra­
diation of isobutene and 2-methyl-1 -butene at 123.6 nm. The in­
cident intensity of the krypton lamp was kept constant.

type reactions to be considered are those involving the 
methyl, ethyl, and tert-pentyl radicals.

CH3 +  ch3 - —  C2H6 (4)

OH + O H 0 H. (5)

CH3 + f-C-Hii — *■ CHj +  C,H10 (6a)

CH, + t-CsHn — ►C2H6C(CH3)3 (6b)

2i-C5Hu — - C5H10 +  rC5H12 (7a)

c c 1 1
2f-C#Hu C— 0 -

1 1
- 0—c—c—c (7b)

C C
The other disproportionation and combination reactions 
are insignificant due to either the low yield of the radicals 
involved or the small rate constants. 14 It has been shown 
that the methylbutenes, formed in reactions 6 a and 7a, 
consist of three 2 -methyl-l-butene and one 2 -methyl-2 - 
butene molecules. 1 5  The quantum yield '{’ (reactions 6 a + 
6 b) equals 0.20 ± 0.05 at 8.4 eV. According to the differ­
ent yields measured, the calculated k^a/keti ratio is 1 . 6  ± 
0.2. 1 6  This value is close to that reported in the photolysis 
of trimethylethylene. 1 7  The Cg olefins may be formed by 
at least two mechanisms: the first involving the methyl 
and the substituted butenyl radicals, the second involving 
the singlet methylene radical and the monomer. In vacu­
um ultraviolet photochemistry, methylene radicals are 
produced in the singlet state. 18  One may assign a limiting
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T ab le  I I :  Q u a n tu m  Y ie ld s  in  th e  P h o to lys is  o f  2 -M e th y l- l-b u te n e  above Io n iz a tio n  E nergy

2-Methyl- l-butenea 1330 1330 133 133 6.6 1330 1330 133 133 8.0
Oia 66 10 66 10

Incident energy 10.0 10.0 10.0 10.0 10.0 11.7 11.7 11.7 11.7 11.7

Methane 0.07s 0.15 0 . 0 2 4 0.15 0 . 1 9 5 0 . 0 4 3 0 . 1 2 7 0 . 0 2 2 0 . 1 7 7 0 . 2 1 5

Acetylene O.OI3 O.OO5 0 . 0 1 0 . 0 0 8 0 . 0 2 4 0 . 0 0 8 0 . 0 0 9 0 . 0 0 9 O.Oli 0 . 0 1 7

Ethylene 0.092 0.08 0 . 1 1 5 O.O8 3 0 . 1 0 5 0.072 0 . 0 7 3 0 . 0 9 3 0 . 1 2 0.092
Ethane O.OO9 0.45 0 . 0 2 8 * 0.494 0.67 O.OO7 0 . 2 0 5 0 . 0 0 5 0.50 0.35
Propene 0 . 0 1 8 0 . 0 2 0 . 0 2 1 0 . 0 2 4 0.030 O.OI3 0 . 0 1 7 0 . 0 1 5 0.033 0 .3 i
Propane
Propyne jo . 04 j o .062 0 . 0 0

0.06
0.05
0.06 >0.097

)
j o . 0 2 g J>0.05 0 . 0 0 4

0 . 0 2

0.088
0 . 0 2 5

jo .0 7 5

Propadiene 0.32 0.32 0.32 0.32 0.32 0.25 0.25 0.25 0.25 0.25
C J V c O.O6 2 0 . 1 1 0 . 1 1 0.35 0.045 0.04s 0 . 1 2 O.I 6 3 0.263
1,2-Butadiene 0 . 0 2 3 c 0 . 0 2 2 0 . 0 2 0 0.03 O.OI5 O.OI7 0 . 0 1 6 0 . 0 2 6 0.031
2-Methyl-2-butene 0.46 c 0.35 0.515 0.50 1.54 1.84 0.275 0.79 0.42
Isoprene c c c 0 . 1 0 0.08 c c 0.06 0.05 c
a In Nm b 1-Butene -(- isobutene L 1,3-butadiene. c Not measured. d Ethane quantum yield decreases at higher oxygen concentration.

TABLE III: Photolysis of 2-M ethyl-l-butene 
at 8.4 and 10.0 eV“

2-Methyl-l-butene, N m _z 1750 1330
Incident energy, eV 8.4 10.0

Isopentane 0.07'' 0 . 0 5 7

2-Methyl-2-butene 0.05 0.246
2,2-Dimethylbutane 0.16 O.IO7

1-Methyl-l-ethylcyclopropane 0 .0 1 2 0 . 0 0 6

2,3-Dimethyl-l-butene 0 . 0 1 2 O.OI5

2 -Methyl-l-pentene 0.03 0.03
3-Methylpentane 0 .0 0 2 0.013
2-Ethyl-l-butene 0.04 0.037
3-Methyl-2-pentene (cis +  trans) O.OO5 0 .0 2

3,3-Dimethylpentane* 0 . 0 2 d
C,o= 0.04 d

a All yields are 0.00 in the presence of 5% added oxygen with the exception
of 2-methy 1-2-butene in the krypton photolysis (see Table II). b 
yields. c Uncertain retention time. d Not measured.

Quantum

TABLE IV: Irradiation o f 2-M ethyl-l-butene
at 10.0 eVa

Additive (%) 4>(2-methyl-2-butene)

0 . 3 5

SF 6 (5,10) 0.24r„ 0.22 7

N 20  (5) 0.27
C,Hsfc (5,10) 0.23, 0.25
N H 3 (5,10) 0.16e, O .I 6 2

CH 3 CeH 9‘ (5,10) 0.30, 0.20*
a 2-Methyl-l-butene pressure; 133 N m -2 (1.0 Torr) in all the experiments; 

5%  oxygen added; irradiation time, 30 min. b Toluene.c Methylcyclopentane. 
d In this experiment the isopentane yield is lower than 0.02.

value of 0 . 0 2  to the yield of the methylene radicals, since 
the yield of 1 -methyl-l-ethylcyclopropane is zero in the 
presence of oxygen. 1 9  The substituted butenyl radicals are 
formed by at least two mechanisms

C,H5 C(CH3 )= C H ,  +  h* —-v H +  C5 H9  (8 )

0 K.CiCII )= C H  +  R — *• RH +  C5 H„ (9)

where R is a radical liable to react with the monomer. De­
pending upon the structure of the C5H9 radical which 
reacts with the methyl radical, the reaction provides one 
of the olefins mentioned in Table III. It is then possible to 
take into account all these radical-radical reactions and 
compile the radical quantum yields (Table V).

B  F ra gm en ta tion  o f  th e 8 .4 -e V  E x c ited  2 -M e th y l - l -b u ­
ten e  M olecu le . The absorption of photons leads to the for­
mation of excited molecules. These molecules may be sta­
bilized by collision, or decompose, as in reactions 1 0 - 1 2 .

TABLE V: Radical Yields in the Photolysis of 
2-M ethyl-l-butene

Incident energy, eV

8.4 10.0

c h 3 1 .44 ± 0 .15 1 .24 ± 0 .15
H 0 .45 ± 0 . 1 0 0 .41 ± 0.. 1 0

C 2 H 5 0 .07 ± 0 .03 0 .07 ± 0 .03
CH. 0 . 0 2 ± 0 . 0 1 0 . 0 2 ± 0 . 0 2

C 3 H s 0 .08 =h 0 . 0 2 0 .08 ± 0 . 0 2

Total 2 .06 ± 0 .31 1 .82 ± 0 .32

r i i(:(11 •cii + h  —*  (c2h5c<ch3) = ch2)** (io)

(C2H5C(CH3)=CH2)** +  M —* CoH5C(CH3)=CH, + M (11)
(for other C3Hln isomer)

(C,H3C( CH3) = CH> )** — -  products (12)

At 8.4 eV, the quantum yield of the C5 H1 0  isomeric com­
pounds is very low: 4>(isomeric C5H1 0 ) < 0 .0 1 . Then, if 
the excited molecule isomerizes, it will decompose before 
being stabilized by collision. Furthermore, the products 
analyzed in presence of oxygen have quantum yields inde­
pendent of pressure. One may conclude that the stabiliza­
tion by collision of the 8.4-eV excited molecules is not an 
important process. Only the decomposition reactions 
should then be considered. The products of this decompo­
sition are similar to those obtained in the photolysis of 2 - 
methyl-2-butene1 7  and of 3-methyl-l-butene, 20 but their 
relative yields are quite different. Thus, isomerization of 
the excited molecule, if it occurs, is a process of minor 
importance, and fragmentation is very fast. The main 
product is allene.

(C,H5C(CH3)=CH 2)** — >- c3h4 +- c3h6
AH  =  34 kcal mol - 1  (13a)

(C,H5C(CH3)=CH,)** — * C:,H4 + 2CH:J
AH =  116kcal m oF 1 (13b)

(C2H5C(CH3)==CH,)** —* C3H4 + C2H3 + H
AH  =  130 kcal mol - 1  (13c) 

Reaction 13a should be insignificant due to the low quan­
tum yield of molecular ethane (i.e ., formed in the pres­
ence of oxygen): 4>(13a)/$(13) < 0.03. From the measured 
quantum yields of the radicals (Table V), the 4>(13c)/ 
4>(13b) ratio is lower than 0.13 at 8.4 eV. The formation of 
isoprene is also important.

(C2H5C(CH3)==CH2)** — - C5H8 + H2

AH =  27 kcal mol - 1  (14a)
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(C2H5C(CH3)=CH2)** — » C5H8 + 2H
AH = 131 kcal mol- 1  (14b)

No comment is made about the &i4a/fei4b ratio since the 
yield of molecular hydrogen has not been measured. How­
ever, reaction 14b is in agreement with an important for­
mation of hydrogen atoms. Other less important reactions 
following the fragmentation of the excited molecule are 
also responsible for the formation of 1,3- and 1,2-buta­
dienes, ethylene, etc.

(C2H5C(CH3)=CH2)** — *■ C4H„ + CH4(CH3 + H) (15a) 

(C2H5«CH3)=CH2)** — * C2H4 + -  ? (15b)
These reactions, thermodynamically possible, are however 
too numerous and cannot be discussed in detail here. The 
total yield of tlje measured molecular products is about 
0.9. It appears again that stabilization is not an important 
process even at a total pressure of 200 Torr. The fragmen­
tation of these excited molecules leads to the formation of 
one molecular product and two stable radicals. In the 
2 0 0 -nm gaseous flash photolysis, the predominant fate of 
the excited 2 -methyl-l-butene molecule is the fission of 
the /3(C-C) bond to give stable methyl and /1 -methallyl 
radicals.2 1

C. Ion ic R eaction s. The results obtained at 10.0 and
11.6-11.8 eV (Table HI) show that the decomposition of 
the superexcited molecules gives essentially the same 
products. However two remarks should be made. The first 
deals with the decrease in the quantum yields of the prod­
ucts due to the formation of excited ions (ionization po­
tential of 2-methyl-l-butene: 9.12 eV22)

(C2H5 C(CH3 )=CH 2)** -
[(C2H5 C(CH3)=CH 2) + ]* + e- (16)

The recorded ion current (Figure 3) shows that the ion 
quantum yields are the following: 0.207 ± 0.005 at 10.0 eV 
and 0.33 at 11.6-11.8 eV. In addition, in the presence of 
oxygen, the 2 -methyl-2 -butene quantum yield is altered 
by sulfur hexafluoride, nitrous oxide, toluene, methylcy- 
clopentane, and ammonia in various proportions. Nitrous 
oxide and sulfur hexafluoride are known to be good elec­
tron scavengers. Therefore, the negative species issued 
from the capture by SF6 or N20 interferes with one (or 
several) precursor of 2-methyl-2-butene. Toluene, methyl- 
cyclopentane, and ammonia generally do not react with 
the chemical products in the gas phase, with the excep­
tion of ions. Consequently, an ion-molecule reaction be­
tween the parent ion (or any other ion issued from this 
parent ion) and one of the three mentioned additives in­
terferes with the formation of 2-methyl-2-butene. Then, in 
presence of oxygen, 2 -methyl-2 -butene is formed via the 
parent ion. In fact it is difficult to accept that this prod­
uct is formed by an electron during the neutralization of 
the parent ion in the homogeneous phase since the result­
ing molecule would be similar to an excited molecule in 
the energy range studied here. It would thus decompose to

aliéné and other products. We must admit either a neu­
tralization on the walls or other ionic reactions. It is wor­
thy to note that the isomerization reactions of the C4H8H 
ions have already been observed.23

[C2H5aCH3)=C H 2+] * =S=*[M+]* =f=* [((CH,)2C= CHCH,)+]* ( 17)

Toluene is liable to react with the 2-methyl-l-butene ion 
by charge transfer and eliminate part of the formation of 
this product. Methylcyclopentane is liable to react by hy­
dride (H- ) transfer since there is no formation of isopen­
tane (Table IV). Nevertheless a kinetic chain mechanism 
should be called upon to take into account the high 2 - 
methyl-2 -butene quantum yield which is larger than the 
ion quantum yield at 10.0 eV and larger than unity even 
in the presence of oxygen at 11.6-11.8 eV. At these ener­
gies, the excited parent ion has sufficient energy to de­
compose since the appearance potential of C4 H7 ' frag­
ment ion is 10.85 eV .24
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Radiolysis of Liquid Hydrocarbon-Nitrous Oxide Solutions. The Precursors of 
Nitrogen1
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When nitrous oxide is added to liquid alkanes, the yield of nitrogen #(N2 )hc that results from energy ini- 
tially absorbed in the hydrocarbon increases to a plateau value when the nitrous oxide concentration is 
increased. The plateau value g(N2)Hc = 5.2 ± 0 . 2  has been observed to extend over a 40-fold range of 
concentration in liquid ethane. The same plateau value has been observed in propane, extending over a 
fivefold concentration range. Similar plateaus exist in cyclohexane and methylcyclopentane, and appear 
also to exist in cyclopropane and neopentane. Secondary reactions involving oxygen-containing anionic 
intermediates do not form nitrogen in these solutions. Nitrogen results from the reaction of nitrous oxide 
with primary radiolytic species. The primary species appear to be mainly electrons, but a small contri­
bution from neutral excited molecules cannot be excluded. The yield of primary species that react with 
nitrous oxide to form nitrogen is ^(primary species)Hc = 5.2 ± 0.3 in ethane, propane, cyclopropane, neo­
pentane, methylcyclopentane, and cyclohexane.

Introduction

The yield of nitrogen from the radiolysis of solutions of 
nitrous oxide in liquids is related to the yield of electrons 
scavenged by the nitrous oxide. 2 However, the total 
amount of nitrogen formed is commonly believed to be 
greater than the number of electrons scavenged. 3 9 This 
belief is based on the following observations that, taken 
together, seem quite convincing.

(1) For several hydrocarbon solvents, the nitrogen yields 
from solutions containing more than 3 mol % nitrous 
oxide (G(N2) > 5) 3 ' 5 7 9 is greater than the gas-phase ion­
ization yields in the hydrocarbons (G(ionization) = 4). On 
the other hand, the yields of alkyl radicals R generated by 
the reaction e- + RX —>■ R + X - in cyclohexane, extrapo­
lated by a particular method to infinite alkyl halide con­
centration, 6 gave the result G(scavengable e'l'extr = 4.0, 
whereas in gas-phase cyclohexane G(ionization)s = 4.4. 10

(2) The decrease in hydrogen yield caused by the pres­
ence of nitrous oxide in a hydrocarbon during radiolysis is 
smaller than the nitrogen yield, i.e., G(N2 )/AG(H2) > 
l.O. 2"5 ' 7 9 It has sometimes been assumed that each elec­
tron results in the formation of one molecule of hydrogen 
during the radiolysis of an alkane in the absence of nitrous 
oxide.

(3) A plot of G(N2) against nitrous oxide concentration 
does not reach a plateau value at high concentrations, but 
G(N2) continues a gentle increase. This might indicate 
that progressively more nitrogen is formed by secondary 
reactions as the nitrous oxide concentration is increased. 2-9

(4) The reaction O- + N20 —  N2 + 0 2~ had been re­
ported to occur in a mass spectrometer1 1  and seemed to 
be a reasonable candidate for the above-mentioned secon­
dary reaction. It would supposedly follow e - + N20 —* N2 

+ O - .
(5) Nitrogen was formed when nitrous oxide solutions in 

alkanes were photolysed with 147-nm light, 12 thereby sup­
porting a suggestion that the “ extra nitrogen” in irradiat­
ed solutions might be termed by the reaction RH* + N20 
—*• N2 + products, 4 where RH* is a neutral, excited mole­
cule.

Recent information leads one to examine the signifi­
cance of each of the above points.

Radiation-induced electrical conductance measure­
ments have shown that ionization yields in liquids can be 
much greater than those in the corresponding gases. 1 3  In 
argon, krypton, and xenon the ratios of the liquid- to gas- 
phase ionization yields were estimated to be 1.9, 3.2, and 
3.0, respectively. 1 3  The fact that nitrogen yields from so­
lutions of nitrous oxide in organic liquids can be ~1.3 
times the gas-phase ionization yield in the same com­
pound might simply indicate a larger ionization yield in 
the liquid phase.

The equation used to extrapolate organic halide scaven­
ger results to infinite scavenger concentrations6 is arbi­
trary and might not be correct. The observation that 
G(scavengable e - ) 1e x t r  < G(ionization)g might not, there­
fore, imply that G(ionization) 1 < G(ionization)s.

When nitrous oxide was added to a number of normal, 
branched, and cyclic alkanes, the magnitude of AG(H2) 
varied greatly from one hydrocarbon to another, while 
G(N2) varied relatively little. 7 The value of the ratio 
G(N2 )/AG(H2) was greater than unity in all cases, and 
was greater in branched than in normal or cyclic alkanes. 
It has been demonstrated that only a portion of the neu­
tralization reactions in branched alkanes lead to hydrogen 
formation in the absence of additive, 1 4 ' 1 5  and the same 
might be true of other alkanes. The fact that G(N2)/ 
AG(H2) > 1.0  does not, therefore, imply that some of the 
nitrogen was formed by secondary reactions.

Points 3-5 are evaluated below, with reference to a 
study of the radiolysis of liquid nitrous oxide. 16

Plateau Values of £ (N 2) hc

The present work is mainly concerned with the yield of 
nitrogen that results from energy initially absorbed in the 
hydrocarbon, g(N2 )Hc- The value of G(N2) from a solution 
includes the nitrogen formed by the direct radiolysis of ni­
trous oxide

G(N2) = g(N2 )HCiHC + g(N2 )NeN (1 )

where enc and <n- are the electron fractions of hydrocarbon 
and nitrous oxide, respectively, in solution, and g(N2)N is 
the yield from the direct radiolysis of nitrous oxide in a 
liquid hydrocarbon solution. The value g(N)N = 10.4 ±
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0.5 was recently found to be valid for many hydrocar­
bons. 16  Values of g(N2)Hc can now be obtained from pre­
viously published nitrogen yields.

In ethane1 7  g(N2)Hc rises quickly with increasing ni­
trous oxide concentration, then flattens off and remains 
constant at 5.2 ± 0.2 over a 40-fold range of concentration 
(0.4-18 mol %, see Figure 1). Thus a plateau value of 
g(N2)Hc clearly exists in ethane. In this liquid secondary 
reactions do not generate progressively more nitrogen as 
the nitrous oxide concentration is increased.

In propane1 7  the same plateau at g(N2)Hc = 5.2 was 
reached, but not until 5 mol % nitrous oxide had been 
added (Figure 1 ). A plateau was not observed in cyclopro­
pane, 1 7  but the value g(N2)Hc = 5.2 was attained at 2 1  

mol % nitrous oxide (Figure 1 ). It appears that a plateau 
near to 5.2 exists for cyclopropane.

Values of g(N2)Hc from cyclohexane solutions7 are 
shown in Figure 2. A plateau in yield was reached at 5 
mol % nitrous oxide, above which concentration g(N2)Hc 
= 5.1 ± 0.1. Yields obtained from results of Sato, e t  a l.,3 
and Hatano, e t  a l.,9 parallel those in Figure 2, but are 0.3 
units higher, which would indicate a plateau yield of 5.4. 
When other sets of results are normalized to the same ni­
trous oxide solubility coefficient in cyclohexane, « N , 0  =
2.62,3 most of them2 -4 ’ 6 fall reasonably close to those of 
Sato3 and Robinson, 7 but one set5 is inexplicably 1.2 units 
higher than the average, along the entire concentration 
range. The best value for the plateau yield in cyclohexane 
is taken tobe£(N2)Hc = 5.3 ± 0 .2 .

Yields in methylcyclopentane14  plateaued above 4 mol 
% nitrous oxide atg(N2)Hc = 5.1 ± 0 . 1  (Figure 2 ).

In neopentane18  a plateau had not been reached by 15 
mol % nitrous oxide (Figure 2), but an extrapolation to be 
discussed later indicates that the plateau yield would be 
¿KN2)hc = 5.2 ± 0.3.

Thus, analysis of earlier results from dilute solutions of 
nitrous oxide in alkanes indicates that in each of the six 
liquids, from ethane at 183 K to cyclohexane and neopen­
tane at 297 K, ^(N2)hc has a plateau value near 5.2. This 
agrees with the conclusion from a recent study of solutions 
of alkanes in liquid nitrous oxide that g(N2)H<- = 5.5 ± 
0.5.16

The Question of Secondary Reactions that Form 
Nitrogen

The gas-phase ionization yields in the above hydrocar­
bons are all in the range g(ionization) 8 = 4.0-4.4, so at 
the plateau the nitrogen yield g(N2)1HC = (1.25 ± 0.05)g- 
(ionization)8. Mechanisms that include the postulate that 
g(N2)max = 2g(ionization) 6 -8 are therefore improbable be­
cause they would require that ¿((ionization) 1 = 0.6g(ioni- 
zation)8.

A recent study of the radiolysis of liquid nitrous oxide16  

indicates that an average of 1.5 molecules of nitrogen re­
sult from each ionization in that liquid. Addition of 20 
mol % or more of hydrocarbon to the nitrous oxide ap­
pears to reduce the number of nitrogen molecules result­
ing from each ionization to 1.0. 16  Secondary reactions of 
oxygen-containing anionic intermediates in nitrous oxide 
are completely scavenged by the presence of 1 0 % hydro­
carbon, but 2 0 % is required to completely scavenge the 
N2 0+.

When more than 10 mol % hydrocarbon is present in 
liquid nitrous oxide essentially the only oxygen containing 
product is water, with g(H2 0) = g(N2) at both 183 K 16 

and ~298 K . 9 One may therefore extend a conclusion of
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F ig u re  1 . g ( N 2 )H C  ¡n e th a n e  ( O ) ,  p ro p a n e  ( A ) ,  a n d  c y c lo p r o ­
p a n e  (▲ ) c a lc u la te d  fro m  e q  1 a n d  re s u lts  in re f  1 7  ( t e m p e r a ­
tu re  =  1 8 3  K ) . T h e  c u rv e s  in A  a r e  th e  fro n t  p o rt io n s  o f th o s e  in 
B w ith  th e  h o r iz o n ta l s c a le  e x p a n d e d  2 5 - fo ld .  T h e  p o in ts  in A  
a re  o m it te d  in B to  p re v e n t  c o n je s t io n , b u t th e  c u rv e s  a re  th e  
s a m e .

F ig u re  2 . 9 ( N 2) h c  in c y c lo h e x a n e  ( • ) ,  m e th y lc y c lo p e n ta n e  
( O ) ,  a n d  n e o p e n ta n e  ( ± )  c a lc u la te d  fro m  e q  1 a n d  re s u lts  in 
re f  7 , 1 4 , a n d  1 8 , r e s p e c t iv e ly  ( te m p e r a tu r e  =  2 9 7  ±  1 K ) .

Hatano9 by stating that the possibility of nitrogen forma­
tion via  secondary reactions of negative ions with nitrous 
oxide may be excluded for solutions containing less than 
90 mol % nitrous oxide.

The solutions treated by Schuler and coworkers6 -8 con­
tained only 0.01-5 mol % nitrous oxide. Their proposed 
reaction mechanism involved secondary reactions of an­
ions that are now known to be improbable at the reactant 
concentrations in question. Their treatment should be 
reconsidered from the viewpoint that nitrogen results only 
from reactions of nitrous oxide with primary species.

It appears that when nitrous oxide is used as a scaven­
ger in liquid hydrocarbons 1 . 0  molecule of nitrogen is 
formed for each primary species scavenged. All or most of 
these primary species appear to be electrons. A small con­
tribution from neutral excited molecules cannot be ruled 
out. Independent attempts should be made to determine 
the total ionization yields in liquids to find whether in 
general, as in argon, krypton, and xenon, ionization yields 
are greater in the liquid than in the gas phase.

Scavenging Kinetics

A popularly used equation6 leads one to expect that a 
plot of (g(e- scavenged) -  £n) - 1  against [scavenger] - 1  2
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Figure 3. Plots of (g(N 2) Hc ~  g n ) ~ 1 against [N 20 ] " 1/2 in eth­
ane (O ) and propane (A ) at 183 K, and in m ethylcyclopentane 
(□ )  and neopentane ( +  ) at 297 ±  1 K.

Figure 4. Plots of (g (N 2) Hc -  9 n )~ 1 against [N 20 ] -1 /2  in cy­
clohexane (O ) and neopentane ( +  ) at 297 ±  1 K.

should be linear and have an intercept equal to (g(gemi- 
nate ions))"1. Such linear plots have been obtained for 
radical yields formed by the radiolysis of organic halide 
solutions. 6 However, the use of organic halides RX as 
electron scavengers suffers from complications such as the 
formation of the acid HX, which then competes with RX 
for electrons, 19 and the tendency of the transient ion RX" 
to donate an electron to another scavenger than happens 
to be present. 1 9 -20

A plot of (g(N2)nc -  gn ) _ 1  against [N20 ] " 1 ; 2  for eth­
ane solvent is shown in Figure 3. The free ion yield is gfl 
= 0.13.21 The long, linear portion of the curve extrapo­
lates to the origin, not to (^(geminate ions))-1 . The curve 
is not linear at [N20 ] - 1 ' 2 < 10 M -1/2, but levels out to 
have an intercept of 5 l -1 , which equals (g(scavengable 
primary species) -  gn)-1 , or g(scavengable primary 
species) = 5.2.

Analogous plots for the nitrogen yields from nitrous 
oxide solutions in propane, methylcyclopentane, and cy­
clohexane are similarly shaped (Figures 3 and 4), with lin­
ear portions that extrapolate to the origin, but which 
curve off at [N20] - 1  2 < 5 M 1 / 2  to give intercepts at ap­

proximately 5.1-1 , indicating that g(scavengable primary 
species) = 5.2.

A similar treatment was given the yields from solutions 
in neopentane, which are shown in a normal plot in Figure 
3 to determine the position of the curve and in expanded 
scale in Figure 4 to facilitate the extrapolation. One ob­
tains (¿(scavengable primary species) — gri) = 4.2 ± 0.3, 
sog(scavengable primary species) = 5.2 ± 0.3.

It has been demonstrated that in the low concentration 
portion of ag(N2) us. [N20] curve eq 2 applies1 7

S(N 2) -  g fi = tf[N 2 0 ] 1/2 (2)

where K  is a constant that depends on the solvent. The 
similar eq 3 describes the low concentration portion of an 
electron scavenging us. scavenger concentration curve

^(scavenged e~) -  g fi =  K ' [ S ] 1/2 (3)

where [S] is the scavenger concentration. Equation 3 can 
be obtained by each of three different treatments of 
charge scavenging in spurs. 22 24

The inverse of eq 2 describes the linear portions of the 
curves in Figures 3 and 4. The nitrogen yields are thus 
kinetically compatible with the suggestion that their sole 
radiolytic precursor in these solutions is electrons.

e + N20  — *■ N2 +  O (4)
or

e + N20  — *• N20 ” (5)

N20  + RH + — *■ N2 + products (6)

By assuming that electrons are the sole radiolytic pre­
cursor of nitrogen one may estimate the relative electron 
scavenging efficiencies of nitrous oxide in several hydro­
carbons. They are, taking that in ethylene as unity, ethyl­
ene, 1; propylene, 1; cyclopropane, 3; propane, 11; ethane, 
40.17 According to a simple stochastic model22 the scav­
enging efficiencies are approximately proportional to the 
cube of the electron thermalization ranges. Relative rang­
es are given by the relative values of y min in Table III2 5  of 
ref 17: (yminRH/Vmine t h y l e n e ) 3 = 1.6 in propylene, 2.8 in 
cyclopropane, 14 in propane, and 43 in ethane. The corre­
lation between the above two sets of values seems to 
imply that, if an appreciable amount of nitrogen is formed 
by reaction 7, the competition between (7) and (8 ) also

RH* + N20  — *■ N2 + products (7)

RH* — *• products (8)
correlates with the cube of the electron thermalization 
ranges. Such a correlation would seem surprising. It seems 
preferable to assume that the contribution of (7) is rela­
tively small.
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Electron spin resonance and phosphorescence studies were performed in order to examine the effect of 
dimer formation of benzoic acid on photosensitized radical formation in n-hexane, and it was supposed that 
the dimer is more efficient for photosensitization of n-hexane decomposition.

Introduction
Photosensitized decomposition of paraffins by aromatic 

molecules has been reported by several authors, 1 and the 
mechanism involved is the biphotonic process through 
the excited triplet states. Benzoic acid is known to form a 
dimer by hydrogen bonding2 and acts as a quencher of lu­
minescent molecules. 3 Therefore it would be interesting to 
know whether benzoic acid sensitizes or suppresses the 
decomposition of paraffins by ultraviolet irradiation. In 
this investigation, esr and phosphorescence studies were 
performed to examine the effects of dimer formation of 
benzoic acid on the photosensitized radical formation in 
the solid solution of n-hexane with various benzoic acid 
concentration at -196°. For the purpose of comparison, 
several benzoates were also investigated.

Experimental Section
A spectrograde reagent of n-hexane was obtained from 

Merck Chemical Co. and used without further purifica­
tion. Commercial benzoic acid was purified by zone refin­
ing (at least 50 zone passes) before use. Several kinds of 
benzoates were used without purification of the commer­
cial samples. Gas chromatographic examination showed 
that small amount of impurities if present were other ben­
zoates and we felt that it is not necessary to remove them 
for our study.

The esr apparatus was a JES-3BSX electron spin reso­
nance spectrometer (Japan Electron Optics Lab . ) . 4 The 
ultraviolet light source was a super-high-pressure mercury 
lamp with a lamp house (Ushio Denki Co., Ltd., USH- 
500D). The distance between the lamp and the sample 
was about 60 cm, and a parallel light beam from the lamp 
house was focused on the sample by a quartz lens placed 
just outside the esr cavity. The phosphorescence measure­

ments were made with a Model MPF-2A Hitachi fluores­
cence spectrophotometer at —196°.

Results
The uv light (X >250 nm) irradiation of pure n-hexane 

solid at -196° gave no observable esr signal. On the other 
hand, solid solutions of benzoic acid in n-hexane gave an 
apparent seven-line esr spectrum under the same experi­
mental conditions, as is shown in Figure 1. This spectrum 
is similar to the one obtained after 7 -irradiation of n-hex­
ane solid at —196°5 (c/., Figure 8 a in ref 5), and readily 
attributed to the alkyl radicals of the type 
CH3CHCH2CH2CH2CH3. Since this radical can not be 
derived from the added benzoic acid molecules, it is clear 
that benzoic acid sensitizes the photoinduced radical for­
mation in n-hexane. Figure 2 shows radical growth curves 
measured by esr signal intensities for various benzoic acid 
concentrations. The radical yields after 30-min irradiation 
was plotted against benzoic acid concentration in Figure
3. The maximum yield was obtained for a solid solution of 
concentration of benzoic acid of about 10 4 M . These re­
sults were obtained from rapidly cooled samples.

In Figure 4, the radical yields are shown for rapidly 
cooled and slowly cooled solid solutions of concentration 
of about 1 CL4 M  of benzoic acid in n-hexane. From this 
figure, it is seen that the rapidly cooled sample gave 
greater radical yield than the slowly cooled one. Figure 5 
shows phosphorescence spectra of the rapidly and slowly 
cooled samples. In this case also, the rapidly cooled sam­
ple emitted stronger phosphorescence than the slowly 
cooled one. It should also be noticed here that the phos­
phorescence spectrum of the rapidly cooled sample is that 
of a dimeric form of benzoic acid, while the spectrum of 
the slowly cooled sample is predominantly the spectrum
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Figure 1. Esr spectrum  of free radicals produced in n-hexane 
containing 10 ~4 M benzoic acid after u ltravio let irradiation at 
-1 9 6 ° .

IRRADIATION TIME (mini

Figure 2. Dependence of esr signal intensity on irradiation time 
for the fo llow ing benzoic acid concentrations (the rapidly cooled 
sample): X, 1 X 1 0 " 2 M; A , 1 X 1 ( r 3 M; O, 1 X  10~4 M ;  □ ,
1 X 10 “ 5 M.

of the monomeric form of benzoic acid, 6 although some 
contribution from the dimer was also observed.

When benzoates such as methyl-, ethyl-, n-butyl-, and 
isopropylbenzoates were used as an additive instead of 
benzoic acid, the yield of the alkyl radical from n-hexane 
was small and a sharp singlet spectrum of g  = 2 . 0 0 1  prob­
ably due to benzoyl radicals was also observed. The latter 
radicals are produced by the direct photolysis of the corre­
sponding benzoates.

Discussion
From the facts that the alkyl radical yield depends on 

the rate of cooling of solutions and that the phosphores­
cence spectra also show different characteristic emissions 
for the rapidly and slowly cooled solid solutions, it is rea­
sonable to assume that the efficiency of the photosensiti­
zation of n-hexane decomposition is greater for the dimer 
of benzoic acid than tne monomer. This assumption is 
also supported by the observation that benzoates, which 
can not form a dimer, showed a much smaller yield of 
alkyl radicals.

0  r -  r —  -3
10 10 10 10

CONCENTRATION (mol/ll

Figure 3. Dependence of radical yield after 30-m in irradiation on 
benzoic acid concentration.

Figure 4. Effect of cooling rate on radical form ation: A ,  slow 
cooling (the 10-cm long sample was gradually frozen in liquid 
nitrogen for 4 m in); O, rapid cooling (the sample of the same 
dimension was frozen at —196° rapidly).

Figure 5. Effect of cooling rate on the phosphorescence spec­
trum of 1 0~ 4 M  benzoic acid at —196°: solid line, rapid cooling; 
dotted line, slow cooling.

The Journal of Physical Chemistry, Vol. 78, No. 2, 1974



Reaction of Evaporated Metal Films with Chlorine Gas 107

Dependence of radical formation on benzoic acid con­
centration may be interpreted as follows. At low concen­
tration of benzoic acid, the dimer concentration is small, 
while at concentration greater than 10“ 4 M , some coagu­
lation and the self-quenching of the excited states of ben­
zoic acid might be responsible for smaller radical yield.

A correlation between the radical yields and the phos­
phorescence intensities in the slowly and rapidly cooled 
samples was obtained. This result might indicate that the 
triplet state of benzoic acid is responsible for the photo­
sensitized radical formation in re-hexane. The monomer is 
known to give phosphorescence alone with a high quan­
tum yield of 0.70,7 while the dimer emits both phospho­
rescence ($p = 0.46) and fluorescence ($f = 0.25).6 The 
lifetime of the first triplet state of the dimer (3.1 sec) is 
longer than that of the monomer (2.2 sec). Therefore the 
lower quantum yield of the first triplet state of the dimer 
compared with that of the monomer is compensated for 
by its longer lifetime as a sensitizer involving triplet 
states. Another possibility may involve nature of the trip­
let state, i.e., (n,7r* ) 3 or {w ,w *)3. A further detailed study 
seems to be in order to clarify the nature of the excited 
states of the monomer and the dimer of benzoic acid.

The effect of the cooling rate of solutions on the phos­
phorescence spectrum of aromatic molecules in isooctane 
was reported. 8 Changes of the phosphorescence spectrum 
and the decay time of the triplet states were explained by 
the substantial difference of the crystal fields in which the

impurity molecules are located. The same explanation 
may also be applicable to our present case. On the other 
hand, it is also reported that the equilibrium between the 
monomer and the dimer of benzoic acid inclines toward 
the monomer side at —196°.6 In this case there is a possi­
bility that the cooling rate can affect this equilibrium. In 
fact the phosphorescence spectrum of the rapidly, cooled 
sample was that of the dimer, while the slowly cooled 
sample gave the spectrum mainly of the monomer with 
some contribution from the dimer (see Figure 5). These 
arguments also support our interpretation that the dimer 
of benzoic acid is more efficient than the monomer form 
in the photosensitized radical formation in re-hexane.

A ck n ow led g m en t. The authors are indebted to the 
Sumitomo Chemical Co. for permission to publish these 
results.
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X-Ray Photoelectron Spectroscopic Study of the Reaction of 
Evaporated Metal Films with Chlorine Gas
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The reaction of the evaporated metals iron, nickel, copper, palladium, silver, and gold with chlorine gas 
was investigated by X-ray photoelectron spectroscopy. Three types of chlorine species were observed on 
the surfaces as tne surface reaction proceeded, namely the chlorine ion adsorbed at the metal surface, 
the ion of the surface metal chlorides, and CI2 or Cl adsorbed on the chlorides.

Introduction
Bonding character of adsorbent atoms on metal surfaces 

will vary as the localization of the atom from surrounding 
metal atoms in the course of a surface reaction. Investiga­
tion of such variations helps to elucidate the reaction 
mechanism and provides fundamental knowledge for anal­
yses of corrosive, electrode, and catalytic reactions on 
metal surfaces.

X-Ray photoelectron spectroscopy (XPS or ESCA) is a 
useful tool for the investigation of chemical reactions of 
solid surfaces since the effective sampling depth by XPS 
is smaller than 100 À. In our previous papers, the reac­

tions of evaporated iron1 and nickel2 with O2 and H2O 
were studied by XPS. The surface oxides and the corre­
sponding bulk oxides gave different photoelectron spectra 
and differed in their chemical reactivity with H2 O. Two 
kinds of oxygen ions were shown to exist in the surface ox­
ides of these metals. Similar differences in chemical reac­
tivity were also observed by uv absorption spectra when 
acetylacetone was exposed to iron and manganese surfaces 
and bulk oxides. 3

In the present paper, the reactions of evaporated iron, 
nickel, copper, palladium, silver, and gold with chlorine 
gas (which has higher reactivity than oxygen to noble
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metals) were investigated by XPS in a continuing effort to 
clarify the difference in chemical states between surface 
and bulk compounds.

Experimental Section

Metals were evaporated onto a stainless steel plate from 
an electrically heated tungsten filament at 10 6 Torr in a 
reaction chamber as described elsewhere. 1 The evaporated 
metal film on the plate was then transferred in va cu o  into 
a sample chamber. After the spectrum of the metal was 
recorded, the surface was exposed to chlorine gas in the 
reaction chamber. Iron and nickel surfaces were exposed 
to the gas immediately after evaporation without record­
ing the spectrum of the unreacted metal. The gas was 
then evacuated and the photoelectron spectra of the sur­
face species formed were recorded. Copper was not used 
as a reaction chamber or sample holder material since the 
sample surface was covered immediately with CuCl sub­
limed from these copper surfaces after they were exposed 
to chlorine gas. During the measurement of the spectra, 
the vacuum of the sample chamber was maintained at 
10- 7  Torr.

Spectra were recorded in 0.1-eV steps on a KES-X2001 
(Kokusai Electric Co.) electron spectrometer using A1 Ko 
X-ray radiation. The instrument was calibrated so that 
the difference between the photoelectron peak of Cls ob­
served in the background spectrum and the Fermi level of 
palladium was 285.0 eV. The Fermi level was taken as the 
inflection point of the steep low-energy edge of the 4d 
band from palladium according to Baer, e t  a/ . 4 Binding 
energies of other peaks were calculated using the Cls ref­
erence line. For the ch.orides produced on the metals, 
charging effects were negligible under X-ray bombard­
ment.

Results

The Cl 2p photoelectron lines from evaporated gold ex­
posed to CD are shown in Figure 1. The background spec­
trum for gold in the Cl 2p region is indicated as (a). When 
gold was exposed to CI2 at a pressure of 0.5 Torr for 1 

min, three peaks were observed at binding energies of 
197.0, 199.4, and 201.1 eV as shown by (b). Chlorine 2p 
core levels appear as a doublet splitting at ca. 1.7 eV 
(2 pi/2 and 2 p3/2 ratio 1:2) due to spin-orbit, coupling. Line 
b can be resolved into two doublets when the profile is an­
alyzed on the basis of the spectral line of the metal chlo­
rides, in area ratio of ca. 5:4, the 2p3 , 2 of which are at
199.4 and 197.0 eV, respectively, as shown by dotted lines 
in the lower part of the figure. Gold was exposed, in suc­
cession. to CI2 at a pressure of 10 Torr for 2 min (c) and 
for 10 min (d). Lines e and f were obtained by subtracting 
(b) from (c). and (c) from (d), respectively, in order to 
clarify spectral variations for each reaction step. Both 
lines show two maxima, around 199.3 and 201.1 eV, with a 
weak shoulder around 197.6 eV.

When gold was exposed to Cl2 at a pressure of 10 Torr 
for 10 min, the Au 4f5 2 and 4f7 /2 lines appeared as very 
weak shoulders shifted +2.0 eV from those for the un­
reacted metal. In cases of milder reaction conditions the 
Au 4f lines were the same in shape as those for the fresh 
metal except for a decrease in counting rate.

The Cl 2p and the shiftsd Au 4f peaks decreased in in­
tensity with time (during the spectral measurement), 
probably due to the decomposition of the surface species 
by X-rav irradiation. Therefore, the Cl 2p or Au 4f line

F igure  1. Cl 2p photoelectron lines from  evaporated gold: (a) 
exposed to CL; (b) 0.5 Torr, 1 min; (c) 10 Torr, 2 min; (d) 10 
min; (e) c m inus b; (f) d minus c. The lower figure shows two 
doublets.

F igure 2. Cl 2p photoelectron lines from  evaporated silver ex­
posed to Cl2: (a) 0.1 Torr, 1 min; (b) 1 Torr, 2 min.

was recorded, as quickly as possible (within 2 0  min) after 
starting X-ray irradiation. The order of measurement was 
either Cl 2p, Au 4f, Cl 2p, or Au 4f, Cl 2p, Au 4f. The 
spectra given in the figures are therefore the averaged 
ones. For the other metals described belcw, the same 
measurement procedure was used.

When evaporated silver was exposed to CI2 at a pressure 
of 0.1 Torr for 1  min, the Cl 2pi 2 and 2p3 2 peaks were lo­
cated at 198.8 and 197.2 eV (Figure 2a). Silver was subse­
quently exposed to CI2 at a pressure of 1  Torr for 2  min. 
The Cl 2p peaks shifted +0.5 eV to higher binding energy. 
The silver 3d peaks shifted to lower binding energies on 
oxidation with chlorine and no new peak was observed.

When evaporated palladium was exposed to CI2 at a 
pressure of 0.5 Torr for 30 sec. Pd 3d peaks were the same 
in shape as those for the unreacted metal except for a 5% 
decrease in counting rate. The Cl 2p electrons gave two 
peaks at 197.8 and 199.3 eV with a shoulder on the higher 
binding energy side of the peaks (Figure 3a). The Cl 2p 
line was resolved into two doublets (dotted lines in the 
lower part of the figure) having the 2 p3 2 peak maxima at
197.8 and 199.3 eV, respectively. The metal was subse­
quently exposed to CI2 at a pressure of 1 0  Torr for 1  min 
(b) and for 5 min (c). The Cl 2p3 2 peak at 19S.0 eV was in­
tensified, changing the peak area ratio of the two Cl 2p
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Figure 3. Cl 2p photoelectron lines from  evaporated palladium 
exposed to Cl2; (a) 0.5 Torr, 30 sec; (b) 10 Torr, 1 min; (c) 10 
Torr, 5 min; (d) b m inus a; (e) c m inus b. The lower figure 
shows two doublets.

Figure 4. Pd 3d photoelectron lines from  the same samples as 
Figure 3. M inimum and maximum coun ts /5  sec are w ritten in 
parentheses.

lines, and new Pd 3d peaks appeared, shifted +2.5 eV 
from the unreacted ones (Figure 4b,c).

When copper metal was exposed to Cl2 at a pressure of 
0.5 Torr for 10 sec, the Cl 2p electron counting rate be­
came very high. A difference between maximum and min­
imum counts of 7900 counts/5 sec was observed, com­
pared with about 2000 counts for other metals. The copper 
2 p3/2 peak did not shift and had the same peak width as 
the metal alone, while the spectrum in the valence elec­
tron region changed completely to that of CuCl.

Figures 5 and 6  were obtained from evaporated nickel 
exposed, in succession, to CI2 at a pressure of 0.5 Torr for 
30 sec (a), 10 Torr for 2 min (b), and 10 Torr for 10 min 
(c). The Cl 2 p line of (ai shows two maxima at 198.1 and
199.5 eV. The intensity of the left (199.5-eV) peak is too 
strong to consider the two peaks as a doublet for one kind 
of chlorine species, indicative of the presence of another 
doublet on the high-energy side. Lines d and e of Figure 5 
were obtained by subtracting (a) from (b), and (b) from 
(c), respectively. The maximum of (d) is at 198.7 eV, 
being different from that for (e) at 199.7 eV and indicat­
ing adsorption of a different kind of chlorine species for

109

Figure 5. Cl 2p photoelectron lines from  evaporated nickel ex­
posed to Cl2: (a) 0.5 Torr, 30 sec; (b) 10 Torr, 2 min; (c) 10 
Torr, 10 min; (d) b minus a; (e) c m inus d.

Binding Energy (eV)

Figure 6. Ni 2p3/2 photoelectron lines from  the same samples of
Figure 5 : -----, NiCI2. Minimum and m aximum  coun ts /5  sec are
written in parentheses.

the two reaction steps, in contrast to (e) and (f) of Figure 
1  for gold where the two maxima are at the same binding 
energy of 199.3 eV. The Ni 2 p3 / 2 lines of (a), (b), and (c) 
of Figure 6  indicate the appearance of a shifted peak 
(+3.3 eV from that for the metal). In (b) and (c), a satel­
lite peak was observed at 862.3 eV which can be assigned 
to the peak due to “ shake up” in nickel chloride. The 
peak at 859.8 eV in (a) is due to plasmon energy losses for 
metallic nickel. 4 The dotted curve shows the spectrum for 
NiCl2 powder.

When evaporated iron was exposed to Cl2 at a pressure 
of 10 Torr for 10 sec, a shifted Fe 2 p3 / 2 peak appeared, 
+3.3 eV from the unreacted peak. The spectral variation 
in the Cl 2p lines were similar to that in the case of nick­
el.

The binding energies of the Cl 2 p3 /2 and the respective 
metal core electron peaks observed above are listed in 
part in Tables I and II, with the peak intensities (counts/ 
5 sec) for Cl 2 p3 / 2 obtained by subtracting the background 
counting rate from the peak maximum counting rate. 
The corresponding binding energies for the bulk com­
pounds are also listed.
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TABLE I: Binding Energies CeV) of Cl 2pj , Peaks for Metals Exposed to CL

Fe Ni Cu Pd Ag Au

After 198.4 198.1 198.0 197.8 197.2 197.0
slight (800+ (950) (700) (600) (800) (600)
exposure 
to CI2

199.4 199.4

After 199.0 198.3 198.6 199.0 197.7 199.4
further (4700) (3200) (7900) (2300) (3600) (2 1 0 0 )
exposure 
to Clj

199.9 199.7 197.8 197.0

Bulk 199.0 198.5 198.6 198.7 197.9 198.6
compounds 'FeCD (NiCL) (CuCl) (PdCL) (AgCl) (AuCl)

199.2 199.6 199.0
iFeCL) (CuCl-:) (NaAuCli)

“ Counting rates in the parentheses were obtained by subtracting minimum counts from maximum ones (counts/5 sec).

TABLE II: Chemical Shifts from Metals <eV)

Fe 2p3/ . Ni 2p3 , Cu 2p3 , Pd 3ds Ag 3ds /, Au 4f7

Metals + 3 . 3 + 3 . 3 0 + 2 . 5 -0 .3 + 2 . 0

exposed 
to Cl-

Bulk + 3 . 4 + 3 . 6 - 0 . 3 + 2 . 6 -0 .3 +  1 . 5

compounds (FeCL) (NiCL) (CuCl) (PdCL) (AgCl) (AuCN)
+ 4.7 + 3.0 + 2.3
(FeCL) (CuCl:) (AuCl)

+ 3.5 
(NaAuCL)

Discussion ions on the surface. With an increase in the concentration

In the case of gold exposed to CI2 , the appearance of the 
two Cl 2 p doublets indicates the formation of two kinds of 
chlorine species on the surface. As the surface reaction 
proceeds, the shifted Au 4f peaks appear along with an in­
crease in the intensity of the Cl 2 p peak at merely higher 
binding energies as revealed by curves e and f of Figure 1, 
and these Au 4f and Cl 2p peaks are concluded to come 
from the same compound on the surface. The surface 
compound is either AuCl or an AuCl-like species since the 
shift in Au 4f peaks, +2.0 eV, is similar to those for Au(I) 
species, +2.3 eV for AuCl and +1.5 eV for AuCN, while 
the shift for Au(III) is +3.5 eV (for NaAuCU). The Cl 2p 
peak with lower binding energy and with almost constant 
intensity is discussed later along with the corresponding 
one for Pd and the peaks for other metals.

In the case of silver exposed to CI2 , the binding energy 
of Cl 2p shifted +0.5 eV, with an increase in counting 
rate, toward that for AgCl powder. From the above results 
and the shift of Ag 3d, —0.3 eV, it was concluded that 
AgCl was formed on the surface as the reaction with chlo­
rine proceeded. Binding energies of a peak from positively 
charged atoms are generally expected to be higher than 
those for the neutral atoms. The shift of the Ag 3d peak in 
AgCl is probably explained by the dominant effect of the 
crystal potential opposing the small shift due to the posi­
tive charge of the silver atom. The absence of a positive 
shift was also observed for the Cu 2p peak in CU2O and 
CuCl powder.

After longer (more than 30 min) exposure of AgCl pow­
der to X-ray radiation, the presence of chlorine species 
such as CI2 or Cl occluded by AgCl was revealed by a new 
Cl 2 p3 2 peak around 200.1 eV. According to the effective 
charge-chemical shift relation, a peak from chlorine with 
zero charge is expected to appear around 200.0 eV5 when 
the Cls line (285.0 eV) cue to carbon contamination is 
used as a reference.

In the case of palladium exposed to CI2 , two Cl 2 p dou­
blets also indicate the presence of two kinds of chlorine

of the ion giving the Cl 2p3 2 line around 199.0 eV, new Pd 
3d peaks appeared which were shifted +2.5 eV from that 
for Pd metal, and these peaks were concluded to be due to 
the same Cl compound. The chemical shift for the Pd 3d 
peak, +2.5 eV, and the binding energy of the Cl 2 p3 / 2 

peak, 199.0 eV, are almost the same as those for PdCl2 , 
indicative of the formation of PdCb on the surface.

From the peak area ratio of the shifted and the unreact­
ed Pd 3d peaks (0.05 and 0.2 for spectra c and d of Figure 
3), the thickness of the surface compound formed was es­
timated as follows. The intensity of a photoelectron peak 
from a film of thickness d is represented by Klasson, e t  
a l.,6 as

I d = /.(1 -  exp(—rf/A))

where A is the escape depth, / „ i s  the intensity from a 
thick sample of the same material, and A (/?) = 
const- / ? 0 -5 where E  is the kinetic energy of the ejected 
electrons. The A values for E  of 0.9 to 1.5 keV are smaller 
than 30 A for the several samples reported, such as gold, 6 

carbon, 7 alumina, 6 etc. For the surface chloride of thick­
ness d , the intensity of Pd 3d is

/C'AC(1 — exp( — <//Ac)); //Ac = /„(chloride)

For the metal, the intensity of

I n ' T 0 exp<— .v/Am)dx = /„/An,

is reduced to /m'Am exp( —d/Ac) due to the upper chloride 
layers. When assuming Im'/Ic' =  3 (namely, an approxi­
mate value of the palladium atomic ratio per unit volume 
between the two phases) and the escape depth of 30 A for 
the two phases (the real escape depth is expected not to 
exceed this value), thickness of the surface chloride layer 
can be estimated to be about 4 A and 14 A for cases c and 
d, respectively. When we take a smaller escape depth, the 
thickness is estimated to be less. The above values are 
rough but are probably accurate enough to estimate the 
upper limit.
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Copper metal showed the highest reactivity with CI2 

among the metals investigated. When copper was exposed 
to 0.5 Torr of CI2 for 1 0  sec, the spectrum in the valence 
electron region was identical with that for CuCl, indicat­
ing that multilayers of copper surface surveyed by XPS 
were entirely changed into CuCl.

In the case of nickel, the binding energy of Cl 2p shifted 
to higher values with an increase in intensity and with the 
appearance of a shifted Ni 2 p3/2 peak. The chlorine 2 p3/2 

peak at 198.3 eV and nickel 2 p3 2 at 857.2 eV indicate the 
formation of NiCl2 . However, from the different maxima 
for curves d and e of Figure 5, other types of chlorine 
species are expected to be adsorbed in the surface chlo­
ride. The maximum of curve e located at 199.7 eV is near 
that for C1(0), indicating the adsorption of CI2 or Cl by 
the surface nickel chloride; that it does not result from 
decomposition of the nickel compound is indicated by a 
gradual decrease in its intensity during the spectral mea­
surement. This suggests that an appreciable concentration 
of molecular chlorine is present after multilayers of sur­
face chloride are formed.

In the case of iron, a reaction process was observed 
which was similar to that for nickel. On an iron surface, 
the formation of FeCl2 , not FeCl3 , was ascertained from 
the chemical shift of Fe 2 p3 /2 , in contrast to the case for 
O2 exposure, where Fe(III) was easily obtained. 1 Weakly 
adsorbed CI2 or Cl also exists in the surface iron chloride.

When the counting rate for the Cl 2p peak was less than 
1000 counts/5 sec, the binding energies at the peak were 
lower for Fe, Ni, Cu, and Ag than after further surface 
reaction proceeded, and the difference was most distinct 
for Pd and Au (Table I). As the multilayers of surface 
chloride were formed, this peak became a shoulder of an 
intense peak at a higher binding energy in the cases of Au 
and Pd and became indistinct in the cases of Ag, Cu, Ni, 
and Fe. The counting rate of the former peak for Au and 
Pd varied only slightly, suggesting that the chloride ion 
giving the lower energy Cl 2 p peak is limited in amount of 
thickness. In the case of Pd, the total area of the two Cl 
2p lines for (b) of Figure 4 is two thirds of that for (c) 
where the chloride thickness was estimated to be smaller 
than 4 A. From this, the chlorice thickness for (b) can be 
considered to be less than 3 A. In the case of Cu, the 
counting rate, 700 counts/5 sec, is one-eleventh that for 
the case where the copper was completely changed into 
CuCl to such a depth that the unreacted copper peak 
could not be detected by XPS. When assuming an escape 
depth of 30 A for CuCl, 700 counts/5 sec corresponds to a 
surface chloride with a thickness of about 3 A, that is, 
about one to two monolayers. The thickness of the surface 
chloride may be less if one considers the roughness factor 
of the surface and a smaller escape depth of CuCl. The 
above results show that the Cl 2p peak with about 700 
counts/5 sec corresponds to a chloride whose thickness is 
about one layer. Thus, the chloride ion giving the lower 
binding energy for the Cl 2p peak is considered to be at 
the very surface when detected at a low counting rate, as 
illustrated by Figure 7a.

The lower binding energy of the Cl 2p peak from the 
chlorine ion at the very surface may be interpreted by a 
smaller crystal potential effect on the ion compared to 
that which would apply to the ion located within the reac­
tion product surface layer and/or by the difference in 
bonding nature of the ion to the metals. The binding 
energies of the Cl 2p at low counting rate is in the order

F ig u re  7 . S u r fa c e  c h lo r id e  la y e rs .

Fe > Ni > Cu > Pd > Ag > Au. The order is coincident 
with the oxidation-reduction potential of metals. A small­
er negative charge at the chlorine ion is observed for met­
als with lower oxidation potential. The donor pr strength 
of a chlorine ion is usually greater than the acceptor d7r 
strength in complexes of a high valence metal ion, and the 
acceptor strength becomes greater in zero valent com­
plexes. In the cases of Fe, Ni, and Cu, the binding energy 
of the Cl 2 p peak is near those for FeCb, NiCl2 , or CuCl 
(198.4, 198.1, and 198.0 eV, respectively), suggesting a 
strongly donating chlorine ion. This also suggests that the 
adsorbent metal atoms on the bulk metal were easily oxi­
dized to Fe(II), Ni(II), or Cu(I) and localized largely from 
the metal phase. In the case of Au, the binding energy of 
the Cl 2p peak is much lower (197.0 eV), indicating a high 
negative charge on the chlorine and differing by -2.4 eV 
from that for the higher binding energy peak. Such highly 
negative chlorine is expected to bond with stronger d7r ac­
ceptor action to the adsorbent atom which is still strongly 
bonded to the metal phase with larger resistance to oxida­
tion. The Pd and Ag are located between the above two 
classes.

Of the above two factors being considered to contribute 
to the shift of the binding energy, crystal potential vari­
ance and difference in bonding nature, the latter seems to 
be more important at present when considering the large 
energy difference (2.4 eV) in the shift for Au in contrast to 
the smaller differences (about 0.5 eV) for Cu and Ag. In 
the case of chlorine adsorption on nickel, the work func­
tion decreases at low surface coverage but as surface cov­
erage 0 1.0 the work function increases.8 The lowering
of the work function is attributed to chlorine ion penetra­
tion, resulting in the surface nickel being polarized slight­
ly positively, which seems to correspond to the lower va­
lency of the gold atom described above. A more negatively 
charged chlorine ion bonding to such a slightly positive 
metal may be observed even in the case of nickel if an ex­
periment is carried out under higher vacuum to lessen ox­
idation by oxygen and under milder reaction conditions 
than the present work.

When a surface chloride multilayers thick was formed, 
the higher binding energy peak of the Cl 2p peak was in­
tensified, but the lower one still remained without in­
creasing in intensity in the cases of Au and Pd. In the 
case of other metals, the lower binding energy peak may 
be obscured by the intense higher energy peak because of 
the small energy differences. In these reaction stages, the 
chlorine ion giving the lower peak is expected to be at (3) 
of Figure 7b rather than at (1) according to the above dis­
cussion.

A ck n ow led g m en ts . The authors wish to thank Dr. Y. 
Yokoyama and Mr. I. Watanabe, Osaka University, for 
assistance in carrying out the experiments.
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Optical Spectra and Reactivities of Radical Anions of 4-Nitrobenzyi Compounds 
Produced by Pulse Radiolysis of Acetonitrile Solutions
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Electronic absorption spectra are reported for transients formed on pulse radiolysis of acetonitrile solu­
tions of aromatic nitrobenzyl compounds and are assigned to the solute radical anions. Decay of the tran­
sients is fairly rapid but is markedly slower in the presence of tetraethylammonium formate. It is sug­
gested that the -CH^CN radical is responsible for the rapid decay and that formate ion scavenges this 
species. With 4-nitrobenzyl chloride, the decay of the transient is observed to be second order, in con­
trast to electrochemical experiments where first-order decay is observed. With 4-nitrobenzyl fluoride or 
alcohol, decay of the initially formed transient is accompanied by formation of a new species absorbing 
at longer wavelength. Identification of the 4-nitrobenzyl chloride anion is supported by first-order decay 
of the species in water with k = 4 x 1 0 3 sec" 1 (found by Hayon and Madhavan).

Introduction

Radical anions of 4-nitrobenzyl compounds 
O2NC6H4 CH2X have been shown by chemical2 and elec­
trochemical3-9  methods to be unusually reactive. Where 
the CH2-X  bond is weak, as in the case of the halides, 3-9 

cyanide, 7 and thiocyanate, 7 the predominant fate of the 
radical anion appears to be the unimolecular decomposi­
tion.

o,nc6h4ch2x ~ — ». 0,NC6H4CH2- +  X” (1)

Electrochemical studies indicate that the rate of this 
reaction roughly parallels the CH2-X bond energies, 5-8 

although the absolute rate constants for this decomposi­
tion are not certain. Thus, “ single-sweep” cyclic voltam­
metry of 4-nitrobenzyl chloride in acetonitrile containing 
0.1 M  tetra-n-butylammonium perchlorate indicated a 
rate constant for the decomposition of the radical anion of 
approximately 50 sec- 1 , 7 ' 10 while other cyclic voltamme- 
tric measurements and chronoamperometry suggest the 
rate constant to be at least 4 X 103 s e c 1 . 6 The failure to 
obtain consistent results by these procedures may indicate 
their limitations in studying very fast reactions.

The technique of pulse radiolysis has been shown to be 
a valuable method for studying short-lived species. Conse­
quently, we have used this procedure to obtain further in­
formation on the anion radicals of 4-nitrobenzyl com­
pounds, and attempt to resolve this discrepancy in their 
decomposition rates.

In addition to providing a suitable solvent for the elec­
trochemical studies, acetonitrile has been shown upon ra­
diolysis to produce a species capable of reducing anthra­
cene to its radical anion in high yield (G = 1.5511) and 
thus provides a good medium for the pulse radiolysis in­
vestigation.

The primary step in the radiolysis of acetonitrile can be 
written

CH:iCN ------ *■ CH3CN* + CH3CN + +  e" (2)

Pulse radiolysis studies on liquid acetonitrile using naph­
thalene as an acceptor indicate that the yield of excited 
states (including excited states formed by solute ion re­
combination) is low, but detectable (G(3N) = 0.30).11 The 
nature of the reducing species present in the radiolysis of 
CH3CN is not clear at present. An initial report1 2  that a 
solvated electron, Xmax ~  700 nm, f i/2 ~  5 ¿¿sec, was pro­
duced has been questioned by Hayon, 1 1  who was unable 
to detect any absorption in the range 280-800 nm with a 
time resolution of 1 0 0  nsec.

The oxidizing species formed initially, CH3CN- + , may 
be expected to deprotonate to give -CH2CN radicals

CH.,CN-+ +  CH:iCN — CH,CN +  CH3CNH+ (3)
Evidence for the presence of -CH2CN radicals comes from 
steady-state studies, 13  and also from the observation of a 
weak absorption at wavelengths shorter than 280 nm as­
signed to this species on pulse radiolysis of liquid acetoni­
trile. 1 1  We describe the pulse radiolysis of acetonitrile so­
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lutions of 4-nitrobenzyl compounds, and indicate the reac­
tivities of the resultant species.

Experimental Section
M ateria ls. 4-Nitrobenzyl fluoride, chloride, and bro­

mide and 4-nitrotoluene were purified as described pre­
viously. 8 4-Nitrobenzyl iodide was prepared by the meth­
od of Finkelstein14  and was purified by one recrystalliza­
tion from ethanol, followed by sublimation (in the absence 
of light): pale yellow crystals, mp 125.5-127° (lit. 14  127°).
4-Nitrobenzyl acetate was prepared as described by 
Reid1 5  and was recrystallized twice from aqueous ethanol: 
white crystals, mp 76-77° (lit. 1 5  78°). 4-Nitrobenzyl alco­
hol was obtained by hydrolysis of the acetate16  and was 
recrystallized three times from water: white crystals, mp 
92.5-93.5° (lit. 16  96-97°). Further recrystallization did not 
affect the melting point. Acetonitrile was purified by two 
procedures. Merck Uvasol grade was dried by standing 
over molecular sieves and was redistilled from fresh mo­
lecular sieves. Fluka purum grade acetonitrile was puri­
fied by the method of O’Donnell, e t  a l.17 No difference 
was found between the results obtained using these differ­
ent samples.

Tetraethylammonium ferrocyanide was prepared by 
neutralizing a cold aqueous solution of hexacyanoferric 
acid18  with tetraethylammonium hydroxide. Water was 
removed under reduced pressure, and the salt crystallized 
as pale yellow needles. Light was excluded from all ma­
nipulations with this compound which was very photosen­
sitive. The salt was added to argon-saturated solutions 
immediately prior to pulse radiolysis as it was oxidized in 
the presence of oxygen in acetonitrile. Tetraethylammon­
ium dibenzyl phosphate was prepared by neutralizing hy­
drogen dibenzyl phosphate1 9  in 60% aqueous methanol 
with tetraethylammonium hydroxide. Excess solvent was 
removed under reduced pressure. The salt was obtained as 
an oil. Nmr indicated the presence of 20% water. 
Tetraethylammonium formate was prepared by neutraliz­
ing formic acid with tetraethylammonium hydroxide. Ex­
cess water was removed under reduced pressure. The 
product was obtained as an oil. Nmr (D2 O) indicated 
peaks at 5 8.64 (s, 1 formate hydrogen), 5.03 (s, water), 
3.7-3.2 (q, 8  methylene hydrogens), 1.8-1.25 (three over­
lapping triplets, 12 methyl hydrogens). The nmr indicated 
the presence of ca. 30% (w/w) water. The observation of 
overlapping methyl triplets strongly suggests ion pairing 
in the salt. Strong ion pairing has been clearly demon­
strated by infrared spectroscopy in the related compound, 
triethylammonium acetate. 20 On preparing solutions con­
taining tetraethylammonium formate for pulse radiolysis, 
a small amount of precipitation occurred. Consequently, 
solutions were filtered immediately before each experi­
ment. This precipitate was not characterized, but it is 
possibly tetraethylammonium carbonate.

P rocedure. Pulse radiolysis experiments were carried 
out using 0.05-1.5-^sec, 5-MeV, 200-mA pulses from the 
electron linear accelerator at the Hebrew University of Je­
rusalem. The pulses were of up to 2-krad dose. The irra­
diation cell was 4 cm long with multipass optics such that 
the analyzing light traveled three times through the cell. 
The details of the experimental setup have been described 
elsewhere. 2 1  Dosimetry was performed using the absorp­
tion of the solvated electron in deaerated ethanol at 600 
nm, as described by Land, e t  c l .22 Extinction coefficients 
of radical anions were estimated assuming G =  1.55 for

Figure 1. End of pulse spectrum for degassed aceton itrile  solu­
tion of 4-nitrotoluene.

the reducing species in acetonitrile, with complete scav­
enging of this species by the solute.

Solutions were degassed by bubbling argon through 
them prior to radiolysis, and they were protected from 
photolysis by the monitoring light by insertion of a filter 
cutting off wavelengths just below the relevant transient 
absorption.

Results
S pectra . Pulse radiolysis of a solution of 4-nitrotoluene 

( 6  X 10“ 3 M )  in acetonitrile resulted in an absorption 
with Amax 440 (±10) nm, tmax ~1800 M “ 1 cm“ 1 (Figure 
1) which was completely formed at the end of a 1.5-fisec 
pulse. A similar absorption was obtained upon pulse radi­
olysis of 4-nitrotoluene in 10% acetone-water. This ab­
sorption was very similar to the reported spectra of the 
radical anion of 4-nitrotoluene obtained by electrolysis in 
dimethylformamide (Amax 460 nm) , 23 by pulse radiolysis 
in water at pH 3 (Amax 440 nm, tmax 400 M “ 1 cm- 1 ) , 24 

and by 7  radiolysis in 4-methyltetrahydrofuran at 77 K 
(Amax 470 nm, emax 3500 M “ 1 cm ' 1 ) , 25 and is accordingly 
assigned to this species. The reason for this large differ­
ence in extinction coefficients is not at present clear. An 
earlier report26 that the radical anion (obtained by reduc­
tion by potassium in tetrahydrofuran) possessed absorp­
tion bands at 302, 607, and 875 nm must be viewed with 
some caution, as has been previously indicated by Sioda 
and Kemula. 23 An identical but more intense absorption 
was observed on pulse radiolysis of an acetonitrile solution 
of 4-nitrotoluene in the presence of tetraethylammonium 
formate (0.1 M ).  An absorption of similar character, al­
though rather broader and weaker, was observed on pulse 
radiolysis of a solution of 4-nitrotoluene in the presence of 
Tris (5 X 10“ 4 M )  in 95% acetonitrile-water.

Pulse radiolysis of a solution of 4-nitrobenzyl fluoride (2 
X 10“ 3 M )  in acetonitrile yielded a species absorbing at 
490 (±10) nm tmax ^leOO“ 1 cm“ 1 (Figure 2, circles). The 
species responsible for this absorption is rapidly replaced 
(ti/2 ~10 11 sec) by a new species absorbing at ca. 625 nm 
(Figure 2, triangles). This new species eventually decays, 
leaving a permanent absorption below 410 nm. The ini­
tially formed species is assigned to the radical anion by 
analogy with 4-nitrotoluene. Assignment of the second ab­
sorption is more problematical (see Discussion section for 
a consideration of possible candidates). Similar behavior 
was observed on pulse radiolysis of solutions of 4-nitroben­
zyl fluoride in the presence of tetraethylammonium di­
benzyl phosphate (5 X 10“ 4 M )  tri-n-butylamine (5 X 
10“ 4 M), or tetraethylammonium formate (0.1 M ).  Pulse 
radiolysis of a solution of 4-nitrobenzyl fluoride in 95% ac-
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Figure 2. Transients observed upon pulse radiolysis of degassed
acetonitrile  solution of 4-nitrobenzyl f lu o r id e :-------O ------- , end of
p u lse ;-------A --------, end of buildup of long wavelength absorption.
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Figure 3. End of pulse spectrum for degassed acetonitrile solu­
tion of 4-nitrobenzyl chloride.

etonitrile-water in the presence of tris (2 X  10" 4 M ) gave 
a similar, but rather broader and weaker spectrum.

Tetraethylammonium salts were used because of their 
solubility in organic media. Ferrocyanide was used as a 
non-nucleophilic reducing agent, dibenzyl phosphate as a 
non-nucleophilic proton donor, and formate as a weakly 
nucleophilic hydrogen atom donor.

Pulse radiolysis of solutions of 4-nitrobenzyl chloride (4 
x  10" 3 M), bromide (2.5 X  10" 3 M ),  and iodide (2.5 x  
10" 3 M )  gave rather similar behavior for all three halides, 
with an absorption at 530 (±5) nm, (max ~1900 M " 1 

cm-1 , and a shoulder at ca. 420 nm. The spectrum of 4- 
nitrobenzyl chloride is illustrated in Figure 3. With the 
chloride and bromide, similar but rather broader and 
weaker absorptions were observed in the presence of Tris 
(2 X  10" 4 M )  in 95% acetonitrile-water.

Pulse radiolysis of a solution of 4-nitrobenzyl chloride 
with tetraethylammonium ferrocyanide (5 X  10" 3 M )  and 
water (2 M )  gave a similar but broader and weaker ab­
sorption which decayed to give a permanent absorption 
below 460 nm. The absorption was identical in the pres­
ence of tetraethylammonium dibenzyl phosphate (5 X 
10- 4 M ),  and similar but more intense in the presence of 
tetraethylammonium formate (0.1 M ).

Pulse radiolysis of a solution of 4-nitrobenzyl acetate (2 
X  10 ̂ 3 M )  in acetonitrile yielded an absorption at the 
end of the pulse at 460 (±10) nm, emax ~1700 A i" 1 cm" 1 

(Figure 4). An identical but more intense spectrum was 
obtained in the presence of tetraethylammonium formate 
(0.1 M ).

i  i i i r

4 0 0  4 5 0  500  550  6 0 0  650
X(nm )

Figure 4. Absorption at end of pulse for degassed acetonitrile  
solution of 4-nltrobenzyl acetate.

Figure 5. Transients observed upon pulse radiolysis of degassed 
acetonitrile  solution of 4-nitrobenzyl alcohol w ith te traethylam ­
monium form ate (0.1 M ) : -------O --------, end of p u ls e ;------- A --------,
end of buildup.

Pulse radiolysis of a solution of 4-nitrobenzyl alcohol (2 
X  10" 3 M) in acetonitrile yielded an absorption at ca. 450 
nm. Pulse radiolysis in the presence of tetraethylammon­
ium formate (0 . 1  M ) yielded a similar absorption, X ca. 
450 nm, C450 ~1250 M " 1 cm- 1  which also decayed to give 
a new species absorbing at X > 625 nm (Figure 5).

K in etics . One aim of this work has been to obtain infor­
mation on the lifetimes of radical anions of 4-nitrobenzyl 
compounds. However, in the study of the kinetics of the 
transient absorptions observed on pulse radiolysis of ace­
tonitrile solutions of these compounds it became apparent 
that the species were decaying by a reaction with one of 
the primary products of the radiolysis of acetonitrile. 
Thus 4-nitrotoluene, which is known from electrochemical 
studies to yield a stable radical anion7 on pulse radiolysis 
in acetonitrile yielded a species Xmax 440 nm, which de­
cayed via  complex kinetics over a period of hundreds of 
microseconds. The rate of decay depended upon the pulse 
size. Similarly, the species observed on pulse radiolysis of
4-nitrobenzyl, chloride, bromide, iodide, acetate, and al­
cohol decayed fairly rapidly, the decay rate being depen­
dent upon the pulse size. Of the products produced on ra­
diolysis of acetonitrile, CH3 CN-+, -CH2 CN, and H+ ap­
pear the most likely candidates for reacting with the radi­
cal anions. Accordingly, compounds were added to trap 
these species. Tetraethylammonium ferrocyanide was 
found to have little effect on the decay rate of the species
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obtained from the chloride, although after radiolysis a 
new absorption was observed below 460 nm, due to the 
ferricyanide. Thus CH3 CN-+ was probably not the reactive 
species. Similarly, tetraethylammonium dibenzyl phos­
phate, Tris, or tri-n-butylamine did not markedly affect 
the decay rate, suggesting protonation was not responsible 
for the rapid decay. In the radiation chemistry of water, 
formate ions have been used to trap the oxidizing hydrox­
yl radical. 27 With -CI^CN, formate ion might be expect­
ed to transfer a hydrogen atom to yield C C V ', a reducing 
species. If -CH2 CN is responsible for the short lifetime of 
the species obtained on pulse radiolysis, then formate ion 
may be expected to slow down the decay. Further, as a re­
ducing species is produced, if the absorbing species pro­
duced on radiolysis of acetonitrile solutions of 4-nitroben- 
zyl compounds is the radical anion, or some species de­
rived from it, then the concentration of this species may 
be expected to be increased on pulse radiolysis in the 
presence of formate. Pulse radiolysis of acetonitrile solu­
tions of tetraethylammonium formate (0.1 M )  revealed 
only a very weak absorption at wavelengths shorter than 
425 nm. Pulse radiolysis of a solution of 4-nitrotoluene in 
the presence of tetraethylammonium formate (0.1 M )  
with 2 -krad pulses yielded an absorption which was iden­
tical in shape, but of about double the intensity of that 
observed in the absence of the formate. There was a small 
(less than 10%) decrease in the absorption at 440 nm, and 
a corresponding small increase in absorption at 420 nm 
over period of 100 /¿sec. However, after this time, the ab­
sorption was long lived (decayed :n greater than 2 0  msec). 
Similar behavior was observed with 4-nitrobenzyl acetate. 
A likely explanation for this behavior is that the formate 
ion scavenges most, but not all, of the -C ^ C N  species. 
Due to problems of solubility, it was not possible to go to 
higher formate concentrations, however, when smaller 
pulses (ca . 900 rads) were used there was no decay of the 
absorption in times less than 20 msec. 4-Nitrobenzyl bro­
mide and iodide appeared to react with the formate in ac­
etonitrile. Pulse radiolysis of 4-nitrobenzyl chloride in the 
presence of tetraethylammonium formate yielded an ab­
sorption identical in shape but enhanced in intensity. 
With large (2-krad) pulses, fairly complex decay kinetics 
were observed for the first 30 /¿sec. After this time, how­
ever, the decay followed a second-order rate law to greater 
than 3 half-lives. As with the 4-nitrotoluene and 4-nitro­
benzyl acetate radical anions, the initial decay probably 
arises from reaction of -CH2CN with the radical anion. 
With smaller pulses ( < 1  krad) only the second-order 
decay was observed. This showed a slight (25%) decrease 
in the decay rate for a greater than tenfold decrease in 
pulse size. A mean value of 14.4 (±2.3) X 10s cm sec- 1  

was obtained for k/t. Employing the estimated extinction 
coefficient, the second-order rate constant for the decay is 
approximately 2.7 X 109 M - 1  sec- 1 . Under the conditions 
of pulse radiolysis where there are comparatively high 
(10- 6  to 10- 7  M )  concentrations of radical anions it would 
appear that a second-order reaction (possibly radical cou­
pling) is the main fate of this species. This contrasts with 
the behavior in electrochemical experiments8 where, pos­
sibly because of the radical concentration, unimolecular 
decay is the favored reaction.

With 4-nitrobenzyl bromide and iodide it was not possi­
ble to scavenge the -C ^ C N  radicals in the same way, as 
the tetraethylammonium formate very rapidly reacted 
with the halides in acetonitrile solution, probably via nu­

cleophilic substitution, yielding 4-nitrobenzyl formate. 
However, a lower limit of 70 /¿sec could be set for the life­
times of the radical anions from the slowest decays.

The decays of the radical anions from 4-nitrobenzyl flu­
oride and alcohol differed from those of the other deriva­
tives in that new absorptions were observed to grow in on 
a time-scale similar to the loss of the absorptions assigned 
to the radical anions. In both these cases the decay ap­
peared to be first-order with rate constants 1 0 4- 1 0 5 sec- 1  

for co. 2 X 10- 3  M  solute. With the fluoride, however, the 
rate of interconversion showed a dependence on 4-nitro- 
benzyl fluoride concentration. This reaction was not in­
vestigated further.

Discussion
The objective of this study has been to characterize the 

radical anions of 4-nitrobenzyl compounds, both with re­
gard to their optical spectra and reactivities. It is perhaps 
surprising that few reports exist on the spectroscopic 
characterization of these species in view of the large num­
ber of studies on reductions of 4-nitrobenzyl compounds in 
which they are claimed as intermediates. With 4-nitrotol­
uene, characterization of the radical anion optical spec­
trum has been achieved by electrochemical, 23 pulse radi­
olysis, 24 and y-radiolysis25 studies. Our work supports 
these previous assignments and indicates that in acetoni­
trile this species has an absorption Amax 440 nm. This 
radical anion has also been observed in esr experi­
ments. 2 8 ’ 2 9 ' 31 Few other reports of spectra of anion radi­
cals of 4-nitrobenzyl compounds exist in the literature. 29 33

We tentatively assign the initial spectra observed upon 
pulse radiolysis of acetonitrile solutions of 4-nitrobenzyl 
fluoride, 4-nitrobenzyl chloride, 4-nitrobenzyl bromide, 4- 
nitrobenzyl iodide, 4-nitrobenzyl alcohol, and 4-nitroben- 
zyl acetate to the corresponding radical anions on the 
basis of the known radiation chemistry of acetonitrile and 
the behavior observed with 4-nitrotoluene. With the alco­
hol, acetate, and fluoride similar spectra were observed 
with a progressive shift of the maxima to lower energies, 
possibly resulting from a o-ir  interaction similar to the 
examples reported by Traylor, e t  a l , 34 Assignment of the 
absorptions observed with the chloride, bromide, and io­
dide is less certain as, although these all possessed a band 
at longer wavelength than the other derivatives as expect­
ed on the basis of a -n  interactions, the spectra were very 
similar for these three compounds.

A possible alternative assignment of the absorption 
which must be considered is the 4-nitrobenzyl radical, 
formed by dissociative electron capture (4) as has been

RX + e" —  R- + X-  (4)

suggested to occur in the reduction of benzyl chloride by 
hydrated electrons. 38 This process may be expected to be 
less important with 4-nitrobenzyl chloride than with ben­
zyl chloride. Further, the decay of the absorbing species is 
second order. If the 4-nitrobenzyl radical were produced, 
one might anticipate that hydrogen abstraction from the 
tetraethylammonium formate would be an important 
decay pathway for this species. Finally, although in the 
electrochemical studies there is disagreement over the ab­
solute rate of cleavage of the 4-nitrobenzyl halide radical 
anions, all workers are agreed that these are actual inter­
mediate species. 5 -8 ’ 8 ’9 Unless, therefore, different factors 
are important in the electrochemical and radiation chemi-
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cal reductions, we feel that the observed behavior can be 
best explained by assignment of these absorptions to the 
corresponding radical anions.

Further evidence in favor of this assignment comes from 
a study of the pulse radiolysis of 4-nitrobenzyl chloride in 
aqueous solution (Hayon and Madhavan, unpublished re­
sults). A transient is observed both on pulse radiolysis of
4-nitrobenzyl chloride in water in the presence of tert- 
butyl alcohol and on reduction of 4-nitrobenzyl chloride 
by (CHa^COH radical in water. The spectrum of this 
species is dependent upon the pH, clearly demonstrating 
an acid-base property. Further, the observed pXa (3.5 ± 
0.1) is close to that for other substituted nitrobenzene 
radical anions.24 The most reasonable explanation for this 
behavior is that the transient formed initially upon pulse 
radiolysis of 4-nitrobenzyl chloride in water is the radical 
anion, which in acidic solution protonates at the nitro 
group. If the 4-nitrobenzyl chloride radical anion is suffi­
ciently long-lived in water to permit direct observation by 
pulse radiolysis (fei = 4.1 ± 0.6 X 103 sec-1 for decay of 
species in water at pH 9.3), it is hardly likely that in ace­
tonitrile the species will decay in a time shorter than that 
of the first observation (~ 1 ¿¿sec). Thus, we feel that the 
transients observed upon radiolysis of the 4-nitrobenzyl 
halides in acetonitrile are the radical anions.

Analysis of the decay kinetics of the radical anions, 
under conditions in which the species did not react with 
solvent-derived radicals (i.e ., using low doses, with 0.1 M  
tetraethylammonium formate) indicated that while the 
radical anions of 4-nitrotoluene and 4-nitrobenzyl acetate 
were long-lived (lifetime greater than 20 msec) the species 
from the 4-nitrobenzyl chloride decayed by a second-order 
process with rate constant ca. 3 X 109 M “ 1 sec-1 . This 
reaction may be either dimerization of disproportionation 
of the radical anion and is in marked contrast to the elec­
trochemical experiments where, possibly as a result of the 
lower radical concentrations, unimolecular decay predom­
inates. With 4-nitrober.zyl bromide and iodide, it was only 
possible to set a lower limit of ca. 70 p sec  for the lifetime 
of these radical anions.

A plausible scheme for the second-order disappearance 
of the 4-nitrobenzyl chloride radical anion can be formu­
lated on the following principles: (1) tt radicals can inter­
act to form dimer complexes, which we have termed n- 
mers;36 (2) reversible electron transfer, forming 4-nitro- 
benzyl chloride and 4-nitrobenzyl' chloride dianion (the 
dianion would surely lose chloride ion extremely quickly); 
or (3) simultaneous loss of two chloride ions with forma­
tion of a covalent bond between the two rings in the Ti­
m er. Charged n radicals are well known to form 7r-mers, 
e.g ., dimethylbipyridylium cation radical37 and tetracyan- 
oquinodimethane radical anion38 (reactions 5-7).

4-Nitrobenzyl fluoride and 4-nitrobenzyl alcohol showed 
rather different behavior from the other compounds inves­
tigated. The radical anions were observed to convert to a 
new species possessing an absorption at ca. 625 nm. Fur­
thermore, in the case of the 4-nitrobenzyl fluoride the rate 
of this interconversion was found to depend upon the so­
lute concentration. Hawley and coworkers5 observed simi­
lar electronic spectra on electroreduction of 4,4'-dinitrobi- 
benzyl or 4-nitrobenzyl chloride in acetonitrile, suggesting 
that an anionic species derived from dinitrobibenzyl may 
be responsible for the absorptions. This assignment would 
explain the observed dependence of the interconversion on 
the solute concentration in the case of 4-nitrobenzyl fluo­

jr-mer

ride. However, a firm proposal for the structure of the 
625-nm absorbing material requires further work.
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Electron Paramagnetic Resonance Study of Radicals Formed from Allyl Compounds1
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Using the TiCl3-H2 0 2  radical-generating method within a continuous-flow system at ca. 25°, we have 
carried out a comprehensive epr study of the radicals formed from CH2=C(CH 3 )CH2OH and 14 allyl 
compounds, viz., (CH2=CH CH 2 l20 and CH2=CH CH 2X with -X  equal to -OH, -OOCH, -OOCCH3 , 
-OOCCH2CH3 , -OOCCH2CH2CH3 , -OOCC6 H5, -CN, -NH2, -NHCONH2 , -COOH, -OCH2 CH2OH, 
-OCH2CH3 , and -OCH2 CHCH2 O. Generally, water was the reaction solvent. However, the aromatic com­
pound was not sufficiently soluble in this medium and so was run in water mixed with acetone. Each 
CH2=CH CH 2 X compound gave only the HOCH2 CHCH2X, 1 (-X), and -CH2 CH(OH)CH2 X, 2 (-X), 
radicals, except that CH2=CH CH 2OH also yielded CH2— CH— CHOH. The CH2=C(CH 3 )CH2OH and 
(CH2=CH CH 2 ) 2 0  each gave only one radical, of structure analogous to 1 (-X), although the spectrum 
formed from the ether was broadlined and might contain other radicals. To help characterize some of the 
1 (-X) and 2 (-X) radicals, we have carried out a similar investigation where we replaced the H2 0 2 in 
the TiCl3-H 2 0 2 system with NH2OH, five CH2=CH CH 2X compounds being so examined, viz., with -X 
equal to -OH, -OOCH, -OOCCH2 CH2CH3, -NH2, and -OCH2CHCH2 Q. Each of these compounds gave 
only the H2NCH2CHCH2X radical, except that CH2=CH CH 2 OH, when run at high enough concentra­
tions, also produced a signal assignable to a polymeric radical.

Introduction
The reaction between titanous chloride and hydrogen 

peroxide in the presence of a reactive organic substrate 
within an aqueous continuous-flow system is the basis of a 
well known method of generating transient free radicals in 
electron paramagnetic resonance, epr, spectroscopic inves­
tigations. 3 , 4  In an earlier paper, 5 we reported the results 
of an epr spectroscopic study of the radicals observed to 
be formed from allyl alchohol, CH2=CH CH 2 0 H or AOH, 
as substrate with the use of this method. We found this sub­
strate to yield the two conceivable addition radicals HO- 
CH2CHCH2OH, 1, and -CH2CH(OH)CH2OH, 2, as the 
major products. Also observed was the allylic radical 
•CH2 CH=CHOH —  CH2=CHCHOH, 3, and, when the 
allyl alcohol concentration was sufficiently high, there was 
noticed a signal attributable to a polymeric addition radi­

cal. On the other hand, when the photodecomposition of 
hydrogen peroxide is employed as the radical-generating 
reaction, only radical 3 is observed. 6 , 7

The present paper represents an extension of our previ­
ous investigation to the study of other allyl compounds 
with the use of the TiCl3-H 20 2 method. In general, our 
results with these allyl compounds are similar to those of 
our earlier work. 5 However, for no allyl compound except 
allyl alcohol did we readily observe a signal attributable 
to an allylic radical and, consequently, we made no at­
tempt to pursue this aspect. Also, for each allyl compound 
studied, the concentration was low enough that we did not 
observe a polymeric radical spectrum. 5 The resolution we 
could obtain under optimum conditions proved to be 
much better than before, thus allowing, for example, a 
more complete characterization of radical 1 and the obser­
vation of an €-proton coupling in several ether radicals.
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Experimental Section
The experimental arrangement and procedures were es­

sentially as detailed before8 except that the continuous- 
flow system was of the two-stream type employed in sev­
eral of our previously reported5 ' 9 "1 4  investigations. The 
epr cell was constructed of Suprasil to the Borg mix-and- 
flow design. 1 1 , 1 5  Spectra were recorded as the first deriva­
tive and g  values taken as before against aqueous potassi­
um peroxylamine disulfonate.8

Fresh samples of the following substrates were exam­
ined without further purification: allyl alcohol, allyl ace­
tate, allylamine, allyl formate, and 1-allylurea (Eastman, 
reagent grade), methallyl alcohol (Eastman, practical 
grade), allyl benzoate and allyl propionate (Calbiochem), 
allyl cyanide, allyl n-butyrate, diallyl ether, and allyl 
ethyl ether (Borden), allyl 2-hydroxyethyl ether (Borden 
and K & K), vinylacetic acid (K & K), and allyl glycidyl 
ether (Aldrich).

Unless specified otherwise, the following reaction condi­
tions were employed: the reducing stream, 0.004 and 0.2 
M  in titanous chloride and sulfuric acid, respectively; and 
the oxidizing stream, 0.1 M  in hydrogen peroxide with no 
added sulfuric acid; total flow rate, 2-4 ml sec- 1  divided 
equally between the two streams; the reaction tempera­
ture, 25 ± 2°. For allyl alcohol and methallyl alcohol, both 
streams were 0.1 M  with respect to substrate. Otherwise, 
substrates were included only in the hydrogen peroxide 
stream, their concentrations being as follows: allyl ace­
tate, 0.01 M ;  1-allylurea, 0.02 M ;  allyl formate and allyla­
mine, 0.03 M ;  allyl n-butyrate and allyl propionate, 0.04 
M ;  allyl 2-hydroxyethyl ether, 0.05 M ;  vinylacetic acid, 
0.06 M ;  allyl benzoate, allyl glycidyl ether, and allyl cya­
nide, 0.09 M. For allyl benzoate, due to its limited solu­
bility in aqueous solutions, the substrate stream was 
made up with CP acetone as the solvent. As the titanous 
chloride stream was left unchanged, the resulting reaction 
mixture was ca. 50 v/v% acetone. This procedure does not 
appear to be of general applicability as it failed with sev­
eral other water-insoluble allyl compounds.

Throughout this study basically two different types of 
epr machine settings were used, denoted low-resolution 
and high-resolution conditions. In the former, the power 
and modulation amplitude, respectively, were ca. 60 mW 
and 300 mG, while in the latter, these were ca. 2 0  mW 
and 70 mG. Under high-resolution conditions, peak-to-peak 
line widths of ca. 0.1 G were generally obtained.

In addition, several typical substrates, viz., allyl alco­
hol, allyl formate, allyl n-butyrate, allylamine, and allyl 
glycidyl ether, were run using the titanous chloride -hy- 
droxylamine hydrochlcride radical-generating system.13  

For these experiments, the reducing stream was 0.008 and 
0.2 M  in titanous chloride and sulfuric acid, respectively, 
and the oxidizing stream was 1 M  in NH2 OH-HCl (East­
man, reagent grade) with no added sulfuric acid. Also, the 
substrate was included only in the hydroxylamine stream 
with concentrations as follows: allyl alcohol, 0 . 1  to 1  

M ; allyl n-butyrate, 0.08 M ;  allyl glycidyl ether, 0.09 M ; 
allylamine, 0.1 M ;  and allyl formate, 0.12 M . Spectra 
were run only under low-resolution conditions with this 
radical-generating system, there being no advantage in 
working at high-resolution conditions since the line widths 
were so large.

Results
A lcoh ols. Under low-resolution conditions, allyl alcohol 

was found to give the radicals 1-3 observed earlier, 5 the

Figure 1. Epr spectrum for the substrate allyl alcohol: tp 25°; 
[TiCI3] 0.004 A4 and [H 2S 0 4] 0.2 A4 in the reducing stream; [H 20 2] 
in the oxidizing stream 0.1 A4; [CH2= C H C H 2OH] 0.1 A4 in 
both streams; total flow  rate 3 ml s e c " 1 equally divided be­
tween the two streams. A, Second-order stick plot for HO- 
CH2CHCH2OH appropriate to the spectrum in B, fo r a first-order 
quintet ( 1:4:6:4:1 ) of doublets (1:1). B, Epr spectrum  for the 
substrate allyl alcohol under high-resolution conditions. C, Epr 
spectrum for the substrate allyl alcohol under low-resolution 
conditions and sim ilar to that reported previously.5 D, First- 
order stick plot for HOCH2CHCH2OH appropriate to the spec­
trum In C, a sextet (1:5:10:10:5:1). E, F irst-order stick plot for 
•CH2CH(O H)C H2OH appropriate to the spectrum  In C, a triplet 
(1:2:1) of doublets (1:1).

spectrum consisting of a sextet (1:5:10:10:5:1), a triplet 
(1:2:1) of doublets (1:1), and a quartet (1:3:3:1) of small 
doublets (1:1) from the radicals 1, 2, and 3, respectively. 
However, under conditions of high resolution the spectra 
from radicals 2 and 3 were reduced in intensity and that 
from radical 1 predominated and could be further resolved 
consistent with aa-h being slightly less than an-11. Further­
more, the spectrum from 1  was more complicated than a 
quintet (1:4:6:4:1) of doublets (1:1) because the second- 
order splittings1 6  from the four equivalent methylene pro­
tons were essentially resolved, as illustrated in Figure 1.

Methallyl alcohol, CH2=C(CH 3 )CH2 OH, gave rise to a 
spectrum which was analyzed as a quintet (1:4:6:4:1) of 
quartets (1:3:3:1) consistent with the single radical 
HOCH2C(CH3 )CH2 OH, 4. Under high-resolution condi­
tions additional lines were observed. These lines were 
found to be the result of second-order splittings from both 
the four equivalent /3-CH2 protons and the three equiva­
lent /TCH3 protons, these splittings being fully resolved 
only where one of these two groups of protons would be 
expected to give rise to second-order effects.

Table I lists the coupling constants and g  values we ob­
served for radicals 1-4 with the most comparable data 
from previous investigations. 5 , 6 ’ 1 7 "20 It will be seen that, 
where comparison is possible, our present results agree 
reasonably well with those reported previously.

C a rboxy lic  E sters. Each of the five allyl carboxylic es­
ters, AOOCR , 2 1  studied (formate, acetate, propionate, n- 
butyrate, and benzoate) gave spectra which could be ana­
lyzed in terms of two radicals, these being analogous to 1 

and 2, respectively, HOCH2CHCH2X, 1 (-X), and
•CH2CH(OH)CH2X, 2  (-X), where -X  is the variable 
group. 22 For each 1 (-OOCR) 2 1  radical save radical 1
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TABLE I: Coupling Constants and g  Values for Radicals from Allyl and Methallyl Alcohol

Radical Qa-H, G a|3 _ii, G g  Value Ref

HOCH2CHCH0OH 2 1 .8 5 2 1 .8 5 2 .0 0 2 4 a,b
2 1 .4 6 2 1 .7 0 2 .0 0 2 4 a,c
2 1 .7 8 2 1 .7 8 5 »
2 1 .8 2 1 .8 19*/

•CH2CH(OH)CH2OH 2 2 .2 7 2 4 .5 0 2 .0 0 2 4 5 a,b
2 2 .1 4 2 4 .3 9 5«
2 2 .1 2 4 .4 19 A«

c h 2= c h c h o h 1 3 .6 2 / 3 .4 5 2 .0 0 2 9 a,b
1 3 .3 3 ,1 3 .8 6 » 3 .1 6 2 .0 0 2 8 7 &h
1 3 .8 2 / 3 .4 3 5aJ

HOCH2C(CH3)CH2OH 16-, 1 3 ,' 23 .59* 2 .0 0 2 4 5 a,c

a A t 25 ±  2°; g values have a maximum uncertainty o f 0.0001. h Present work, low-resolution conditions; the maximum uncertainty of the a values is esti- 
mated as being 0.1 G. c Present work, high-resolution conditions; the maximum uncertainty o f the a values is estimated to be 0.1 G, but for the difference be­
tween two nearly equal values, this is 0.05 G. d In  water, pH 9, probable tp  ca. 15°. e Also see ref 20. *  For three protons, aa  _h  equals ay.n in the formula 
given. 0 The 13.33- and 13.86-G couplings are for one and two protons, respectively, and were unassigned. h In  a lly l alcohol containing 0.5% hydrogen per­
oxide, 29°. Two isomers were found, the data for the more abundant being given as they match ours more closely. 1 Using the T ÍC I3-Í-C 4H 9OOH method, we 
have obtained comparable data.6 3 a/3-HCH2<'>H. k g/3-HCH3-

(-00CH), the spectrum comprised a triplet (1:2:1) of trip­
lets (1 :2 :1 ) of doublets (1 :1 ) consistent with the two sets 
of d-CH2 protons and the a-CH proton being nonequiva­
lent. A typical spectrum taken with the use of allyl ace­
tate is shown in Figure 2. However, the spectrum from 
radical 1 (-OOCH) showed this same pattern of lines but, 
in addition, there was a small doublet (1 :1 ) splitting, 2 . 8  

G, which was of necessity assigned to the formyl proton. 
This small doublet splitting was unexpected, the only 
other analogous 5 splittings of which we are aware being 
in quite different structures.23 However, recently we have 
found other examples of this type of splitting in related 
radicals.24

For each 2 (-OOCR) 2 1 , 2 2  radical, the spectrum consist­
ed of a triplet (1 :2 :1 ) of doublets (1 :1 ) with the coupling 
constants being similar in size to those of 2, see Figure 2.

For allyl benzoate the reaction mixture was ca. 50 v/v% 
acetone (see Experimental Section). When acetone is ex­
amined as substrate at room temperature in dilute aque­
ous solution with the use of the TiCl3-H 2 0 2  method only 
the radical -C^COCHa, 5, is observed; 9 , 2 5  on the other 
hand, with the use of photo-flow radical-generating meth­

ods and acetone-rich reaction mixtures at room tempera­
ture, two radicals are reported, viz., 5 together with the 
•CH3 radical present as a minor product.26 Consequently, 
it is not altogether surprising that in our present investi­
gation we found a total of four radicals, these being, in 
descending order of concentration, 5, 1 (-OOCC6H5 ), 2 
(-OOCCgHs), and -CH3. It seems unlikely that the spectra 
assigned to 1 (-OOCCeH5) and 2  (-OOCCeHs) were large­
ly from other addition radicals (see the Discussion''.

N itrog en  C om poun d s. Allyl cyanide, allylamine, and 1- 
allylurea, ACN, ANH2, and ANHCONH2, respectively, 
each gave spectra analyzable in terms of the two radical 
analogs of 1 and 2. The spectrum for radical 1 (-CN) con­
sisted of a quartet (1:3:3:1) of triplets (1:2:1) indicating 
that one set of fl-CH2 protons and the a-CH proton are 
equivalent. That for 1 (-NH2 ) showed a similar absorption 
pattern together with an extra triplet (1:1:1) splitting 
from the amino nitrogen. Our attempts to resolve this ap­
parent equality of the /3-CH2 protons and the a-CH in 
these two radicals failed, the line widths remaining virtu­
ally unchanged under all experimental conditions em­
ployed. Radical 1 (-NH2) has been observed earlier17 by 
both hydroxyl radical addition to allylamine and amino

F ig u re  2 . E p r s p e c tru m  fo r  th e  s u b s tra te  a lly l a c e ta te :  tp  2 5 ° ;  
[T iC I3 ] 0 .0 0 4  M  a n d  [ H 2S 0 4 ] 0 .2  M  in th e  re d u c in g  s t re a m :  
[ H 20 2 ] 0 .1  M  a n d  [ C H 2 = C H C H 2O O C C H 3] 0 .0 1  M  in th e  o x id iz ­
in g  s t re a m ; to ta l f lo w  r a te  3  m l s e c - 1  e q u a lly  d iv id e d  b e tw e e n  
th e  tw o  s t re a m s . A , F irs t -o r d e r  s t ic k  p lo t fo r  H O -  
C H 2C H C H 2O O C C H 3 , a  t r ip le t  (1 : 2 : 1 )  o f t r ip le ts  (1 : 2 : 1 )  o f d o u ­
b l e t s  ( 1 : 1 ) .  B ,  F i r s t - o r d e r  s t i c k  p lo t  fo r  
• C H 2C H ( O H ) C H 2O O C C H 3 , a  t r ip le t  ( 1 : 2 : 1 )  o f d o u b le ts  ( 1 : 1 ) .

radical addition to allyl alcohol, the results of this study 
and our present investigation being in good agreement. 1 - 
Allylurea gave a spectrum which was poorly resolved be­
cause the lines were broad (ca. 1 G peak to peak). However, 
radical 1 (-NHCONH2 ) was successfully analyzed as a trip­
let (1 :2 :1 ) of triplets (1 :2 :1 ) of doublets (1 :1 ) of small trip­
lets (1 :1 :1 ).

Radicals 2 (-CN), 2 (-NH2), and 2  (-NHCONH2) had 
splitting patterns similar to 2 and 2  (-OOCR ) , 21 i.e., a 
triplet (1:2:1) of doublets (1:1). In order to show the pres­
ence of 2  (-CN) it was necessary to use intensity measure­
ments of the spectrum from 1 (-CN) because there was 
severe overlap of the lines from each radical. The presence 
of 2  (-CN) satisfactorily explains the anomalous intensi­
ties observed in the spectrum of 1 (-CN). Radical 2 (-NH2) 
was not observed in the earlier study1 7  of allylamine. A 
representative spectrum of the results obtained with the use 
of allylamine is shown in Figure 3.

E thers. Diallyl ether, allyl 2 -hydroxyethyl ether, allyl 
ethyl ether, and allyl glycidyl ether. AOA, AO- 
CH2 CH2OH, AOCH2CH3 , and AOCH2CHCH2 O, respec­
tively, were studied. Diallyl ether gave a spectrum of 
broad (ca. 2  G) lines that could not be further resolved. 
However, by comparison of this spectrum with those ob­
tained from other allyl compounds, we conclude the major 
radical present to be 1 (-OCH2CH =CH 2 ). The remaining 
ethers each gave spectra analyzable in terms of two radi­
cals, these being analogous to 1 and 2. The spectrum from

The Journal of Physical Chemistry. Vol. 78, No. 2. 1974



120 P. Smith, R. A. Kaba, and P. B. Wood

radical 1 ( OCH2 CH2 OH) under low-resolution conditions 
was analyzed as a sextet (1:5:10:10:5:1), indicating the ap­
parent equivalence of ail four /8 -CH2 protons and the a-CH 
proton. One set of d-CH2 protons and the a-CH proton in 
1 (-OCH2CH3) are apparently equivalent, under low reso­
lution, as evidenced by the splitting pattern observed, i.e., 
a quartet of (1:3:3:1) of triplets (1:2:1). The low-resolution 
spectrum of 1 (-0CH 2CHCH20 ) was analyzed as a triplet 
(1 :2 :1 ) of triplets (1 :2 :1 ) of doublets (1 :1 ). Compared with 
their low-resolution spectra, the high-resolution spectra of 
both 1 (-OCH2 CH2OH) and 1 (-OCH2 CH3 ) were of low 
intensity and very complicated, whereas that from 1 

( 0CH 2 CHCH2 0 ) was decreased in both intensity and line 
width but exhibited no further hyperfine structure. There­
fore, interest was centered on the high-field end lines of 1 

(-OCH2CH2 OH) and 1 (-OCH2CH3). With the use of 
high-resolution conditions and time-averaging tech­
niques, 8 we found the end line of 1 (-OCH2 CH2OH) to be 
a small (ca. 0.3 G) triplet of (1 :2 :1 ) and that of 1 

(-OCH2CH3), a small (ca. 1.0 G) quartet (1:3:3:1 ). These 
small couplings can be explained in terms of a through- 
space coupling with the f-CH2 and e-CH3 protons, respec­
tively, as illustrated in Figure 4. As with the case of the 
long-range 5-CH coupling in 1 (-OOCH), these e splittings 
were unexpected.

Radicals 2  (-OCH2CH2OH), 2  (-OCH2CH3), and 2  

(-OCH2 CHCH2Q) all gave rise to the expected pattern, 
viz., a triplet (1 :2 :1 ) of doublets (1 :1 ).

V inyl A c e t ic  A cid . For vinyl acetic acid, ACOOH, two 
radicals were observed, 1 (-COOH) and 2 (- COOH), their 
spectra being very similar to those found for 1  and 2 , re­
spectively. Under low-resolution conditions, radical 1 
(-COOH) gave a spectrum consisting of a sextet 
(1:5:10:10:5:1). Under high-resolution conditions, the 
spectrum of radical 2 (-COOH) was reduced in intensity 
while that of radical 1 (-COOH) predominated and yield­
ed further hyperfine structure analyzable as a quintet 
(1:4:6:4:1) of doublets (1:1) with second-order splittings1 6  

evident. These second-order effects could be better re­
solved than in the analogous case of radical 1  because of 
slight numerical differences in the coupling constants of 1 

and 1 (-COOH). On the basis of our results for other allyl 
compounds, the equality of the two sets of /3-CH2 protons 
in 1 (-COOH), as evidenced by observable second-order 
effects appropriate for four equivalent protons, was unex­
pected. The spectrum from radical 2 (-COOH) was a trip­
let (1 :2 :1 ) of doublets (1 :1 ) similar to the patterns ob­
served for radicals 2 and 2 (-X ).

Tables II and III give the coupling constants and g  
values we observed for 1 (-X) and 2 (-X) radicals with the 
most comparable data from previous studies. 1 7 , 2 7  Where 
comparison is possible, it will be seen that our data are in 
reasonable accord with those of past workers.

A m in o  R adica l A d d ition . Allyl alcohol, formate, n-buty­
rate, amine, and glycidyl ether were each subjected to 
amino radical addition. In general, the only spectrum ob­
served was from the head-addition radical 
H2NCH2CHCH2X, 6  (-X ) , 28 this being similar to that of 
the corresponding 1 (-X) radical save for the presence of 
the expected1 7  additional 7 -nitrogen splitting in the for­
mer, this being in the range 5.2-6.2 G. In the case of radi­
cal 6  (-OH), the spectrum was as for this same radical, 1 
(-NH2), when formed from allylamine, except the line 
widths were larger (see Experimental Section). Unlike the 
other substrates, allyl alcohol was run over a range of con­
centrations, 0.1-1 M. At low concentrations only the spec-

TABLE II: Coupling Constants and g  Values for 
HOCH.CHCH.X Radicals“

-X Oa-H, G ap-H, G* Other, G g Value

-OOCH 2 1 . 7 5 17.96
23.40

2.80“ 2.0024

-OOCCHj 2 1 . 6 8 18.46
23.07

2.00245

-OOCCH2CH3 21.69 18.54
23.14

2.0024

- o o c c h 2c h 2c h „ 21.78 18.44
23.27

2.0024

-OOCC6H5<te 21.64 18.64
24.33

2.0026

-C N <t / 22.27 22.27
23.16

2.0025

21.67 21.67
24.38

6.17" 2.0025

-NHCONH/ 21.56 20.49
25.00

4.30* 2.0025

-COOH' 21.80 22.26 2.0026
-OCH2CH2OHd.J 21.93 21.93 0.29M 2.0025
-OCHoCHs't' 21.46 21.46

22.14
1.04'.” 2.0025

-OCH2CHCH20'L J 21.35 2 0 .8 6
22.46

2.0025

“ At 25 db 2°; all g values have a maximum uncertainty of 0.0001. Unless 
specified differently, all were data taken under high-resolution condi­
tions, the maximum uncertainty of the a values being as given in Table I, 
footnote c. b When two values are given, the upper and lower values are 
assigned to the /3-CH2OH and -C H 2X  protons, respectively, except for 1 
(—OCH2CH3) where assignment was not possible; when a single value is 
given, both pairs of protons are equivalent. c ag-H0<̂ CH* d Low-resolution 
conditions, the maximum uncertainty in the a values being 0.1 G except 
where given differently. e Low-intensity spectrum, maximum uncertainty 
0.15 G. f Poorly resolved, maximum uncertainty 0.15 G. 9 By procedures 
like ours, aa _HCH, a/3-HCH2<̂ H> a^-HCH2X, and ay_N have been found17 
to be 21.72, 21.72, 24.27, and 6.13 G, respectively; probable tp ca. 15°. 
h ay -N- 1 Fischer27 has reported aa -HCH and â  -HCIi2 as 21.75 and 22.52 G, 
respectively; in water, at 300°K. 7 For 1 (-OCH2C ;CH20H)2CH2CH3), 
ao;-HCH, a^-HCH2° H, and a^-HCH2X have been found50 to be 22.0 G; by 
procedures like ours, 20 ±  2°. *a e_HCIi2° H. 1 Maximum uncertainty 0.05 
G. m a<-HCIi3.

TABLE III: Coupling Constants and g  Values for 
CH2CH(OH)CH2X  Radicals“

-X  aa -H» G a/3 -H, G g Value

-OOCH 22.25 24.52 2.0024
-OOCCH3 22.09 24.50 2.0024
-OOCCH2CH3 22.25 24.60 2.0025
- o o c c h 2c h 2c h 3 22.40 24.77 2.00235
-OOCCsHs 21.99* 24.78* 2.0025
-CN 22.10“ 24.02“ 2.0025
- n h 2 22.37 23.82 2.00245
- n h c o n h 2 22.19 24.29 2.0025
-COOH 21.91 23.56 2.0024
-OCHoCH2OHd 22.34 25.02 2.0025
-OCH2CH3 22.16 24.62 2.0025
-OCHoCHCHoO1 22.17 24.62 2.0025

_j

a At 25 ±  2°, low-resolution conditions; the maximum uncertainties o f the 
a and g values are 0.1 G and 0.0001, respectively, unless specified otherwise. 
b Low-intensity spectrum, maximum uncertainty 0.15 G. c Poorly resolved, 
maximum uncertainty 0.15 G. d For 2 (-OClUCCCLLOHhCFLCHa), 
act-h CH2 and a/3 _h CH have been found30 to be 22.5 and 25.2 G, respectively; 
by procedures like ours, 20 =fc 2°.

tram from radical 6  (-OH) was observed. As the concen­
tration of allyl alcohol was raised, extra lines became in­
creasingly evident, their pattern being a quartet (1 :3 :3 :1 ) 
of triplets (1:2:1). On the basis of our previous work5 with 
allyl alcohol with the use of the TiCl3-H 2 0 2 system, these 
lines can be assigned to a polymer radical29 such as 
YCH2 CHCH2OH, 7, with Y most likely being 6  (-OH).
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TABLE IV: Coupling Constants and g  Values for 
H2NCH2CHCH2X  Radicals-

-X 0-0. -H, G aß-h, Gb Other, G g Value

-OH' 21.67 24.38
21.67

6 .17¿ 2.0025

-OOCH 22.39 19.64
22.39

2 .78* 
5 .5 6 d

2.0024

-OOCCH2CH2CH3 22.10 20.31
22.54

5 .6 3 d 2.0024

-N H / 21.87 23.54 5 .2 3 d 2.0025
- o c h 2c h c h 2o 22.00 23.39

22.00
5 ,8 2 d 2.0026

a At 25 ±  2°, low-resolution conditions; the maximum uncertainties of the 
a and g values are 0.1 G and 0.0001, respectively. b When two values are 
given, the upper and lower values are assigned to the /3-CH2NH2 and -CHsX 
protons, respectively; when a single a value is given, both pairs o f protons 
are equivalent. c Data for 1 (-NH 2) in Table II as this is from spectra better 
resolved than those taken by the TiCl3—NH2OH-AOH2 procedure, see 
Table II, footnote d. d ay.n . e 5-HC)0C'H*  ̂With the use of procedures 
similar to those of this present work, aa _HCH, a/3-HCH2NH2, and (Zy -nNH2 
have been found17 to be 22.54, 23.69, and E.29 G, respectively; probable tp 
ca. 15°.

The quartet splitting, indicating a chance equivalence of 
the a-proton with one set of /3-CH2 protons, was ca. 21.3 
G, whereas the triplet splitting was ca. 24.4 G, these 
values being in good agreement with the corresponding 
data obtained in our previous study.5

Table IV lists the coupling constants and g  values ob­
served for the 6 (-X) radicals with the comparable data in 
the literature.17 It will be seen that, where comparison is 
possible, our data agree tolerably well with those of oth­
ers.

Discussion
I. T h e  R adicals O bserved . Every allyl compound but 

methallyl alcohol underwent both head and tail hydroxyl 
radical addition, the head-addition radical always having 
the higher concentration. Also, the relative molar propor­
tion of these addition radicals was qualitatively similar for 
each such substrate. However, with methallyl alcohol, 
only the head-addition radical was observed. As in our 
previous study of allyl alcohol with the use of the TiCl3- 
H2O2 radical-generating system,® the spectrum of radical 
3, was observed and, although this spectrum was less in­
tense than that for either of the addition radicals, it could 
be resolved and characterized. Only a few of the other 
substrates, viz., the ethers and the n -butyrate, gave evi­
dence of signals other than those from the two addition 
radicals when treated with this same radical-generating 
system, but these signals proved to be too faint to be 
characterized. This is perhaps nc<t too surprising, for of all 
the substrates examined, only the ethers might be expect­
ed to be reactive enough at the allylic position to give re­
sults comparable to that from allyl alcohol.s. 2 5 . 30 It will 
be noted that none of the allyl substrates were found to 
give clear evidence of polymeric addition radicals with the 
use of the TÍCI3-H 2 O2 radical-generating system. This ob­
servation is in line with our earlier, analogous TÍCI3-H 2O2 

system investigation of allyl alcohol5 which showed such 
radicals to be readily observed only for substrate concen­
trations considerably larger than those employed here.

The few allyl compounds investigated with the use of 
the TiCl3-NH2OH radical-generating method each gave 
only one observable monomeric addition radical, this 
being the head amino radical addition product, and no ev­
idence of an allylic radical. For a given substrate and in

comparison with the TiCl3-H20 2 system, the TiCl3- 
NH2OH system gave signals of lower intensity and greater 
complexity. This may be a reason that only one such radi­
cal product could be detected with the use of the latter 
system. However, for the TiCl3-NH2OH system investiga­
tion of allyl alcohol, by extending the study to substrate 
concentrations much larger than for the other substrates, 
a signal attributable to a polymeric addition radical was 
also observed, as would be expected on the basis of our 
earlier work5 referred to already.

Our results for the relative proportion of 1-, 2-, and 3- 
type radicals observed with the use of these two radical- 
generating methods cannot be reliably discussed on a ki­
netic basis because, for example, their detailed depen­
dence on the reaction conditions was not investigated.5 
Nevertheless, they are qualitatively similar to the results 
of all comparable studies of which we are aware.31

II. H O C H 2 C H C H 2X  Radicals. The a-proton coupling 
constants of these radicals, including 1 or 1 (-OH), are ap­
proximately equal, all such values (see Tables I and II) 
ranging between 21.4 and 22.3 G, the average being 21.7 
G. This result is expected because the ^-electron spin 
density at the a -C, pa-cT, in all these radicals should not 
be very dependent on -X .32’33 The value of pa-c^HO- 
CH2CHCH2OH] may be calculated to be 0.876 on the as­
sumption that it equals33'34 pQ.cx[HOCH2C- 
(CH3)CH2OH]/(0.919) where, for the radical HOCH2C- 
(CH3)CH2OH

%-HCH:í = Qĥ V v-C" (1)

with QhCCH3 equal to 29.3 G.33,34 Hence, for this same 
radical, the value of | Qhch| in the McConnell equation35

aa-HCH = QhCV ,-C * (2)

equals 24.5 G, which is within the range expected.32,33 
Also, this estimate for pit-cT[HOCH2CHCH2OH] leads to a 
value for A(-CH20H) of 0.064, which is somewhat less 
than that reported by Fischer,32,33 0.079, but in reason­
able agreement, for example, with those which may be 
derived from the ap-hCHs data36 for CH3CHCH2OH and 
(CH3)2CCH2OH, 0.061 and 0.058, respectively.

In radical 4, q«-HCH2 was substantially less than at3-hch3 
and also ap-hch2 [1 ], probably on account of the likely in­
creased restriction to rotation about the -C C ^ O H  bond 
in 4 relative to l .32 In radicals 1 (-X) there were generally 
two sets of inequivalent /3-CH2 couplings which were both 
similar in size to those in 1. For each 1 (-X) radical, these 
couplings can be reasonably assigned to the two sets of 
chemically equivalent CH2 protons. Radicals 1 (-COOH) 
and I (-OCH2CH2 OH) were the two seeming exceptions 
to the above generalization. For the former, the two sets 
of CH2 protons were so close to magnetic equivalence that 
second-order splitting16 effects could be completely re­
solved. In the case of the latter, the magnetic equivalence 
was less close so that, although the nonequivalence did 
not show up under low-resolution conditions, under high- 
resolution conditions it appeared to be present but could 
not be analyzed.

For the most of the 1 (-X) radicals, tentative assign­
ments of the /3-CH2 couplings can be made by comparison 
of these couplings to those of previously reported radicals, 
as follows. For the radical 6 (-NH2) we have found 
a/3-hCH2 to be 23.5 G, whereas in 1, 0 /?-hCH2 is 21.7 G. 
Therefore, the larger of two /3-couplings in 1 (~NH2) can 
be assigned to the -CH2NH2 group and the smaller one to 
the -CH2OH group (see Table II). On the basis of this as­
signment for 1 (-NH2), it would seem reasonable to assign
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Figure 3. Epr spectrum  for the substrate allylam ine: tp 25°; 
[TiCI3] 0.004 M  and [H 2S 0 4] 0.2 M  in the reducing stream; 
[H 20 2] 0.1 M  and [CH2= C H C H 2NH2] 0.03 M  in the oxidizing 
stream; total flow  rate 3 ml sec - 1  equally divided between the 
two streams. A, F irst-order stick plot for HOCH2CHCH2NH2, a 
quartet (1 :3 :3 :1) of trip lets (1:2:1) of trip lets (1:1:1). B, First- 
order stick plot fo r •CH2CH(O H )C H 2NH2, a trip le t (1:2:1) of 
doublets (1 :1 ).

the larger of the two /3-CH2  couplings in both 1 (-CN ) and 
1  (-NH CON H 2 ) to the CH 2  group adjacent to the nitro­
gen containing -X  group, for these /3-CH2  couplings are 
considerably closer to a0 -HCH2 NH2 [H2 NCH 2 CHCH 2 NH2] 
than to a/j-HCH2 ° H[H 0CH 2 CHCH 2 0H ], whereas for the 
smaller /j-CH 2  coupling the reverse holds.

For the radicals 1 (-O O C R ) 2 1  the two sets of /3-CH2  

coupling constants are unequal and fall into two distinct 
groupings (see Table II). The smaller /3-CH2  couplings are 
in the range of 18.0-18.6 G whereas the larger couplings 
fall in the range 23.1-24.3 G . 3 7  A tentative assignment can 
be made by com parison with the radical 
•CH2 CH 2 OOCCH 3 , 8 , formed by hydrogen atom abstrac­
tion from ethyl acetate9  for which aa - H C H 2  and ag. H C H 2  

are 22.2 and 25.2 G, respectively. Based on the work of 
Oki and Nakanishi, 3 8 - 4 : 1  who have investigated the confor­
mation of carboxylic acid esters in the liquid phase, we 
may suppose that the ester groups in radicals 8  and 1  

(-OOCR) exist in the s -tr a n s  form which for the latter may 
be illustrated

0

Thus the larger (3 - CH 2  coupling in 1 (-OOCR) can be rea­
sonably assigned to the -C H 2OOCR group on the basis of 
its being closer to the size of o,s-hCH2 [8 ] . Moreover, if we 
assume that the sole effect on ag. H C H 2 ° ° C C H 3  of substitut­
ing a -C H 2OH group for an a-H atom in 8  would be from 
the resultant change in p a- h"", it follows that
a(j-HCH2 ° ° CCH3 [l(-O O C C H 3 )] should equal 23.6 G, based 
on the previously given values for a/3 _HCH3 [8 ] and 
A (-C H 2 OH), 25.2 G and 0.64, respectively. The experimen­
tal value of a/}-HCH2 ° OCCH3 [l(-O O C CH 3 )] is 23.1 G, in rea­
sonable agreement with expectation. Consequently, the 
smaller /3-CH2  coupling in 1 (-OOCR) is assigned to the 
-C H 2OH methylene protons.

For the 1 (-O C H 2 CH3) and 1 (-0 C H 2 CHCH 2 0 ) radi­
cals it does not seem readily possible to assign the /3-CH2  

couplings. However, in the case of the latter, an attempt 
to do so is given in section IV. Radical 1 (-O C H 2 CH 2 OH) 
appears to have two inequivalent sets of (3-CH 2  protons 
but, because of the complexity of the high-resolution 
spectra, it was impossible to show this inequivalence 
clearly. The interesting feature of these ether radicals is 
the f-proton splitting. We have suggested already that this 
coupling might arise from the formation of a six-mem- 
bered cyclic structure (see Figure 4). This idea is support­
ed by the decrease of a.-h with increasing steric bulkiness 
of the -X  group, v iz ., from ca . 1.0 G in 1 (-O C H 2 CH3) to

H

Figure 4. A possible conform ation for the proposed cyc lic  radi­
cal HOCH2CHCH2OCH2CH3, where -R  equals -C H 2OH, with the 
e-CH3 protons interacting with the 2pz orbita l by a through- 
space mechanism.

ca . 0.3 G in 1 (-O C H 2 CH 2 OH) and finally to less than the 
line width (ca. 0.1 G) in 1 (-C H 2 CHCH 2 0 ) . The broad 
lines attributed to 1  (-O C H 2 C H =C H 2) when diallyl ether 
was the substrate might perhaps be explained by the for­
mation of such a cyclic radical in which there would be 
spin delocalization into the double bond. The cyclic radi­
cal concept proposed here is similar, for example, to the 
intramolecular hydrogen transfer v ia  transient-ring-forma- 
tion hypothesis put forth by Roedel4 1 ’ 4 2  to account for 
short-chain branching in the radical polymerization of 
ethylene. However, the secondary radicals, HOCH 2 CH2- 
CH 2 OCH2CHOH and HOCH 2 CH 2 CH 2 OCH 2 CH 2  from 
allyl 2 -hydroxyethyl ether and allyl ethyl ether, respective­
ly, expected from such a process, were not observed.

III. ■CH2C H ( 0 H ) C H 2X  R a d ica ls . The a- and d-proton 
coupling constants for radicals 2 (-X ), including 2 or 2 
(-OH ), are of very similar size with a a -H C H 2> ag.HCH, and 
their difference falling in the ranges 21.9-22.4, 23.6-25.0, 
and 1 .4-2.9 G, respectively. This similarity is not unex­
pected as, in each radical, the -X  group is far removed 
from the unpaired electron in the 2pz orbital. If the com ­
parison is restricted to a series of like radicals, these vari­
ation ranges are smaller, e .g ., 2 (-OOCR) radicals exclud­
ing 2  (-O O C C 6 H5).

IV . H 2 N C H 2 C H C H 2 X  R a d ica ls . As noted previously, 
except for the presence of a 7 -nitrogen coupling, the spec­
trum of each 6  ( -X ) radical is similar to that of the corre­
sponding 1 (-X ) radical. However, the analogous proton 
coupling constants for each 6  ( - X ) / l  ( -X ) pair show dif­
ferences. First, a„-n [ 6  (—X)] is slightly greater than a a-h[1 
(-X )], their difference being about the size expected. For 
we would expect this difference to be determined primari­
ly by Pa-H" ' [ 6  (-X ) ]jp a -c *[1 (-X )] which may be put equal 
to [l-A (-C H 2 NH 2 )] /[l-A (-C H 2 O H )];i 7 . 3 2 . 3 3  and, assuming 
A (-C H 2 NH2) and A (-C H 2 0H ) to be 0.04343 and 0.064, re­
spectively, gives the latter ratio as 1.02. Secondly, we 
have already pointed out that a;i-HC H 2 [ 6  (-N H 2)] is greater 
than a/3 -HCH2 [l] and have used this inequality to assign 
the larger /i-CH 2  proton coupling in 1 (-N H 2), or 6  (-O H ), 
to the -C H 2 NH 2  group. The two sets of /?-CH 2  couplings 
for each 6  (-O O C R )/l (-OOCR) pair appear to show a 
similar kind of effect, viz. the smaller value of ap-HC H 2 [ 6  

(-OOCR)] is greater than the smaller value of a/3 -HCH2[l 
(-OOCR)], whereas the reverse holds for the larger values 
of O0 -hC H 2 [ 6  (-OOCR)] and a5-HCH2[l (-OOCR)]. This ef­
fect seems consistent with and tends to support our previ­
ous assignment of the two sets o f /3-CH2  proton couplings 
in the 1 (-OOCR) radical series. Also it leads to our tenta­
tively assigning the smaller ¡3-CH 2  proton coupling in the 
6  (-OOCR) radicals to the -C H 2 NH 2  group.
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Earlier we noted that 1 or 1 (-OH) and the head-addi­
tion radicals from the ethers were similar with respect to 
coupling constants. From this knowledge and by compar­
ing 1 (-NH2) or 6  (-OH) with 6  (-OCH2CHCH2Q), we 
may tentatively assign the larger aa. HCH2[6 ( -0 - 
CH2CHCH2O)] value to the -CH 2NH2 group. On the 
basis of these assignments and omitting consideration of 
the ether radical, it is seen that the range of values of 
¡og_HCH2NH2 [6  (-X)] -  a0 -HCH2° H[l (-X)]| is 1 .6 - 2 .7 G and 
that of |o0 -hch2x [1 (-X)] -  <js-hch2x [6  (-X)]} is 0.0-1.0 G. 
On the basis of these two ranges, we may now attempt to 
assign the two as-HCH2[l (-OCH2CHCH2Q)] values, the 
smaller being assigned to the -CH 2OH. If the assignments 
were reversed the two a g -hCH2 difference ranges would 
have to be extended. No attempts were made to extend 
this tentative argument to the other ether 
HOCH2CHCH2X  type radicals as their as-HCH2 values are 
less different.
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13C chemical shifts were determined for 1:1 acetone-phenol solutions in carbon tetrachloride. Solute con­
centrations were varied from 6.5 to 0.0098 m  and the temperature was varied from 258 to 324°K. Equilib­
rium constants for the formation of the phenol-acetone complex and 13C chemical shift values of the per­
tinent individual species were obtained at each temperature by iterative least-squares approaches at two 
levels. In the more complete treatment, phenol and acetone self-association were included. Data on self­
association were obtained in separate 13C nmr studies of phenol in carbon tetrachloride and acetone in 
carbon tetrachloride. Thermodynamic data were also obtained from the self-association data. It appears 
that carbonyl 13C shifts are well suited to detailed analysis of hydrogen-bonding systems, but that the
13C resonances of phenolic carbons may not be

Introduction
During the past few years there has been a large volume 

of 13C nmr data accumulated on a variety of compounds. 
A large portion of the 13C investigations have been at 
least partially devoted to the characterization of the shifts 
of a carbonyl carbon.1 Carbon-13 nmr solvent studies by 
Maciel and Natterstad2 on the 13C chemical shifts of the 
carbonyl carbon in a variety of carbonyl containing com ­
pounds, including acetone, have shown the shifts to be 
especially sensitive to solvents that are hydrogen-bonding 
acids, but relatively insensitive to aprotic solvents. Simi­
lar 13C nmr solvent studies by Maciel and -James3 on the 
13C chemical shifts of phenol have shown that the induced 
solvent shifts were dependent upon the basicity of the sol­
vent system, and that as the basicity of the solvent in­
creases, the induced shifts tend to increase in magnitude. 
In both of these earlier 13C nmr solvent studies, the ob­
served shifts were interpreted in terms of the formation of 
intermolecular hydrogen-bonded complexes between the 
solute and solvent. The sensitivities of the carbonyl and 
phenolic 13C chemical shifts to the acidic or basic nature 
of the solvent found in these earlier investigations2-3 point 
to the possible use of the 13C chemical shift parameter in 
studying intermolecular hydrogen bonding.

The present study was undertaken in order to establish 
in greater detail the utility of the 13C chemical shift pa­
rameter to characterize intermolecular hydrogen bonding. 
The acetone-phenol system was chosen, focusing attention 
on the carbonyl carbon of acetone and the substituted 
carbon of phenol. Thermodynamic data for this system 
have been determined previously on the basis of other 
methods, e .g ., infrared and nmr,4-5 providing a check 
on the thermodynamic values obtained by 13C nmr.

Experimental Section
The 13C nmr spectra were obtained at a frequency of 

22.628 MHz on solutions containing equimolar concentra­
tions of phenol and acetone in a solvent which consisted of 
5% (by volume) CeHi2 (Eastman, spectrograde) and 95% 
carbon tetrachloride (Fisher, spectrograde) and was stored 
over Linde molecular sieves (Union Carbide, 3 A). The 
13C resonance of CeHi2  served as the internal reference. 
Field/frequency stabilization was achieved by locking on 
the 19F resonance signal of l,l,2-trichioro-3,3,3-trifluoro-

as promising.

1 -propene (PCR, Inc.) contained in a 2-mm (o.d.) capil­
lary centered concentrically with Teflon spacers in a 
1 0 -mm sample tube. The spectrometer employed was a 
Bruker HFX-90, interfaced to a Digilab FTS/N M R-3 data 
system and pulse unit. The combinations of acquisition 
time and number of data points were chosen such that the 
accuracy of all shifts determined is better than ±0.05
ppm.

Phenol (Baker, reagent grade) and acetone (Fisher, 
spectrograde) were purified by distillation from Linde mo­
lecular sieves (3 A) to remove any water contained in the 
compounds. The samples were prepared in a drybox, 
charged with dry nitrogen, by weighing or syringing phe­
nol, acetone, and the 5% C 6 H 1 2 -CCI4  solvent to make 
what is formally a 6.5 m  solution of the 1:1 acetone-phe­
nol complex. Dilutions were also carried out in the drybox 
and spectra were obtained on natural abundance samples 
prepared in this manner at concentrations ranging down 
to (and including) 0 . 2  m . Samples of formal acetone-phe­
nol concentrations of 0 . 2  m  and below were prepared with 
1 3 C-enriched phenol (1-13C 50%, see below) and carbonyl- 
labeled acetone (2-13C 50%, Merck Chemical Co.). These 
compounds were purified also by vacuum distillation from 
molecular sieves, 3 A. With 1 3 C-enriched solutes, spectra 
were obtained at concentrations down to 0.0098 m .

The phenol-l-13C was prepared by the dehydrogenation 
of carbonyl-labeled cyclohexanone, carried out nearly 
quantitatively by passing the cyclohexanone vapors at 
about 350° through a Pd/charcoal column.8 The cyclohex- 
anone-l-13C was prepared by the pyrolysis of the barium 
salt of heptanedioic-1.7-13C acid, prepared v ia  hydrolysis 
of the dicyanide obtained by treating 1,5-dibromopentane 
with K 13CN, according to the procedure described by 
Murray and Williams.7

13C spectra were obtained for each solution over a tem­
perature range of about 258 to 324°K, covered in incre­
ments of about I T .8 The Bruker ST-100/700 temperature 
control unit was calibrated for the specific characteristics 
of these experiments and the temperature of the sample is 
reported with an accuracy of ±1°.

Results and Discussion
A . O v era ll  T ren d s . 13C chemical shifts were determined 

on the carbonyl carbon of acetone and on the substituted
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carbon of phenol as a function of temperature (258-324°K) 
and the formal concentration of the 1 : 1  acetone-phenol 
complex (0.0098-6.5 m) in CCI4 . Data on the other phenol 
carbons and on the methyl carbcn of acetone were ob­
tained in the concentration range 0.20-6.5 m . Figure 1 
summarizes the results for the carbonyl shifts at concen­
trations of 0.722 m  and below.

Several trends can be noted upon examination of Figure 
1. As the temperature is decreased for a given concentra­
tion, the shielding of the carbonyl carbon of acetone de­
creases. As the formal concentration of the complex is de­
creased, the carbonyl carbon of acetone becomes more 
shielded.

Examination of the data on the shifts of phenol carbons 
revealed that they are not very sensitive to a 6 6 ° tempera­
ture variation nor to a 2 0 -fold variation in concentration . 8  

Because of this low sensitivity, plots similar to those given 
in Figure 1 are not shown for the phenol results.

Of the carbons in this system, the chemical shift that is 
most sensitive to changes in temperature and/or concen­
tration is that of the carbonyl carbon o f acetone. At the 
highest phenol-acetone concentration investigated, the 
total change in shielding of the carbonyl carbon of acetone 
for a temperature variation of 6 6 ° is approximately 1.5 
ppm (to lower shielding as the temperature is reduced). 
The sensitivity of the shielding of the carbonyl carbon to 
variation in temperature increases as one proceeds to the 
lower concentrations, and is a maximum at about 0.039 m  
(3.24 ppm change in shielding for a 6 6 ° temperature varia­
tion) and then decreases below this concentration. At a 
given temperature, as the concentration decreases, the 
shielding of the carbonyl carbon increases; the sensitivity 
of the shielding to a concentration change increases at the 
lower concentrations. Comparing the sensitivity of the 
carbonyl carbon at various temperatures, it is seen from 
Figure 1 that at the lower concentrations the change in 
shielding with concentration change is greater at the lower 
temperatures; i .e ., the slope A<$1 3 C /Am , where Am repre­
sents the changes in molality of the complex, is greater for 
the lower temperatures.

The observed shielding variations with temperature or 
concentration for the other carbons within this system are 
much lower in magnitude than those found for the car­
bonyl carbon. It was felt before initiating this work that 
the shielding of the substituted carbon of phenol would 
also show sufficient sensitivity to changes in concentration 
and temperature to provide an additional useful probe; 
however, this hope was not realized experimentally.

A reality that must be considered ¡n interpreting these 
results is that the shifts observed in this investigation are 
partly due to changes in the position of an equilibrium 
between monomeric and dimeric or polymeric species,
i .e ., formation of aggregates of acetone and/or phenol. To 
explore this possibility, experiments were carried out to 
determine the effects of variations of concentration (0 .0 2 -
6.5 m) and temperature (258-321°K) on the carbonyl car­
bon shielding of acetone in the absence of phenol and on 
the shielding of the substituted carbon of phenol in the 
absence of acetone.

For the acetone case, as the concentration of acetone is 
reduced at a given temperature the carbonyl carbon be­
comes more shielded. For a given concentration, as the 
temperature is reduced by 63° the carbonyl carbon be­
comes less shielded by about 1  ppm for any of the nine 
concentrations investigated. Comparing these results and 
those obtained for the shielding of the carbonyl carbon of

Figure 1. 13C chem ical shifts of the carbonyl carbon of acetone 
in 1:1 acetone-phenol solutions as a function of concentration 
and temperature. Increasing 6 values correspond to decreasing 
shielding (given with respect to cyclohexane). Temperatures 
given by a =  324°K, b =  314°K, c =  302°K, d =  291°K, e =  
280°K, f =  269°K, g =  258°K.

acetone in the presence of phenol reveals the following: ( 1 ) 
for a given concentration and temperature, the carbonyl 
carbon of acetone is less shielded in the presence of phe­
nol than in the absence of phenol; ( 2 ) for any concentra­
tion, the sensitivity of the carbonyl carbon shielding of 
acetone in the absence of phenol to a temperature varia­
tion is virtually a constant value of 1 ppm over a 63° 
range; however, the sensitivity of the carbonyl shielding in 
the p r e s e n c e  of phenol to temperature variation changes 
with concentration, with a maximum sensitivity occurring 
at a concentration of about 0.039 m for the complex; (3) 
at a given temperature, the shielding of the carbonyl car­
bon of acetone is not very sensitive to variation in concen­
tration in the absence of phenol, while the shielding of the 
carbonyl carbon of acetone in the p r e s e n c e  of phenol is 
very sensitive to variation of concentration, and approach­
es at the lowest concentrations that value obtained in the 
absence of phenol at the lowest concentration investi­
gated.

For a given concentration, as the temperature is de­
creased the substituted carbon of phenol (C -l) becomes 
more shielded. For a given temperature, as the concentra­
tion is decreased the substituted carbon becomes less 
shielded. At the lowest concentrations the sensitivity of 
the C -l shielding to a temperature variation is small. 
Comparing these results with the shieldings obtained for 
the substituted carbon of phenol in the presence of ace­
tone reveals the following patterns: ( 1 ) for a given concen­
tration and temperature, the substituted carbon of phenol 
is less shielded in the presence of acetone than in the ab­
sence of acetone; ( 2 ) for any concentration the sensitivity 
to temperature variation of the C -l shielding of phenol is 
somewhat higher w ith o u t  acetone present; (3) at a given 
concentration the temperature sensitivity of the C -l 
shielding of phenol in the presence of acetone or in the 
absence of acetone appears to be of roughly the same 
order of magnitude, but in the opposite sense; empirical­
ly, this accounts for the general pattern of insensitivity of 
the C -l shielding of phenol in the phenol-acetone case; (4) 
the C -l shielding of phenol, extrapolated to infinite dilu­
tion, tends toward the same value whether or not acetone 
is present.

The composite picture of the 13C data described above 
indicates that the shifts obtained in the acetone-phenol 
system in CC14  reflect two types of equilibria. Thus, the
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observed shifts depend upon the following: (1) changes in 
the position of an equilibrium between unassociated phe­
nol and acetone molecules and those that are hydrogen 
bonded, and (2) changes in the position of equilibria be­
tween monomeric and polymeric species of each compo­
nent. There are at least two approaches by which the ace­
tone-phenol data can be analyzed to extract the equilibri­
um constant for hydrogen-bond formation. In one ap­
proach one simply ignores changes in the shieldings of ac­
etone and phenol due to factors (e .g ., self-association) 
other than changes in the hydrogen bond equilibrium be­
tween acetone and phenol. In such an approach one either 
assumes that self-association effects are negligible in com ­
parison to the influence of acetone-phenol interactions, or 
assumes that the errors implicitly introduced by neglect­
ing self-association are largely self-cancelling. Or, at es­
sentially the same level, one can qualitatively visualize 
the equilibrium between the acetone-phenol complex and 
non-hydrogen-bonded acetone and phenol, without regard 
to the detailed states of microscopic aggregation of the 
non-hydrogen-bonded species. A somewhat more sophisti­
cated approach attempts to use the observed shifts direct­
ly to analyze the data by taking self-association of acetone 
and of phenol explicitly into account (to the dimer level, 
in this particular treatment). Each of these methods is 
discussed in greater derail in the next section.

B . A n a ly s is  o f  th e  D a ta . M e t h o d  I. Neglecting self-asso­
ciation, we focus upon the equilibrium expression for the 
dissociation of the hydrogen-bonded acetone-phenol com ­
plex. Assuming a 1:1 complex, the equilibrium can be 
represented as

AP =  A +  P 0 )

where AP represents the 1:1 hydrogen-bonded complex, 
and A and P represent acetone and phenol monomers, re­
spectively. The equilibrium expression for this process is

K  =  [A ][P ]/[A P ] (2)

where the brackets represent the equilibrium activities of 
the indicated species (in the present investigation we have 
employed the ideal dilute solution assumption, using 
molalities). For a fast exchange process between two sites, 
the observed acetone resonance position corresponds to a 
weighted average signal of the two types of A species (mo­
nomer and hydrogen-bonded complex), with a chemical 
shift that is given by the usual type of expression

, [a ; f , [a p ] ._.
5obsd [A p ] +  [a ] <5a +  [A p ] +  [ a ] 5af (3)

In eq 3, 5 0 b s d ,  6 a , and oAp represent the observed weighted 
average chemical shift value and the chemical shifts of 
monomer A and of A in the complex AP, respectively, 
with respect to an internal reference. The problem is to 
extract K , the equilibrium constant for dissociation of the 
hydrogen-bonded complex, from the experimental data. 
This was accomplished as follows.

The solutions were all prepared initially with equimolar 
quantities of A and P, so that eq 2 becomes

K  =  [ A]2/ [  AP] (4)

which can be written as
K  =  [A ]7 (C t -  [A ]) (5)

where
CT =  [AP] +  [A ] (6)

Solving for [A] and [AP] in eq 5 and 6, respectively, and

TABLE I: Calculated Values of K ,  SA ,  and ¿ap Using 
Acetone Shifts and Method I

T em p *1 K «A P 6 5ac 1 / K d

324 0.0918 183.81 175.54 10.89
314 0.0669 183.81 175.60 14.59
302 0.0463 183.81 175.61 21.60
291 0.0318 183.81 175.67 31.45
280 0.0239 183.94 175.82 41.84
269 0.0180 184.03 175.98 55.56
258 0.0145 184.16 176.39 68.97

a T e m p e r a t u r e  in  d e g re e s  K e lv in .  ■' L e a s t -s q u a r e s  e v a lu a te d  s h i f t  o f  th e  
c a r b o n y l  c a r b o n  o f  a c e t o n e  in  th e  a s s o c ia te d  (A P )  m o le c u le .  c L e a s t -s q u a r e s  
e v a lu a te d  s h i f t  o f  t h e  c a r b o n y l  c a r b o n  o f  a c e t o n e  a s  ^he u n a s s o c ia te d  m o le ­
c u le .  d A s s o c ia t io n  c o n s t a n t  f o r  fo r m a t io n  o f  t h e  a c e t o n e -p h e n o l  c o m p le x .

substituting the resulting expressions into eq 3, yields

¿ o b s /N )
- K  +  ]/ K - +  A K C (N )  

2 C ( N )
ÔA +

2 C ( N )  +  K  -  V k 2 +  A K C ( N )  .
2 C ( N )  AP (?

where C {N )  and 60bsd(N) represent values of CT and 60bsd 
for the Nth experiment in a series of experiments in which 
CT is varied. The known quantities in eq 7 are 60bsd(N) 
and C(N). The unknowns are 6A, 6Ap, and K . To solve eq 
7 for 6a, 6a p, and K . an iterative least-squares computer 
program was employed.9 The results of this analysis for 
the data obtained on the carbonyl carbon are summarized 
in Table I for all the temperatures employed.

The values of 60bsd computed for the acetone carbonyl 
carbon by method I agreed extremely well with those de­
termined experimentally. A plot that demonstrates this 
agreement for a particular temperature is shown in Figure
2. Agreement of similar quality was obtained for each 
temperature studied. The association constants (1 / K )  for 
hydrogen bond formation determined by method I from 
the acetone shifts are also in rough qualitative agreement 
with those reported in the literature, but are generally 
higher. Employing an infrared study of the phenol-OH 
stretching line, Gramstad10 has determined the hydrogen- 
bond association constant of phenol and acetone in carbon 
tetrachloride at two temperatures. The values he obtained 
are (1 /N )293 = 12.31(M -2) and ( l /X ) 323 = 6 .0 K M -1). 
Also based upon infrared methods, -Joesten and Drago,4a 
Widom and coworkers,11 Heinen,12 and Mizushima and 
coworkers13 have reported (1 /N )298 = 13 M M - 1), (1 / 
A )297-5 = 8.5( M - 1), (1 /K )296 = 12.3(A i*1), and (1 /K )303 
= 8 respectively,  for the acetone-phenol system. 
Based upon 1H nmr experiments, Nakano and coworkers14 
report 10.7(M_1) for (1 / K )298.

Values of In (1 / K )  determined by method I for each 
temperature from the acetone carbonyl data were plotted 
vs. 1/71 The plot is shown in Figure 3; the slope at 298°K 
is 2.63 x 103 deg, from which a AH ° 2 9 8  value of -5 .2  kcal/ 
mol is derived for the formation of the phenol-acetone 
complex. This is in fairly good agreement with the values 
reported previously for the same system, -7 .0 ,11 — 5.l ,4b

5.34,15 and —3.3 ±  0.5,4a all based upon infrared stud­
ies. A value of -11 .3  eu was obtained for A S °2gg. Values 
of -6 .2  and -12 .9  eu have been reported for the acetone- 
phenol43 and the 2-butanone-phenol15 complexes, respec­
tively, based on other methods.

The association constants (1 / K )  determined by method 
I from the phenol data showed large deviations from a 
monotonic trend as temperature is varied. This is proba­
bly due to the generally small chemical shift variation ob-
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served for the phenol case as temperature and concentra­
tion were varied; with such small shift variation, any 
complicating factors, e .g ., instrument variation or failure 
of the model, could preclude a straightforward analysis of 
the data. Hence, the phenol chemical shift data are not 
considered further in this paper.

M e t h o d  II. In this method. se//-association to the d im e r  
level is included explicitly in the weighted-average chemi­
cal shift expression. Inclusion of this term in eq 3 yields

, [A ]
[A P ] +  [A ] +  2[A ,] 6a 
2CAJ t , [AP]

[AP] +  [A ] +  2[A 2] °a" +  [A P lT T A ]  +  2[A 2] ° AP (8>

Three simultaneous equilibria are pertinent in analyzing 
the data in terms of this model. These are

A +  A =  A 2, [ A , / [ A ?  =  a  (9)

A +  P =  AP, [A P ]/[A ][P ] =  c (10)

P +  P =  P* [PJ/[P]2 =  P (11)
where A2 and P2 represent dimers of acetone and phenol, 
respectively, and a and p represent the a s s o c ia tio n  con­
stants for acetone and phenol, respectively.

Defining A x as the total concentration of species A in 
any form and Py as the total concentration of species P in 
any form, eq 9-11 can be solved for [A], [AP], and [P2], 
Combining these results and the definitions of A T and PT, 
yields

A t =  [A ] +  2o[A ]- +

-(1  +  c[A ]) ±  V̂ fl +  c[A])~ +  8Pp 7 
■ip } (1 2 )

Algebraic rearrangement, noting that for the present 
study A  y = PT, yields the quartic equation

a(4a — c /p 7 [A ]4 +  (4o — e/2p~ — a c /p ) [A ] : +
(1 -  c / 2 p  -  4aAT)[A p  +  (2A Tc/4 p  -  1)[A] +  A T2 =  0

(13)
Using eq 9-11 and the definition of AT in eq 8. one ob­

tains
A t — [A ] — 2a[A ]_[A ] 2a[A]~

Ö ohíd , <5A +  . 0.\
A t aAt

¿A + <5.41>

(14)
We seek now the solutions of eq 13 and 14 that give the 
best account of 50bsd. i the best agreement between 
calculated and experimental values for each experiment 
(each A t  and temperature). This requires values of the 
dimerization constants, a andp.

The values of a and p and of ó.\ and óA2 were obtained 
from experiments on acetone in carbon tetrachloride and 
on phenol in carbon tetrachloride, analyzed via  a simple 
modification of the iterative least-squares approach out­
lined in method I. Equation 7 for the monomer-dimer 
model becomes, for the acetone case

- K  J 2  +  l7P a-74 +  2 K  \A r( .V ) , 
oobsAA ) =  --------------------------------------------------------------- Òa +2 At( A’ )

2At(N ) +  K a/2  -  l / f l y /4  +  2A'aAt( JV 
2 A t( N  )

<5 a (15)

where K A = 1 /a.

Figure 2. Experimental points and calculated line for ¿obsd v s - 
form al acetone-phenol concentration (CT ), using method I for 
carbonyl carbon shifts of acetone at 324°K. Increasing o values 
correspond to decreasing shielding (given with respect to 
cyclohexane).

Figure 3. Plot of In (1 /K ), determ ined for acetone-phenol com ­
plex form ation by method I from the acetone carbonyl carbon 
shifts, vs. 1 / r .  Slope at 298°K is 2.63 X 1 03 deg.

TABLE II: Calculated Values of the Dimerization 
Constant (a ) , ¿a , and oA? for Acetone"

T e m p 6 a sA!c ÍA d K a '

321 0.186 178.76 174.34 5.38
311 0.189 178.97 174.49 5.28
300 0.213 179.01 174.63 4.70
290 0.231 179.20 174.78 4.33
279 0.256 179.23 174.93 3.90
269 0.284 179.26 175.11 3.52
258 0.330 179.28 175.29 3.03

“  C a lc u la te d  o n  th e  b a s is  o f  a  le a s t -s q u a re s  fit  t o  t h e  e x p e r im e n ta l  d a ta , 
u s in g  e q  15. T e m p e r a t u r e  in  d e g re e s  K e lv in .  c V a lu e s  o f  th e  s h i f t  o f  th e  
c a r b o n y l  c a r b o n  in  a  d im e r  c o m p le x ,  c a lc u la t e d  as d e s c r ib e d  in  f o o t n o t e  a . 
d V a lu e s  o f  th e  s h i ft  o f  th e  c a r b o n y l  c a r b o n  a s  th e  m o n o m e r , c a lc u la t e d  as 
d e s c r ib e d  in  fo o t n o t e  a . ‘'T h e  d is s o c ia t io n  c o n s t a n t  o f  th e  a c e to n e  d im e r , 
K k  =  1 /u .

A similar expression may be written for the phenol case 
in terms of p. Using the observed shifts for acetone in car­
bon tetrachloride (in the absence of phenol) as a function 
o f concentration in an iterative computer program based 
upon this equation, values of oA, o.\2, and a were deter­
mined for each temperature; these values are summarized 
in Table II. Values of 5P, oP2, and p were determined in 
the same manner from the data on phenol in carbon tetra­
chloride in the absence of acetone; these values are sum­
marized in Table III. The agreement between the experi­
mental values of o„bsrt and the values calculated using the
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MOLE FRACTION

Figure 4. The dependerce of 13C chem ical shift of the carbonyl 
carbon of acetone (with respect to cyclohexane) upon concen­
tration in carbon tetrachloride (in the absence of phenol). The 
curves for each tem perature were computed accord ing to eq 15 
in term s of molality, but are given here with respect to mole 
fractions. Experimental points indicated. Tem peratures given by 
a =  321°K, b =  311°K, c =  300°K, d =  290°K, e =  279°K, f =  
269°K ,g  =  258°K.

MOLE FRACTION

Figure 5. The dependence of the 13C chem ical shift of the sub­
stituted carbon of phenol upon concentration in carbon te tra ­
chloride (in the absence of acetone). The curves for each tem ­
perature were computed according to the analog of eq 15 in 
term s of molality, but are given here with respect to mole frac ­
tions. Experimental points indicated. Tem peratures given by a =  
321°K, b =  311°K, c =  300°K, d =  290°K, e =  279°K, f =  
269°K, g =  258°K.

parameters given in Tables II and III is shown for acetone 
and phenol in Figures 4 and 5, respectively.

Plots of In (a) and In (p) us. 1 /T  yield values of A H °  for 
the self-associations of acetone and of phenol, respective­
ly. The S H °  of self-association is found to be -8 .3  kcal/ 
mol for phenol and —1.6 kcal/mol for acetone. Previously 
reported values of AH °  of dimerization of phenol are 
-5 .1 2 15 and —4.35 kcal/m ol16 based upon other types of 
experiments. Values of -27 .9  and -8 .4  eu were obtained 
for the self-association AS ° 2 9 8  values for phenol and ace­
tone, respectively.

The importance of phenol trimers in carbon tetrachlo­
ride solutions has been discussed by Bogachev and co­
workers, based upon 3H nmr studies.17 While trimer con­
tributions may introduce uncertainties into the precise 
meaning of the phenol association results given here, the

Figure 6 . Experimental points and curve computed by method II 
fo r the carbonyl shift of acetone vs. form al concentration of the 
acetone-phenol complex at 324°K. Increasing 5 values co rre ­
spond to decreasing shielding (given with respect to 
cyclohexane). Parameters used are 5a =  175.54, 5a2 =  178.76, 
a =  0.174, c =  11.0, 5Ap =  184.2, p  =  0.319.

TABLE III: Calculated Values of the Dimerization 
Constant p ,  Sp, and 5p, for Phenol“

T e m p k P 6 p ,c sPd K v ’

321 0.694 127.53 128.77 1.44
311 0.699 127.18 128.74 1.43
300 0.901 127.00 128.72 1.11
290 1.52 127.02 128.72 0.66
279 2.50 127.01 128.72 0.40
269 4.44 127.00 128.73 0.23
258 9.09 127.03 128.77 0.11

“  C a lc u la t e d  o n  th e  b a s is  o f  a  le a s t -s q u a re s  f it  t o  th e  e x p e r im e n t a l  d a t a  
u s in g  th e  a n a lo g  o f  e q  15. b T e m p e r a t u r e  in  d e g r e e s  K e lv in .  c V a lu e s  o f  t h e  
s h i f t  o f  th e  s u b s t itu te d  c a r b o n  o f  p h e n o l  in  t h e  d im e r  c o m p le x ,  c a lc u la t e d  
a s  d e s c r ib e d  in  f o o t n o t e  a. d V a lu e s  o f  t h e  s h i f t  o f  th e  s u b s t itu te d  c a r b o n  o f  
p h e n o l  in  t h e  m o n o m e r , c a lcu la te d  a s  d e s c r ib e d  in  f o o t n o t e  a . e T h e  d is ­
s o c ia t io n  c o n s t a n t  o f  t h e  p h e n o l  d im e r , K v  =  1 Jp.

main purpose in treating the phenol association was to 
provide more realistic values for the phenol monomer con­
centration for use in eq 10 than would be available if phe­
nol self-association were completely neglected. The fact 
that the dimer model accounts satisfactorily for the phe­
nol association data summarized in Figure 5 provides sup­
port for the use of this model in the present special case.

Still remaining is the primary task of obtaining the 
value of the acetone-phenol association constant, c, which 
yields the best fit to the experimental data according to 
eq 13 and 14. A computer-aided iterative approach was 
taken.9 For a given c, the roots of A  in eq 13 were deter­
mined for values of A T ranging from 0.722 to 0.0098 m . 
This process was carried out for a series of c values rang­
ing between 0 and 200.

For a given temperature, using values of a, 5A, and 5A2 
listed in Table II, p values from Table III, and a series of 
trial c values and 5Ap values, the agreement between ex­
perimental values of 50bsd and values calculated by eq 14 
for acetone was generally poor. However, it was found that 
if the 5a and c values calculated from method I (and sum­
marized in Table I) and the 5a2 values summarized in 
Table II are used, an excellent fit is obtained for the 50bsd 
values calculated according to eq 14. This agreement be­
tween calculated and experimental dependence of 50bsd on 
concentration is illustrated for one temperature in Figure
6. The agreement between the computed and observed 
shielding was very good at all the temperatures. For each
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TABLE IV: Parameters Used in Method II

T e m p c

In pu t® O u t p u t 6

a P Sa p C

324 0.174 0.319 184.2 11.0
314 0.186 0.496 184.1 15.0
302 0.206 0.860 184.0 2 2 . 0
291 0.230 1.490 184.1 32.0
280 0.256 2.560 184.4 42.0
269 0.289 4.960 184.6 56.0
258 0.329 9.490 184.8 69.0

a A s s o c ia t io n  c o n s t a n t s  o f  a c e t o n e  a n d  p h e n o l  in te rp o la te d  f o r  t h e  t e m ­
p e ra tu re s  o f  in te re s t  f r o m  p lo t s  o f  In a a n d  In p vs. 1 /T, b a s e d  o n  th e  a a n d  
p  v a lu e s  o f  T a b le s  II a n d  III, r e s p e c t iv e ly .  6 T h e  v a lu e s  o f  8\ p  a n d  c  o b ­
ta in e d  b y  a  b e s t  f it  c r ite r io n  o f  c a lcu la te d  a n d  e x p e r im e n ta l  p lo t s  o f  50bsd vs. 
A t  b y  m e t h o d  II. c T e m p e r a t u r e  in  d e g re e s  K e lv in .

temperature the best agreement between the experimen­
tal points and those computed by method II turns out to 
be given by a value of c that is approximately the l/ K  
value obtained by method I, using the 5A value obtained 
in method I, the 0a 2 value computed by the use of eq 15, 
and a and p values derived from Tables II and III, respec­
tively. The optimized values of 5AP are slightly different 
from those obtained directly by method I. The results are 
summarized in Table IV. The thermodynamic parameters 
appropriate to these method II results are essentially the 
same as those given above for method I.

The excellent agreement between the experimental 
values of <50bsd and those calculated by using method I, in 
which we have not explicitly included self-association ef­
fects, may be accounted for by the following arguments. 
First, the concentration of A2 is small in all of the ace- 
tone-phenol-CCl4 solutions. Also, both of the terms in 
which acetone self-association (method II) enters in eq 14 
are almost equal, but of opposite sign. This near cancella­
tion leaves an expression for 50bsd which is nearly identi­
cal with that used in method I, so it is not surprising that 
both methods should require almost the identical c and 
l / K  parameters to obtain the best agreement between 
calculated and experimental 50bsd Furthermore, it is not 
entirely surprising that the simpler method would give a 
fit equally as good as that of method II, because in meth­
od I the ¿a parameter is free-running (chosen for the best 
fit).

The fact that the <5A values derived from method I differ 
from those obtained by eq 15 and that method II is far 
more successful when employing the former set than when 
using the latter set, can be rationalized in the following 
manner. A dimer-monomer model is, of course, an over­
simplification of acetone self-association. To the extent 
that this model deviates from physical reality, an analysis 
of the data that is based on it can give distortions in the 
parameters employed in an iterative fitting procedure. For 
example, in attempting to fit the acetone self-association 
data (no phenol present) at high acetone concentrations, 
where dimerization may not account for a more compli­
cated self-association, the fitting procedure may yield pa­
rameters that would distort the oGbsd vs. A  v curve at very 
low concentrations (where the monomer-dimer model 
might be more appropriate). Such distortions would not 
be apparent from our data, which are limited to concen­
trations of 0.02 m  and higher; however, these distortions 
could lead to an incorrect extrapolation of ¿A. Such distor­
tions might not occur in the acetone-phenol system, 
where the effects of the formation of the AF complex

would dominate over those of acetone self-association at 
high A t  values; and since A2 (or A„) species would not 
occur in appreciable concentrations in this system, their 
presence could not, therefore, distort the fitting procedure 
in the manner described above. If this is the case, the oA 
value obtained by method I, in which a minimum of ace­
tone concentration of 0.01 m  was employed, would be 
more correctly identified with an acetone monomer than a 
6a value obtained by eq 15. Indeed, it appears from these 
data that acetone self-association could be left out of the 
analysis of phenol-acetone complexation.

To conclude, it appears that the observed 13C shifts in 
the acetone-phenol system can be accounted for in terms 
of three independent equilibria, the self-association of ac­
etone, the self-association of phenol, and the formation of 
a hydrogen-bonded complex between acetone and phenol; 
the first of these is relatively unimportant. The results ob­
tained from the 13C nmr approach using the carbonyl car­
bon are quite satisfactory; however, the 13C shieldings of 
phenolic carbons do not appear to be as promising for de­
tailed studies of hydrogen-bonding equilibria.
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The esr spectra of the duroquinol and duroquinol-c/ 2  cation radicals have been reinvestigated in various 
oxidant-solvent systems. In contrast to previous work the isomer ratio at low temperatures is found to be 
70:30 in favor of the trans form. Using a calculation based on density matrix theory the spectra have 
been simulated and matched throughout the temperature range studied and activation parameters have 
been obtained. The new value for the barrier to rotation of the hydroxyl proton in duroquinol is ca. 7 
kcal/mol, this now compares favorably with the value obtained by considering only the temperature de­
pendence of the hydroxyl proton splitting constant. The effect of solvent and deuterium substitution on 
the activation parameters is also discussed.

Introduction

Duroquinol (DQ, l,4-dihydroxy-2,3,5,6-tetramethylben- 
zene) cation radical was one of the first examples studied 
which showed the phenomenon of line width alternation 
in the electron spin resonance (esr) spectrum . 1  The effect 
was attributed to the restricted rotation of the hydroxyl 
groups which thus modulated the splittings of the methyl 
protons. The initial experiments were carried out in con­
centrated sulfuric acid solution in the temperature range 
10-50°. Further work2  in aluminum chloride-nitrometh- 
ane extended the measurements down to -9 0 °. At these 
low temperatures the spectra were interpreted in terms of 
cis and trans isomers in agreement with earlier predic­
tions 1  and a four-jump model was used to explain the 
variation in the spectra with temperature. Calculations of 
the spectra were made using the solution of the modified 
Bloch equations assuming a 50:50 ratio of cis and trans 
isomers. An activation energy for the hydroxyl group rota­
tion was then obtained as 4.2 ±  0.6 kcal/mol.

Further work on the DQ system was initiated for several 
reasons; first in our earlier investigation2  the agreement 
between the simulated and experimental spectra at low 
temperatures left something to be desired. This disagree­
ment could have been due to several factors; line width 
asymmetries are present in the experimental spectra but 
were not taken into account in the simulated spectra; the 
isomer ratio may not be 50:50, in fact, there was a slight 
possibility that only one isomer was present at low tem­
peratures. Second, the barrier to rotation of the hydroxyl 
group has been estimated from the temperature depen­
dence of the hydroxyl proton splitting constant as 6 . 6  ±
1.5 kcal/m ol , 3  and also some preliminary studies of the 
deuterated duroquinol cation radical suggested that the 
barrier to rotation of the OD group was ca. 6.5 kcal/m ol . 4  

This latter result by itself would be interesting if shown to 
be true and was therefore worthy of further investigation. 
Finally, the availability of a general line shape program 
using density matrix theory5  made it possible to carry out 
the required calculations in a reasonable amount of com­
puter time.

In order to resolve some of the questions raised above it 
was therefore decided to carefully reexamine the spectra

of DQ+ in several oxidant-solvent systems and to obtain 
where possible the corresponding deuterated DQ + spectra. 
Particular interest was focussed on how different solvents 
and oxidizing agents and deuterium substitution would 
affect the splitting constants and activation energies.

Experimental Section

Duroquinol was a commercially available sample. The 
cation radical was prepared under vacuum using either 
sulfuric acid or aluminum chloride as oxidant and nitro- 
methane, methylene chloride, or nitrobenzene as solvent. 
The deuterated duroquinol spectra were obtained by oxi­
dizing duroquinol with dideuteriosulfuric acid followed by 
addition of nitromethane or nitrobenzene. Isolation of 
(¿2 -DQ was attempted so that it could be oxidized with 
aluminum chloride, but a mixture of DQ, d-DQ and 
cQ-DQ was always obtained. The esr spectra were mea­
sured on a Varian E-15 spectrometer using a sample o f the 
perylene radical anion as a secondary standard. The tem­
perature of the sample was varied using a Varian temper­
ature controller which was calibrated against a thermo­
couple and the temperature was regularly checked during 
the course of our experiments. The least-squares analyses 
of the experimental spectra were carried out as previously 
described . 6  The density matrix program was that de­
scribed by Heinzer5  and a print-out of the program was 
kindly supplied by Dr. Heinzer.

Results and Discussion

L o w -T e m p e r a t u r e  S p e c tr a . As stated above, at low 
temperatures one expects the spectrum of DQ~ to be re­
solvable into two isomers. Previously in AICI3 -C H 3 NO 2 2  

some ambiguities were present at low temperatures, 
therefore, it was decided to try other solvents in order to 
resolve the difficulties. Methylene chloride proved to be a 
good solvent using aluminum chloride as oxidant (system 
I). The spectra in this system (Figures 1-3) were better 
resolved and simpler in appearance than those in AICI3 -  
CH 3 NO 2  (see Figure 1  in ref 2 for comparisons). The sim­
plification in the spectrum is caused by the accidental de­
generacy of certain lines due to the 2 : 1  ratio of the split­
tings of the methyl groups in the trans isomer6  (see Table
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-70 - CH2CLÎ

Figure 1. Esr spectrum  (upper) of duroquinol in AICI3-C H 2CI2 at 
— 70°. The lines indicated with T are from  the trans isomer only, 
the lines indicated with C are from  the c is isom er only. The 
lower spectrum  is the matched simulated spectrum  with k =  1.8 
X 104 s e c '1.

Figure 2. Esr spectrum  of duroquinol in AICI3-C H 2CI2 at —30°. 
The lower spectrum  is the matched simulated spectrum with k 
=  1.5 X 105 s e c '1.

I). Because of this degeneracy the presence of two isomers 
is readily verified; one also observes that the relative in­
tensities of the isomers is not 50:50. Figure 1 indicates

CH2CL2

Figure 3. Esr spectrum of duroquinol in AICI3-C H 2CI2 at 10°. 
The lower spectrum  is the matched simulated spectrum  with k 
=  1.18 X 106 s e c - 1.

four lines, two from the cis and two from the trans iso­
mers, which should be of approximately equal intensity if 
the isomers are present in equal amounts. Since they are 
not equally intense, one can estimate the relative isomer 
ratio as 70:30 in favor of the trans isomer. This corre­
sponds to a free energy difference between the two isomers 
of ca . 375 cal/mol.

In AICI3 -C H 3 NO 2  (system II) spectra were obtained at 
low temperatures as previously described 2 - 7  and the split­
ting constants for the cis and trans isomers are shown in 
Table I. As can be seen in Table I, on changing solvents 
from CH 3 NO 2  to CH 2 CI2  there is a large change in the 
splitting constants of the trans isomer only. The isomer 
ratio in CH 3 NO 2  is again as far as one can ascertain ap­
proximately 70:30 in favor of the trans form.

Low-temperature spectra in H 2 SO 4 -C H 3 NO 2  (system
III) were generally somewhat inferior to the two previous 
systems. Line width asymmetries were particularly severe 
at low temperatures and these caused difficulties in the 
simulations (see later). The splitting constants in H 2 SO 4 - 
CH 3 NO 2  were the same as those in AICI3 -C H 3 NO 2  within 
experimental error.

In D 2 SO 4 -C H 3 NO 2  (system IV) the spectra take on a 
different appearance (Figures 4-6) due to the substitution 
of two deuterium atoms for the hydroxyl protons. The 
low-temperature spectrum (Figure 4) is readily analyzed 
by analogy with the protonated systems and the splitting 
constants of the cis and trans isomers, as shown in Table 
I, are only slightly changed over those of the protonated 
form. The ratio aoHH/aoDD is ~6.10 ±  0.05, considerably 
less than the ratio of the magnetogyric ratios. This is, 
however, what one would expect when the torsional oscil­
lations of the O -D  vs. the O-H  group are taken into ac-
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TABLE I: Summary of Low-Temperature Measurements of Splitting Constants
O x id iz in g  s y s te m

A IC I3- C H 3N O -2 ( — 7 0 ° )  A lC lr -C F G C l: ( — 7 0 ° )  D iS O i -C H jN O :  ( — 6 0 ° )

Cis <jCHiH(2,3) 2.151 ±  0.006 2.171 ±  0.006 2.168 ±  0.008
aCn,H(5,6) 1.903 ±  0.005 1.931 ±  0.005 1.895 ±  0.007

Trans aCH3H(2,5t 2.483 ±  0.006 2.785 ±  0.005 2.524 ±  0.005
acH,H(3,6) 1.571 ±  0.005 1.389 ±  0.003 1.587 ±  0.006
Ooh" 2.730 ±  0.-007 2.887 ±  0.006 0.447 ±  0.006“
g 2.00330 ±  0.00002 2.00342 ±  0.00003 2 . 0C346 ±  0.00002

Temperature -1 .4 0  ±  0 ,04b -1 .2 9  ±  0.05 -0 .4 6  ±  0.04
dependence of OH 
splitting constant

D e u te r iu m  sp lit t in g . b m G /d e g .

Figure 4. Esr spectrum  of d ideuterioduroquinol in D2SO4-  
CH3NO2 at -5 0 ° .  The lower spectrum Is the matched simulated 
spectrum with k  =  2.5 X  104 se c -  1.

count. For this system the line width asymmetries were 
not as pronounced at low temperatures as for system III 
and fewer difficulties were encountered in fitting the sim­
ulated to the experimental spectra.

Density matrix calculations on systems I-IV were car­
ried out using a four-jump model, but in contrast to ear­
lier work the isomer ratio was set to coincide with the ex­
perimentally measurec value of 70:30. This was done in 
practice by letting the rate of the trans —» cis exchange be 
3h  that of the cis -  trans exchange rate. Care was also 
taken to keep the residual line width in agreement with 
the experimentally measured line widths at each tempera­
ture. The calculated spectra were fitted to the experimen­
tal spectra over the whole range from fast to slow ex­
change (see Figures 1-6). In the regions between fast and 
intermediate exchange certain lines change in intensity 
very rapidly and accurate rates are obtainable. In the in­
termediate to slow range the changes in the spectra are 
not so pronounced and the fitting is less precise. Addi­
tionally. in systems II IV line width asymmetries at low 
temperatures contribute to a further uncertainty of the 
estimated rates. This manifests itself in the estimated er-

Figure 5. Esr spectrum  o f . d ideuterioduroquinol in D2SO4-  
CH3NO2 at —10°. The lower spectrum Is the matched simulated 
spectrum  with k  =  1.08 X 106 sec -  \

rors for the activation parameters of these systems as 
shown in Table II. System I did not suffer so severely from 
the line width asymmetries and hence the activation pa­
rameters for this system may be considered more reliable 
than for the others.

H ig h -T e m p e r a tu r e  S p e c tr a . As noted above in the fast 
to intermediate region of exchange certain lines broaden 
and change in intensity very rapidly with temperature. 
Four further systems were studied under these exchange 
conditions, these were 98% H2S 0 4 (system V), H2S 0 4-  
C6H5N 0 2 (system VI), 98% D2S 0 4 (system VII), and 
D2S 0 4-C6H5N02 (system VIII). Since the slow exchange 
spectra are not obtained in these systems in order to carry 
out simulations it was assumed that the parameters for 
the slow exchange limit would be the same as those found 
above for systems II and III. An additional approximation 
is also made that the isomer ratio remains constant at 
70:30. This is certainly not true since the ratio should 
change with temperature, however, over the temperature 
range studied the effects are expected to be small.

A c t iv a t io n  P a r a m e te r s . The activation parameters were 
calculated in the usual way from least-squares fits of plots 
of log k vs. 1/ T  and In (k / T )  vs. l / T  utilizing the values 
of k  obtained from the fitted spectra. The results for the
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TABLE II: Summary of Activation Parameters
A H * , AS*, AG*273,

System kcal/mol Log A kcal/mol eu kcal/mol ¿(300) a

A1C13-C H 2C12(I) 6.12 ±  o.os6 10.75 ±  0.07 5.65 ±  0.08 10.93 ± 0 .1 0 2.66 ±  0.10 1.8 X 106
A1C13-C H 3N 0 2(II) 7.70 ±  1.00 13.84 =  0.90 5.77 ± 1 . 0 1.73 ±  0.60 5.33 ±  0.70 22.0 X 10«
H2S 04-C H 3N 0 2(III) 8.40 ± 0 . 6 12.98 ±  0.50 7.88 ±  0.55 0.87 ±  0.40 7.65 ±  0.55 9.5 X 106
H2S 0 4(V) 6.37 ± 0 .1 0 11.10 ±  0.07 5.73 ±  0.11 9.86 ±  0.09 3.04 ±  0.25 2.9 X 106
H 2 S04-C 6 H5N02 (VI) 6.39 ±  0.37 11.67 ±  0.28 5.64 ±  0.46 7.64 ±  0.31 3.55 ±  0.37 11.0 X 106
D 2S 04-C H 3N 0 2(IV) 6.99 ±  0.48 11.68 ±  0.41 6.44 ±  0.48 6.76 ±  0.31 4.60 ±  0.40 5.0 X 106
D 2S 04(VII) 7.62 ±  0.21 11.90 ±  0.15 7.01 ±  0.21 6.12 ±  0.10 5.34 ± 0 .1 6 2.3 X 106
D 2S 0 4-C 6H5N 0 2(VIII) 8.62 ±  0.44 12.78 ±  0.31 8.02 ±  0.44 2.06 ±  0.07 7.46 ±  0.32 3.5 X 106

a T h is  is  t h e  r a te  c o n s t a n t  in  s e c -1  fo r  t h e  tra n s  t o  c is  e x c h a n g e  a t  3 0 0 ° K .  b T h e  e r ro r  lim its  q u o t e d  re p re se n t th e  s ta n d a rd  d e v ia t io n  o f  t h e  re su lt  fr o m  a 
le a s t-sq u a re s  fit  o f  th e  d a ta .

•10 - u2hJ4

Figure 6. Esr spectrum  of dideuterioduroquinol in D2S 0 4-  
CH3NO2 at 10°. The lower spectrum  is the matched simulated 
spectrum with k  =  2.44 X 106 se c - 1 .

eight systems studied are shown in Table II. A general 
conclusion to be drawn from Table II is that the activa­
tion energy is not particularly different for all of the sys­
tems studied. This indicates that the properties of the sol­
vents themselves (¿.e., viscosity) do not contribute signifi­
cantly to the kinetics of the dynamic process in contrast 
to the results found for a series of nitroxide radicals.8 
There are, however, significant differences in the activa­
tion parameters due to solvent effects. The results for sys­
tems I and II indicate the changes between nitromethane 
and methylene dichloride as solvents when the oxidant re­
mains the same. The most obvious difference between the 
two systems is in the entropy of activation which de­
creases by ~ 9  eu on changing from methylene chloride to 
nitromethane. This difference manifests itself most ob­
viously in the appearance of the esr spectra (and hence in 
the rates of the rotations) around +10°. At this tempera­
ture the spectrum in I is in the region of maximum broad­
ening (intermediate rate of exchange, see Figure 1) while 
that in II is already into the region of rapid exchange. 
This is indicated in Table II by a factor of 12 difference in 
the relative rates at 300°K. Other differences between sys­

tems I and II were mentioned earlier and are shown in 
Table I. These are a change in the splitting constants of 
the trans isomer in particular and also an increased value 
of the hydroxyl proton splitting constant in I over that in
II. These latter effects are explained if it is assumed that 
the hydroxyl group is more nearly in the plane containing 
the benzene ring in methylene chloride solutions than in 
nitromethane solutions, presumably arising from the poor­
er solvating power of CH 2 CI2  as compared to CH 3 NO 2 .

The effect of a change in oxidant, and hence the coun­
terion in solution, should be provided by comparing sys­
tems II and III. However, due to the uncertainties in the 
activation parameters for these systems, no significant 
differences can be ascertained. Interestingly when systems 
I and IV are compared no significant differences are again 
observed in the activation parameters, although both the 
solvent and counterion have been changed.

The effect of substituting deuterium for the hydroxyl 
protons is shown by comparing systems III with IV, V 
with VII, and VI with VIII. As already noted the effect of 
deuterium at low temperatures is to perturb the spin den­
sity distributions slightly in the cis and trans isomers (see 
Table I). The effects on the activation parameters are 
somewhat unclear. A comparison of systems III and IV for 
which the activation parameters were determined from 
spectra over the whole range of rates showed a decrease in 
the activation energy, the frequency factor and the rate 
constant at 300°K on deuterium substitution. The errors 
involved in the activation parameters for these systems 
are, however, quite large due to uncertainties in the deter­
mination of the rates at low temperatures caused by line 
width asymmetries. A comparison of systems V with VII 
and VI with VIII showed that for these systems the activa­
tion energy and frequency factors increased and the rate 
at 300°K decreased on deuterium substitution. (The acti­
vation parameters for these systems were determined from 
high-temperature spectra only and the relative values be­
tween different systems are thought to be more reliable.) 
These latter changes are what one would have expected to 
occur on deuterium substitution9'10 and the relative 
changes are such that quantum mechanical tunnelling does 
not seem to be significant for the rotation of the hydroxyl 
group in duroquinol.

In conclusion the activation parameters in Table II in­
dicate that the barrier to rotation of the hydroxyl group in 
duroquinol is ca . 7.0 kcal/mol. This result is somewhat 
higher than a previous value2 but is probably more reli­
able because of the fact that the isomer ratio has been de­
termined and taken into account in this paper. This new 
calculation is now in good agreement with a value of 6.5 ±
1.5 kcal/mol determined from the temperature depen­
dence of the hydroxyl proton splitting constant.3
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Interaction of Matrix-Isolated NiF2 and NiCI2 with CO, N2, NO, and 0 2 and of CaF2, 
CrF2, MnF2, CuF2, and ZnF2 with CO in Argon Matrices1

D. A. Van L e irsb u rg  and C. W . D e K o c k *

Department of Chemistry, Oregon State University, Corvallis, Oregon 97331 (Received August 10, 1973)

The infrared spectra of matrix-isolated NiF2 and NiCl2 with CO, N2, NO, and 0 2 and of CaF2, CrF2, 
MnF2, CuF2, and ZnF2 with CO in argon matrices have been observed. Perturbation of the frequencies of 
both the small molecules and metal halides are found to occur and these have been tabulated. The per­
turbed CO frequencies are all above the gas-phase frequency. The high-frequency band is correlated to 
the strength of the electric field of the metal ion at the carbon nucleus. A good correlation is found for 
the isotropic metal ions while ligand field arguments are involved to explain the deviations for those ions 
with anisotropic electron distribution. Evidence for a D2h planar fluoride bridged dimer structure for 
(NiF2)2 and (CrF2)2 is also given.

Although the infrared spectra of a large number of ma­
trix-isolated fourth period metal dihalides have been ex­
tensively studied,2-10 no work has appeared on the inter­
action of these coordinately unsaturated molecules with 
other reactive species. In this paper we report the interac­
tion of matrix-isolated NiF2 and NiCl2 with CO, N2, NO, 
and 0 2 and of CaF2, CrF2, MnF2, CuF2, and ZnF2 with 
CO. Some of the transitions which we assign to the inter­
acting species NiF2N2, NiF2CO, NiCl2N2, and NiCl2CO 
were noted by earlier workers2 but were not identified. A 
preliminary communication of part of this work has ap­
peared.11

Experimental Section
The matrix-isolation technique is well known and our 

experimental apparatus is described elsewhere.12 The 
major change from the previous equipment is that cooling 
is now provided by a Model DE-202 Displex helium refrig­
erator made by Air Products and Chemicals, Inc., which 
allows deposits to be made at ~14°K .

The argon was doped with CO, N2, NO, or 0 2 using a 
very low flow-rate valve into a tee in the argon line or in a 
few cases with CO by passing the reactive gas into the 
furnace chamber. Doping concentrations were as low as 
%oo to as high as y50 depending on the experiment. The 
infrared spectra were recorded from 4000 to 200 cm 1 
using a Perkin-Elmer 180 spectrophotometer. The abso­

lute uncertainty of the spectra is of the order of ±0.2 
cm -1 while the isotopic frequency differences are known 
to ±0.1 cm -1 . Optimum resolution used for these experi­
ments was 0.5 cm ~1.

The analytical reagent grade NiCl2-6H20  (Mallinckrodt 
Corp.) was dehydrated at 400° under a stream of HC1 and 
then sublimed under HC1. The anhydrous NiF2 (A. D. 
McKay Corp.) and CrF2 (D. F. Goldsmith Co.) were fur­
ther dried at 800° under a stream of SiF4. The CuF2 and 
MnF2 (both anhydrous 99%) were purchased from Re­
search Inorganic-Research Organic Co. and were used 
without further purification. The anhydrous ZnF2 was 
prepared by heating ZnC 03 with 50% excess NH4HF2 for 
4 hr at 200° and then subliming off the excess NH4HF2 at 
250°. The CaF2 was B and A reagent grade and was used 
without further purification. Gases used were as follows: 
prepurified N2 and USP 0 2 from the NCG division o f the 
Chemtron Corp.; chemically pure NO and CO and ultra- 
pure Ar from the Matheson Co.; 13CO, enriched to 90% 
13C, from the Monsanto Research Corp.; and 180 2, enriched 
at 94% 180 , from Miles Laboratories.

All samples were outgassed within 10° of the deposition 
temperature for at least 30 min prior to deposition. Dur­
ing the outgassing period the furnace walls were also heat­
ed with a heat gun to outgas the furnace chamber thor­
oughly. This effectively eliminated “ impurity transitions” 
with the exception of HF. Deposits were made from nickel
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Knudsen cells or for CuF2 and ZnF2 from platinum cells 
and CaF2 from tantalum cells at temperatures corre­
sponding to lCD4 to 10~5 atm vapor pressure. Deposition 
times from as short as 0.5 hr to as long as 4 hr were em­
ployed.

Results
We assume that the interaction of the metal halides 

with small molecules is a diffusion-controlled process. In 
order to obtain reasonable concentrations o f the species of 
interest one either allows diffusion to occur by warming 
the matrix or else uses a high concentration of reactive 
species in the matrix. The first method leads to severe 
complications for these molecules because the metal ha­
lides dimerize very readily when the matrix is warmed.

The second method, used in this study, was carried out 
with a relatively high concentration of reactive small mol­
ecules (CO, N2, NO, or 0 2 (1/,jo)) and a rather low concen­
tration of M X 2. High concentrations of M X 2 had to be 
avoided due to dimer formation. However, in many cases 
due to concentrations needed to observe complex forma­
tion some weak transitions attributable to dimers or high­
er polymer species were observed. An additional compli­
cation with this method is that the metal halide small 
molecule complex sometimes appears to be in more than 
one matrix site—apparently a result of the mixed matrix. 
If more than one frequency for the complex was observed, 
the higher frequency was always more intense and was 
taken to be the frequency in a pure argon matrix. These 
values are shown in Tables I-V  with the additional sites 
shown in brackets.

The nickel halide small molecule interactions were the 
first to be studied. Accordingly, they were studied in 
depth both with respect to different small molecules (N2, 
0 2, CO, and NO) and as a function of the nickel halide 
concentration. These results will be discussed first. The 
remaining metal fluorides were studied only with CO be­
cause in the nickel halide work only the perturbed CO 
stretch was easily observed and CO perturbations ap­
peared to give the most information concerning the nature 
of the interaction. In addition, no metal fluoride concen­
tration studies were carried out with the other systems.

Our interest in this paper is primarily centered upon 
the new transitions observed when a small molecule is 
doped into the argon matrix. In general, our undoped re­
sults are in very good agreement with literature values 
and therefore these references2 10 may be consulted for 
more elaboration on the spectra of the isolated metal ha­
lide monomer or polymers in pure argon.

A . C O . Leroi, e t  a l . ,13 Davies and Hallam,14 and Maki15 
have deposited CO in Ar and all obtained three transi­
tions at 2148, 2142, and 2138 c m -1. The 2148-cm -1 transi­
tion was assigned to monomeric CO in Ar while the 2142 
and 2138 cm -1 transitions were assigned to polymeric CO. 
It is also of interest to this study that when CO is code­
posited with HC1 in an argon matrix a new band appears 
at 2155 cm -1 with a shoulder at 2157 cm -1 in addition to 
the usual CO transitions.16

B . N ic k e l  H a lid es . 1. N iF 2■ The spec'rum of pure NiF2 
is shown in Figure la . No absorptions other than those 
between 765 and 780 cm -1 are observed. These are readily 
assigned to vz of NiF2 with the individual absorptions due 
to the various nickel isotopes (see Table I). This spectrum 
is in complete agreement with those previously pub­
lished2'4 and confirms the assignment by Margrave, e t  
a l . ,4 of a 152° bond angle for NiF2.

F ig u re  1 . In f ra r e d  a b s o rp t io n  s p e c tr a  o f N iF 2 in (a )  A r, (b )  A r -  
C O , (c )  A r - N 2, (d )  A r - N O ,  a n d  (e )  A r - 0 2 m a t r ic e s .

2. N iF 2C 0 .  Figure lb  shows the spectrum of NiF2 in an 
Ar-CO matrix. New absorptions appear at 713 and 2200 
cm -1 together with the usual CO absorptions. (With high 
concentrations of CO an additional matrix site for these 
transitions is present at 2195 and 694 c m -1; see Table I.) 
Figure lb  clearly shows the strong similarity between the 
713- and 7 8 0 -cm 1 absorptions and allows the 713-cm -1 
absorption to be assigned to the F -N i-F  asymmetric 
stretch of an NiF2CO complex. Table I shows the fit ob­
tained for the 713-cm-1 transition using the isotope rela­
tion for the asymmetric stretch of free NiF2 with a 150° 
bond angle. The 2179-cm-1 absorption is assigned to an 
(NiF2)2 CO complex (v id e  in fra ) .

3. N iF 2N 2. The spectrum of NiF2 isolated in A r-N 2 ma­
trices is shown in Figure lc . A 736.2-cm-1 absorption now 
grows in strongly which from its isotopic structure is as­
signed to an F -N i-F  asymmetric stretch of an NiF2N2 
complex. A careful search in the 1900-2600-cm-1 region 
revealed no evidence of an N -N  stretch.

NiF2 was also deposited in a pure nitrogen matrix in an 
attempt to observe the N -N  stretch. A new very weak ab­
sorption was observed at 2327 cm -1 which was not ob-
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FREQUENCY (CM“ ')

Figure 2. Infrared absorp:ion spectra of NiCI2 in (a) Ar, (b) A r- 
CO, (c) A r-N 2, (d) A r-N O  and (e) A r - 0 2 matrices.

served in the A r-N 2  matrix. However, this same weak 
transition is observed for NiCl2  in N 2  which casts some 
doubt upon the N -N  stretch assignment. Impurities, par­
ticularly a new site for CO2  in nitrogen, may also be re­
sponsible.

v3  for NiF 2  in nitrogen is at 706 cm -1 . The stretching 
force constant, / r -  / / ,  for NiF 2  in N 2  and Ar is 3.46 and 
4.22 m dyn/A, respectively, indicating that N 2  is a strong­
ly interacting matrix.

4. N iF 2 N 0 .  Figure Id shows the spectrum of NiF 2  in an 
Ar-NO matrix. A new absorption observed at 727.7 cm - 1  

and recorded in Table I may clearly be assigned to the 
asymmetric F -N i-F  stretch of a nickel fluoride-nitric 
oxide complex which will be written as NiF2 (NO)x. It is 
not possible to characterize this complex more carefully 
since a number o f transitions were observed in the N -0  
stretching region which could be assigned to monomeric 
and dimeric NO (both c is  and tr a n s ) , as well as N 2 0 . 1 7 , 1 8  

The N 2 O was apparently an impurity in the NO. In addi­
tion a whole series of transitions which were in all cases 
considerably weaker than those assigned to c is  or tra n s  
(NO ) 2  or NO appeared between 1800 and 1850 cm 1  even 
in the absence of NiF2. These are apparently higher poly­
mers of NO arising from the relatively high concentration
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TABLE II: Observed and Calculated Frequencies for NiCL and NiCL Small Molecule Complexes
N iC l?  N iC l?C O

O b s d C a le d O b sd C a le d

88N i35Cl2 520.7 (520.7) 468.6 (468.6)
58N i35C l37Cl 517.5 517.5 465.4 465.7
“ N i35Cl2 516.1 516.0 464.3
58N i37Cl2 513.9 514.2 462.8
eoN i36Cl37Cl 512.7 512.6 461.8 461.5
e2N i3SCl2 511.4 511 .4 460.2
60N i37Cl2 509.4 509.4 458.4 458.4
62N i33C l37Cl 508.2 508.1 457.2
61N i35CI2 507.3 507.1 456.4
64N i35Cl37Cl 504.1 504.0 453.4
12CO 2189.2 (2189.2)
13CO 2140.2 2140.5

ü B r o a d  a b s o r p t io n  ce n te r e d  a t  4 8 0 .2  c m -1 .

TABLE III: Observed and Calculated Frequencies
for vn of the Dimer (NiF2)2and (CrF2)2

%  N a tu r a l O b s d  e n e rg y , C a le d  e n e rg y ,
S p e c ie s a b u n d a n c e s c m -1 c m -1

(58NiF2)2 46.1 670.8 (670.8)
58Ni60NiF4 35.6 669.1 669.3
(60NiF2)2 6.9

667.6
667.9

58Ni62NiF4 5.0 668.1
58Ni64NiF4 1.5

666.9
666.9

®Ni62NiF4 1.9 666.6
50Cr52CrF4 7.4 631.8 631.7
(52CrF2)2 69.6 630.1 (630.1)
52Cr53CrF, 16.0 629.3 (sh) 629.3

(V5 0 ) of NO needed for complex formation. Therefore, no 
new N -0  stretch was observed which could be assigned to 
an NiF2(NO)* complex; however, this is not surprising 
since it may well have been hidden under the existing 
(N O )i transitions.

5. M F 2 O 2 . The spectrum of NiF2 isolated in an A r -0 2 
matrix is shown in Figure le  and is recorded in Table I. 
The additional stretching frequency observed beginning at
748.6 cm -1 is assigned to the F -N i-F  asymmetric stretch 
of an NiF20 2 complex. A very weak transition at 1534.5 
cm -1 grew in with the transition at 748.6 cm -1 . Deposi­
tion of NiF2 with A r-180 2 led to a weak transition at 
1448.2 cm -1 (calculated 1446.7) leading to its assignment 
as an 0 - 0  stretch of the NiF20 2 complex.

6. N i C h ■ Figure 2a shows the spectrum of pure NiCl2 in 
an Ar matrix. The spectrum is identical with that pre­
viously reported for NiCl22,3,6 except that the 483- and 
468-cm_1 absorptions are now absent. Heavier deposits of 
NiCl2 show an additional broad transition at 440 cm 1 
which has previously been assigned to dimeric NiCl2.2’3 
Bond angle calculations for the monomer from the ob­
served isotopic shifts indicate that a 180° model fits the 
observed frequencies very well, which is in good accord 
with molecular beam experiments of Buchler, Stauffer, 
and Klemperer19 and electron diffraction experiments of 
Hedberg and Eddy.20

7. N iC h C O .  Addition of NiCl2 to an Ar-CO matrix 
gives the spectrum shown in Figure 2b. A new transition 
is observed at 468 cm -1 which from its isotopic structure 
may clearly be assigned to a C l-N i-C l asymmetric stretch 
of an NiCl2CO species. Formation of such a species is 
clearly indicated by the 12CO frequency observed at 2189 
cm -1 which shifts to 2141 cm -1 on addition of 13CO. Oc­
casionally another 12CO frequency is observed at 2153

N iC l.-N ? N iC l? N O  N iC h O ?

O b sd  C a le d  O b s d  C a le d  O b s d  C a le d

483.1 (483.1) 474.9 (474.9)
480.0 480.2 472.2 471.8
478.7 478.6 471.1 470.7
476.9 477.1 468.4 468.8
475.7 475.8 466.8 467.6

474.4 466.8 466.6
472.9 472.7 464.0 464.5
472.0 471.6 462.6 463.4

470.5 462.6
467.5 459.6

TABLE IV: Observed and Calculated Isotopic 
Frequencies for v3 of CaF?, CrF>, MnF?, CuF2, and 
ZnF2 in Ar and CO-Ar Mixtures and 12CO and 
I3CO Frequencies

M F ;  M F ;C O

O b s d C a le d O b sd C a le d

40CaF2 557.8 552.2
547.6

12CO 2178.0

“ CrF? 659.8 659.8 643.2
52CrF2 654.4 (654.4) 637.8 (637.8)
63CrF2 652.7 sh 652.6 635.2
64CrF2 649.5 649.1 632.6
12CO 2188.4
13CO 2139.1 2139.8
12CO 2186.6
13CO 2137.7 2138.1
I2CO 2184.9
13CO 2136.0 2136.4
12CO 2183.7
13CO 2133.7 2133.3
I2CO 2181.7
13CO 2131.0
12CO 2167.8°
>3CO 2118.0“ 2119.7
12CO 2165.2“
13CO 2114.0 2117.1

66MnF2 699.4 675.9
12CO 2183.2
12CO 2181.0

6 3 CuF 2 743.5 (743.5) 704.2 (704.2)
6 6 CuF 2 739.6 739.3 700.2 700.2
6 3 CuF 2 [736.5] [(736.5)]
6 5 CuF 2 [732.6] [732.3]
12CO 2210.4
13CO 2160.9 2161.3

64ZnF2 762.5 (762.5) 728.1 (728.1)
66ZnF2 758.0 758.3 724.1 724.1
67ZnF> 756.2 756.2 722.1
68ZnF? 754.4 754.2 720.4 720.2
70ZnF« 750.2 750.4 716.5
>2CO 2185.9
13CO b 2137.4
I2CO 2183.8
13CO _ _ b 2135.5

“  C O  fre q u e n c ie s  p e r tu r b e d  b y  (C rF ?)? . b I3C O  p e r tu r b e d  h id d e n  b y  I!C O .

cm 1 in addition to the usual 12CO absorptions at 2148, 
2142, and 2138 c m -1. The 2153-cm '1 absorption occurs 
only when some HC1 is present due to hydrolysis of NiCl2.
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Figure 3. Infrared absorption spectra of N iF2 and (NiF2)2 in (a) Ar and (b) A r -12C O -13CO matrices.

TABLE V: Observed and C alculated 
Frequencies fo r  v3 o f  CrF3 A ssum ing D 3h Sym m etry

%  N a tu r a l
S p e c ie s a b u n d a n c e O b sd C a lcd

“ CrF., 4  4 7 5 4 . 7 7 5 4 . 6

52CrF, 83 5 7 4 9 . 3 (749.3)
53CrFj 9.6 746.9 746.8
54CrF3 2.6 744.4 744.4

This transition is due to CO perturbed by HC1 as shown 
by Barnes, e t  a l.16

8. N i C h N z . Figure 2c shows the spectrum of NiCl2  in 
an A r-N 2  matrix. The absorption at 483 cm " 1  is assigned 
to the C l-N i-C l asymmetric stretch of an NiCl2 N 2  com­
plex. No transitions are observed which may definitely be 
assigned to an N -N  or a N i-N  stretch.

When NiCl2  is deposited in a N 2  matrix it is found that 
the C l-N i-C l absorption shifts to 428 cm -1 . The very 
large shift in the force constant, f r — f / ,  for NiCl2  in N 2  

and Ar, 1.78 and 2.63 mdyn/A, shows that nitrogen inter­
acts strongly with NiCl2. A very weak transition at 2327 
c m 1  was observed for NiCl2  in N 2  which may be an N -N  
stretch (see (see NiF 2 N2).

9. N iC lz N O . The spectrum of NiCl2  in an Ar-NO ma­
trix is shown in Figure 2d. A new absorption is observed 
at 475 cm - 1  which is assigned to a C l-N i-C l asymmetric 
stretch of a NiCl2 (NO)* species from the isotopic struc­
ture. Because of the complexity of the NO stretching re­
gion no N -0  stretches belonging to this species could be 
definitely assigned.

10. N iC h O i -  The spectrum of NiCl2  in an A r -0 2  matrix 
is shown in Figure 2e. A new absorption grows in at 480 
cm ” 1  which may be assigned to the C l-N i-C l asymmetric 
stretch of NiCl2 0 2. No definite 0 - 0  or N i-0  stretches 
were seen.

11. ( N ib \ ) 2  The infrared spectrum of monomer and 
dimer in the region 800-300 cm - 1  is shown in Figure 3a. 
Dimer transitions are located at 671, 486, and 405 cm - 1  

and grow in when the matrix is warmed or when concen­
trated deposits are made.

The proposed dimer for M X 2  species has invariably 
been the halogen bridged form, that is a four-membered

planar diamond-shaped ring and two additional halogen 
atoms located on the M -M  axis outside the ring . 2 1  The 
symmetry of the structure is D2h for which there are 
twelve normal vibrational frequencies. Of these, six are 
infrared active— 2 Blu(i'7 , v »), 2 B 3 UG9 , ¡>1 0 ), and 2 B 3 U(i'ii, 
1/1 2 ). Following McNamee , 2 2  the v-j and v% modes may be 
described as out-of-plane ring-bending motions; vio, as an 
outer-bond bending in the plane; v% and v u ,  as bridge- 
bond stretching; and ¡<1 2 , as an outer-bond stretching. The 
stretching motions are expected to have higher energies 
than the bending motions, with the terminal stretch, vi2, 
having the highest energy and therefore assigned to the 
671-cm-1 transition.

Excellent support for this assignment and structure 
comes from the agreement between the observed and cal­
culated nickel isotopic frequencies of the 671-cm-1 transi­
tion. The G  matrix elements for both B 3 U modes ( m  and 
j<i2) are ^ ni +  p v . The product rule requires2 3

«'ll • V\2 _  8.x, +  nF 
«/ i r * / i2 8 'n , +  m ' f

However, because no isotopic splitting could be resolved 
for either the 486- or 404-cm-1 transitions , 2 4  the product 
rule was ignored and the isotopic frequency shifts were 
calculated from

V y i  =  /  8 m  +  8  f ~

" ' 1 2  * 8 ' s i  +  8 f

This approximation is equivalent to assuming that the 
terminal stretch is independent of the bridge stretch. 
Good agreement is obtained as shown in Table HI.

The 486- and 405-cm-1 transitions are assigned to the 
bridge stretches, 1 / 9  and i>n. It is not possible from present 
information to make an unambiguous assignment of these 
two stretches. The bond bending modes are expected to 
lie below 2 0 0  cm -1 , the limit of the instrument.

Additional evidence for this model comes from a simpli­
fied normal coordinate analysis patterned after that by 
Buchler2 5  and McNamee . 2 2  They assumed that the bridge 
bonds form a square structure and that the potential en­
ergy is completely specified by the force constant f T for 
the terminal stretch, the constant /d for the bridge-bond
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FREQUENCY (CM-1)

Figure 4. Infrared absorption spectra of CaF2 in (a) Ar and (b) 
A r-C O  matrices.

stretch, and the constant / „ / r2  for the terminal bend. 
These assumptions give simple expressions for the B 3 U 
and B 2 1 1  representations.

The additional assumptions they made are that / r is 
equal to the force constant derived from v3 of the mono­
mer and that / d = % /r and f a/r2 = %o/r- These assump­
tions give the following values : 1/1 2 , 717 cm -1 ; v u ,  463 
cm -1 ; irg, 454 cm -1 . The observed values are 671, 486, and 
405 cm - 1.

12. (N iF 2) 2C O . Depositions were usually carried out 
with a low concentration of NiF 2  to prevent dimer forma­
tion, and a reasonably high, V5 0 , concentration of the XY 
molecule. In a few instances involving CO both (NiF 2 ) 2  

and the CO concentrations were reasonably high and 
frequencies attributable to dimer complexes were ob ­
served.

Closely spaced absorptions at 2180 cm - 1  are present 
when 12CO is deposited with dimeric NiF2. This transi­
tion grows in when a matrix containing NiF 2 , CO, and 
NiF2 CO is warmed allowing diffusion to occur. These re­
sults are shown in Figure 3b. Lower frequencies which 
grow in with 2180 cm - 1  are located at 680, 622, 470.4, 440, 
and 404 cm -1 . The 470.4-cm-1 frequency is carbon de­
pendent because substitution of 13CO shifts the absorp­
tion to 463.5 cm -1 . The nature of this transition is un­
clear. It does not appear to be an Ni-C stretch because no 
Ni isotopic structure is observed and frequencies this high 
are not expected for these relatively weak interactions.

C .C a F 2. 1. C a F 2 in  A r . The spectrum of CaF 2  above 500 
cm - 1  is shown in Figure 4a and recorded in Table IV. 
Transitions grow in at 557.8 and 529.2 cm - 1  which fol­
lowing earlier workers8 , 9  are assigned to v3 of CaF 2  and 
dimeric CaF 2 , respectively. Additional weak transitions 
were also observed at 484.8 and 368.1 cm - 1  and are as­
signed to v-i and dimeric CaF2, respectively, following the 
previous workers.

2. C a F 2C O . Figure 4b shows the spectrum of CaF2  in an 
Ar-CO matrix. The new transitions observed here are re­
corded in Table IV. When Ar is doped with CO the 557.8 
cm - 1  transition broadens and shoulders grow in at 552.2 
and 547.6 cm -1 . A new broad CO transition at 2178 cm - 1  

grows in at the same rate as the 552.2- and 547.6-cm - 1

; , i ';'
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Figure 5. Infrared absorption spectra of C rF2 in (a) Ar and (b) 
A r-C O  matrices.

shoulders. No changes were observed for the v3 mode or 
the polymer modes.

D . 1. C r F 2 in  A r . The spectrum of CrF2  in argon above 
600 cm 1  is shown in Figure 5a and the i>3 region is re­
corded in Table IV. The isotopic structure of the intense 
transition at 654 cm - 1  is assigned to v3 for CrF2  with 180° 
bond angle. The isotopic structure of the weaker transi­
tion at 750 cm - 1  is consistent with assignment v3 of CrF3  

assuming 120° bond angle and is recorded in Table V. Ap­
parently the CrF2  was slightly contaminated with CrF3. 
These assignments for both v3 of CrF2  and of CrF3  are the 
same as those made earlier by Linevsky . 1 0  In addition, 
weak transitions grow in together at 630, 472, and 395 
cm - 1  which by the isotopic structure on the 630 cm 1  

transition may be assigned to CrF2  dimer. (See Table III.)
2. C rF 2C 0 .  Figure 5b shows the spectrum of CrF2  in an 

Ar-CO matrix. The new transitions observed here are re­
corded in Table IV. Transitions in the 2180 and 2190 re­
gion grow in with a new transition at 637.8 cm -1 . The
637.8 - c m 1 transition is assigned to v3 of CrF2  perturbed 
by CO. Isotopic proof of this assignment is lacking due to 
the small abundance of 5 0 Cr, 5 3 Cr, and 54Cr and overlap 
of the weak dimer transition at 630 cm 1.

A weak series of transitions also appear between 2160 
and 2170 cm - 1  which have 13CO counterparts between 
2 1 1 0  and 2 1 2 0  cm - 1  with no intermediate transitions. 
These are assigned to CO perturbed by CrF2  dimer by 
analogy with (NiF 2 ) 2  CO transitions.

E . 1. M n F 2 in  A r . Figure 6 a shows the spectrum of 
MnF 2  in the stretching region in argon and the results are 
recorded in Table IV. The intense transition at 699.4 
cm - 1  is assigned to v3 in agreement with Hastie, e t  a l .26 
In addition, with heavier deposits weak transitions are ob­
served at 615, 602, 433, 426, and 376 cm 1  which are as­
signed to MnF 2  dimer and polymer species.

2. M n F 2C O . Figure 6 b shows the spectrum of MnF 2  in 
an Ar-CO matrix. The new transitions which appear here 
are recorded in Table IV. Two transitions at 2183.2 and
675.9 cm - 1  grow in simultaneously and the 675.9-cm-1 
transition is assigned to v3 of MnF 2  perturbed by CO. The 
transition observed at 2159 cm - 1  is CO perturbed by HF 
(v id e  in fra ) .

F . 1. C u F 2 in  A r . The spectrum of CuF 2  in the stretch­
ing region is shown in Figure 7a and is recorded in Table
IV. The doublet observed at 743.5 and 739.6 cm - 1  is as­
signed to v3 of 6 3 CuF2  and 6 5 CuF2, respectively, in agree-
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Figure 6. Infrared absorption spectra of MnF2 in (a) Ar and (b) 
A r-C O  matrices.

Figure 7. Infrared absorption spectra of CuF2 in (a) Ar and (b) 
A r-C O  matrices.

ment with earlier workers.4 A weaker doublet with the 
same isotopic structure at 736.5 and 732.6 cm -1 is as­
signed to v3 o f CuF2 in a different matrix site.

In addition, weaker transitions were observed at 660, 
487, and 395 c m -1 and are assigned to CuF2 dimer by 
analogy with the other difluorides studied here.

2. CuF2CO. Figure 7b shows the spectrum of CuF2 in an 
Ar-CO matrix. The new transitions observed here are re­
corded in Table IV. A new doublet grows in at 704.2 and 
700.2 c m 1 together with a CO transition at 2210.4 c m '1. 
The isotopic structure of the doublet is consistent with its 
assignment as i/3 for CuF2 perturbed by CO. The weak 
transition at 2159 cm 1 is again CO perturbed by HF.

G . 1. Z n F 2 in  A r . Figure 8a shows the spectrum of ZnF2 
in the stretching region in Ar and the results are recorded 
in Table IV. A series of transitions are observed beginning 
at 762.5 which in accordance with earlier workers4,7 may 
be assigned to v3 of Z n ?2 with 165° bond angle. In addi­
tion, previously assigned dimer modes were also observed 
at 661, 458, and 400 cm -1 .

2. Z n F iC O . Figure 8b shows the spectrum of ZnF2 in an 
Ar-CO matrix and the new transition at 2185.9 cm 1 
grows in together with a new series of transitions begin­
ning at 728.1 cm “ 1. The isotopic structure of the latter

FREQUENCY (CM-1)

Figure 8. Infrared absorption spectra of ZnF2 in (a) Ar and (b) 
Ar-CO  m atrices.

transitions is consistent with v3 of ZnF2 perturbed by
CO. The 2159-cm-1 transition is due to CO perturbed by 
HF.

FI. 13C O  E x p e r im e n ts . For CrF2, NiF2, NiCl2, CuF2, 
and ZnF2 experiments using isotopically enriched 13CO 
were done. In all cases both for 90:10 and 50:50, 13C O / 
12CO enrichment only the pure 12CO or 13CO frequencies 
were observed. No mixed frequencies were ever observed 
proving the absence of species of the type M X 2(CO)i  
where x  is 2 or greater.

1. H F  a n d  H F  P e r tu r b e d  T ra n s itio n s . The most com ­
mon impurity observed in these experiments was HF. It 
was often observed in the spectra of MnF2, NiF2, CuF2, 
and ZnF2 and apparently resulted from the hydrolysis of 
the M F2 compounds by traces of water present in the 
samples. In addition to the usual HF transitions in the 
3800-4000 cm -1 region, transitions were observed at 681, 
560, and 445 cm -1 apparently caused by HF because 
these transitions were also observed when only HF was 
deposited in the matrix. HF also complicated the CO 
spectrum giving rise to a transition at 2159 cm -1 which is 
observed for MnF2, CuF2, and ZnF2. This transition is 
present only when both CO and HF are present and is as­
signed to CO perturbed by HF in argon. This is close to 
2155 and 2157 cm 1 which have been observed for CO 
perturbed by HC1.16

Discussion

All the perturbed CO frequencies observed in this study 
are above those of free CO. There are a number of studies 
in the literature in which this effect is observed.27 In gen­
eral these are systems in which CO is physically adsorbed 
on solids, particularly metal oxides. Of direct interest to 
the present work is a study by Angell and Schaffer28 on 
CO adsorbed to zeolites in which the unipositive cation 
was replaced by dipositive cations. They report CO 
stretches up to 2217 and 2214 cm -1 for Ni2+ and Zn2+ 
cation exchanged zeolites, respectively. Most significantly, 
they were able to correlate the frequency of these CO ab­
sorptions with the strength of the electric field near the 
cation. Thus they showed unambiguously that the high-
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frequency absorption was due to CO adsorbed to the 
metal ion.

The present study also indicates that the CO is defi­
nitely attached to the metal ion. This conclusion may be 
drawn because the isotopic structure of the CO perturbed 
i>3 stretch is of exactly the same form as for free M X 2 . If 
the CO coordinated to the halogen, the two M -X  bonds 
would be nonequivalent and two M X  frequencies would 
be observed. Also the coupling between the two M X  
bonds would be destroyed and the isotopic structure of 
these species would be different than that expected for 
uncoordinated M X 2  or M X 2  coordinated to CO through 
the metal.

In order to understand the CO perturbed frequencies it 
is necessary to establish the nature of the M X 2  molecules. 
CuF2  has been shown to be ionic by Kasai, e t  a l . 29 from 
an esr study of CuF2  in argon. This conclusion is based on 
the fact that there was very little coupling between the 
unpaired electron on the copper and the magnetic m o­
ment on the 19F nucleus. It is assumed that the other 
metal dihalides used here are also ionic.

Turning now to the model used by Angell and Schaf­
fer , 2 8  we have correlated the perturbed CO frequency with 
the electric field of the cation at the carbon nucleus and 
this correlation is shown in Figure 9. It is assumed here 
that the CO is attached to the metal ion through the car­
bon nucleus, the negative end of the dipole. The electric 
field strength at the carbon nucleus was calculated from 
the equation

, | =  \ F \  =  9 ,

C q2 4tt e 0( r M +  rc)2

where c is the electric field strength at the carbon nucleus, 
is the charge on the cation, assumed to be + 2  in all 

cases, tm is the Pauling ionic radius of the cation, rc =  1.5 
A was chosen to be the van der Waals radius of carbon on 
CO, and 6 0  is the permittivity of the medium assumed to 
be that of a vacuum. F  is the coulombic force of attraction 
between the ion and the dipole and q 2  is the charge on the 
carbon.

The correlation shown in Figure 9 shows that a straight 
line may be drawn through the points for CaF2, MnF2, 
and ZnF 2  and that the intercept occurs at 2148 cm ■1, the 
frequency of free monomeric CO in argon. These results 
may be easily understood from *he fact that electron den­
sity is being removed from the 5<r orbital of CO by the 
positive metal ion. Huo , 3 0  from a b  in itio  calculations, has 
shown that the 5a  orbital of CO is weakly antibonding 
and located principally on the carbon atom. This removal 
leads to an increase in bond strength and the observed 
frequency increase. This effect is also observed from the 
stretching frequency of CO + . 3 1  Removal of a 5a electron 
from the CO molecule raises the stretching frequency 
(from 2143 cm " 1  for CO(g) to 2184 cm - 1  in CO+ (g)).

Figure 9 exhibits a double-humped curve strongly sug­
gestive of ligand field effects. It is just those ions, Cr2+, 
Ni2+, and Cu2+, which have anisotropic d electron config­
urations which do not lie on the line. Furthermore, it may 
be observed that the CO frequencies for NiF 2  and CuF2  

deviate farther from the correlation than CrF2. A simple 
crystal field model for the M 2+ ion in MF 2  compounds 
places the energy levels in the order 5g < 7rg < a g + for a 
linear MF 2  compound . 2 9  Qualitatively then, it is expected 
that the <rg+ is the least filled orbital and it has the cor­
rect symmetry to overlap with the 5<rg orbital of CO. 
Therefore it is just these ions, Cr2+, Ni2+ and Cu2+,

co
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Figure 9. Stretching frequency of CO vs. e lec tric  field at carbon 
nucleus due to various fourth-period dipositive metal ions.

which would appear to the CO to have a higher positive 
charge than those with an isotopic distribution of elec­
trons leading to the observed extra frequency increase. In 
addition, Cu2+ and Ni2+ are expected to have a greater 
effect than Cr2+ because as the nuclear charge increases 
the 3d orbitals become more stable across the series. Cal­
culations show that the 5a of CO is below the 3d orbitals 
of the transitions metal ions.32 Therefore as the 3d level 
drops across the series a greater interaction is expected 
between the 5a  of CO and the a g  of the transition metal 
ion yielding the observed results.

The model also accounts for the frequency difference of 
CO adsorbed to NiF 2  vs. NiCl2  ( 2 2 0 0  vs. 2189 c m 1). 
NiCl2 is expected to be more covalent than NiF2 leading 
to a smaller electric field strength for Ni2+ in NiCl2 than 
NiF2 and a consequent decrease in CO frequency.

Our results are also consistent with recent semiempiri- 
cal calculations of Politzer and Kasten33 on the interac­
tion of CO with Ni°, Ni+, Ni2+, and Ni3+. Their findings 
for CO adsorbed to Nin+ species show that the CO is 
bound to metal or metal ion through the carbon and that 
the CO bond strength increases as n  increases due to a 
greater a charge transfer as n increases. Their calculations 
also show 7t back bonding but this is relatively small for 
Ni2+ and Ni3+ species and their results clearly show that 
the a donation contributes to the observed CO frequency 
increase.

Little can be said about the CO perturbed by the dimer 
species in (NiF 2 ) 2  and (CrF 2 ) 2  other than to note that the 
lower CO frequency compared to the monomer species is 
probably due to the lower metal ion charge in the dimers.

We now turn to the results of NiX2 with N2, 02, and 
NO. No perturbed N-N or N-0 stretch was observed for 
either of these molecules with NiX2. A weak 0-0 stretch 
was observed for NiF2 at 1535 cm*1. Hatzenbuhler and 
Andrews34 report the stretching frequency of 02 in Ar as 
1551 cm"1 by Raman spectroscopy and of 02" as 1074 
cm-1 as in Li02. Herzberg31 reports the stretching fre­
quency of 02+(g) at 1835 cm"1. Therefore the 02 frequen­
cy observed here is essentially like molecular oxygen. Be­
cause O2 is more electronegative than CO it is not unrea­
sonable to assume it to be a poorer a donor and better 7r 
acceptor than CO. These two effects combined could lead 
to the observed result.

All that may be definitely said for NO is that the per­
turbed frequency is not in the NO+ region, that is above

The Journal of Physical Chemistry, Vol. 78, No. 2, 1974



142 D. A. Van Leirsburg and C. W. DeKock

1900 c m '1, because this region was clear in our spectra. 
Because NO is a better 7r acceptor than CO the a dona­
tion from the nitrogen may be offset by the back tr bond­
ing to the NO from the metal again resulting in an NO- 
like frequency. This is consistent with Politzer and Kas- 
ten’s33 calculations which show that even Ni2+ and Ni3+ 
do back bond to CO and therefore may be expected to do 
so to an even greater extent with NO.

The lowering of the asymmetric X -N i-X  stretch fre­
quency upon interaction with the small molecule is also 
consistent with this model. It is well known that the 
stretching force constant increases with increasing oxida­
tion state of the metal. For both nickel halides the asym­
metric stretch decreases in the order O 2  > N 2  > (NO)* > 
CO suggesting an order for the electron donor ability of 
these molecules.

Conclusions
The present work indicates that the matrix isolation 

technique may be used to study the interaction of small 
molecules such as CO, N2, O2 , and NO with ionic com­
pounds. The advantage of the technique is that the ionic 
species is precisely known in contrast to the infrared stud­
ies of adsorbed molecules on various other solid supports 
in which more than one type of active center may be pres­
ent. This study also shows that small concentrations of 
these molecules often lead to unexplained transitions in 
matrix isolation studies and special care must be taken to 
exclude such effects. Fcr example, it may be that these 
types of interactions are responsible for some of the un­
classified transitions in the infrared spectra of the matrix 
isolated mercuric halides.35
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Liquid Ammonia Solutions. XI. A Raman Study of the Nature of 
Solutions Containing Alkali and Alkaline Earth Cations
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The Raman spectra of ammonia solutions of the alkaline earth and some alkali metal salts are discussed 
in terms of ion-solvent interaction. The fundamental vibrational frequencies of liquid ammonia are per­
turbed primarily by anion interaction with one exception, the symmetric bending mode ( r 2) which exhib­
its a strong cation dependence. Low-frequency bands which are assigned to the symmetric stretching 
mode of the solvated cation are observed for L i+ , Na+, M g2+, Ca2+, Sr2+, and Ba2+ at 241, 194, 328, 
266, 243, and 21c cm ', respectively. The observed frequencies are discussed on the basis of an electro­
static model for the cation-solvent interaction.

Introduction

The spectroscopic properties of liquid ammonia have 
been studied extensively using many different spectro­
scopic methods. In our laboratory, solutions in liquid am­
monia of many salts, primarily ammonium and alkali 
metal salts, have been extensively investigated using 
near-infrared spectroscopy for the vibrational overtone re­
gion and Raman spectroscopy for the fundamental and 
low-frequency regions of the infrared. In all of these solu­
tions the observed solvent spectra, with the exception of 
the symmetric bending mode, can be interpreted on the 
basis of an anion interaction with the solvent without in­
troducing any cation-dependent perturbation . 1 , 2  This in­
vestigation concerns itself with the cation-dependent na­
ture of the solvent spectrum in solutions of salts of the 
more highly charged alkaline earth cations as well as 
those of the alkali metal cations.

There is a great deal of interest in the nature of the cat­
ionic species in solution. The low-frequency vibrational 
region where ion-solvent interactions should be observed 
is discussed in detail. An ionic model for such interac­
tions, which has been investigated extensively in water 
solutions in regard to interaction energy calculations , 3 " 5  is 
used to interpret the low-frequency spectra and to support 
the assignment of the fundamental vibrations observed in 
this region.

Experimental Section

The presence of small quantities of water in the salt so­
lutions would greatly complicate the interpretation of the 
observed spectra. Small amounts o f water in liquid NH 3  

cause shifts in the frequency positions of the ammonia 
fundamental vibrations and would prevent an unambig­
uous assignment of any bands which might be observed in 
the low-frequency region. For these reasons great care was 
taken to exclude water from these solutions. The nitrate 
and perchlorate salts of Ca, Sr, and Ba were prepared via  
a simple acid-base reaction between the metal, dissolved 
in liquid ammonia, and previously dried ammonium ni­
trate or perchlorate dissolved in liquid NH 3 . Anhydrous 
magnesium perchlorate and M g(N 0 3 )2 -6 H 2 0  were re­
crystallized from liquid NH 3  and the products were 
subjected to lengthy evacuation; this process was repeated 
until infrared analysis indicated that water was absent. 
The alkali metal salts were dissolved in liquid NH 3  with

subsequent evaporation of the solvent followed by evacua­
tion; this was repeated twice. All ammonia which was 
used in the salt and sample preparations had been pre­
viously dried and stored over sodium and was dried again 
immediately before use by condensing onto sodium 
metal. All glassware was first oven dried and then heated 
under vacuum.

The solutions were prepared by placing an amount of 
salt in the solution preparation arm of the sample cell2  

under an inert atmosphere. The cell was subsequently 
evacuated and ammonia was condensed onto the salt after 
which the cell was sealed by means of a pressure stopcock. 
After the cell had warmed to ambient temperature and 
the salt had dissolved, the solution was passed through a 
glass frit to the cell in which the spectra were taken. The 
weights of salt and ammonia involved were determined by 
difference.

All spectra were recorded at ambient temperature on a 
Cary Model 82 Raman spectrophotometer using as an ex­
citing line the 5145-A line of the argon ion laser (Coherent 
Radiation Laboratories Model 53A). Resolution of the ob­
served spectra was accomplished with the use of RESOL, 
a non-linear least-squares computer program . 6

Results and Discussion

This section is divided into four subdivisions, the NH3 
fundamental vibrations, the anion fundamental vibra­
tions, the low-frequency region, and a general discussion 
applying an ionic model to these systems.

A m m o n ia  F u n d a m e n ta l  V ib ra tio n s . The 3300-cm_1 re­
gion of liquid ammonia at 25°, which is shown in Figure 1, 
consists of a broad envelope which clearly exhibits three 
band maxima which are assigned as follows: the asym­
metric stretch, 1/3 , is at 3385 c m "1; the symmetric stretch, 
j>i, is at 3300 c m 1; and the first overtone of the asym­
metric bend, 2v4, is at 3215 c m 1 . 2 , 7  Wave number 
( c m 1) is used to mean 5 wave number relative to the ex­
citing line of the laser source. Some authors feel the as­
signment of p i and 2k4  should be reversed . 8  The disagree­
ment over the assignment of v\ and 2j/4 has been discussed 
in a previous paper as has the experimental evidence 
which supports the four band resolution . 2  This very broad 
band which is centered at 3270 cm - 1  in the pure liquid is 
primarily due to the symmetric stretch of an ammonia 
molecule associated through one of its hydrogen atoms,
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TABLE I: Frequencies o f  the Fundam ental V ibrations o f  A m m onia
S o lu t io n  V3 V\ v\Cs F4 F4

Ba(C10d= 3387 3304
Sr(C10,)s 3385 3304
Ca(C10,)2 3384 3303
Mg(C10.,b 3386 3302
NHi 3385 3300

3280 3218 1640 1086
3282 3217 1640 1088
3283 3217 1640 1094
3280 3216 1640 1097
3270 3214 1640 1046

In  m o le s  o f  a m m o n ia  p e r  m o le  o f  sa lt.

C o n c n "

27
24
26.7 

Sat. 35

Figure 1. Resolved Ram ar spectrum  of the N -H  stretching re ­
gion of NH3 at 25°: (a) experimental curve, (b) resolved bonds, 
(c) error curve.

i .e ., an ammonia molecule with Cs symmetry. In salt solu­
tions ammonia molecules interacting through their hydro­
gen atoms with an anion also contribute intensity to this 
band.

The resolution of this region was accomplished using 
RESOL. a non-linear least-squares computer program; the 
band functions allowed in this program are Gaussian. Lo- 
rentzian. or a linear combination of Gaussian and Lorent- 
zian functions . 6  A linear combination of functions gave 
the best fit in the statistical sense based on the R-factor 
significance tests of Hamilton . 9  The positions of the re­
solved ammonia fundamentals in solutions of the alkaline- 
earth salts are shown in Table I; the same information for 
the pure liquid is shown for reference. The band positions 
for solutions of alkali metal salts are reported in the liter­
ature . 2 - 1 0  The changes which occur—the increase frequen­
cy of vi and ¡<i of C s ammonia molecules—can be explained 
by the influence of the perchlorate ion and show no con­
sistent dependence on the cation. There is however a large 
change in v2 , the symmetric bending mode of ammonia; 
the frequency is shifted approximately 50 wave numbers 
to higher energy, a direction opposite that expected for 
the effect of perchlorate ion . 1  This frequency shift, which 
is proportional to the charge density of the cation, was 
shown earlier by Corset using infrared data 1 1  and indi­
cates a relatively strong ammonia-cation interaction.

A n io n  F u n d a m e n ta l  V ib ra tio n s . Perturbation of the 
anion through its interaction with other molecules often 
gives information about those interactions. With this in 
mind, an analysis of the anion fundamentals is presented. 
The perchlorate fundamental frequencies are not changed 
from those observed in solutions of ammonium perchlo­
rate. indicating little or no direct cation-anion interac­
tion. However the nitrate ion fundamentals, ¡ ' 3  (the asym-

TABLE II: Frequencies o f  the Nitrate Ion  
F undam ental V ibrations

Vj, cm-1 V 2, cm 1 Vi, cm 1 Concn*

NH,NO:ik 1044 1340, 1380 712 7

L iN O / 1045 1340, 1385 711, 719 6
NaNCh'’ 1044 1347, 1390 709, 719 6
CaNOa 1044 1350, 1380 708, 730 19
SrNOa 1044 708, 723 37
B aN 03 1044 1345, 1390 709, 719 Sat.

In  m o le s  o f  a m m o n ia  p e r  m o le  o f  sa lt . '' R e fe r e n c e  10.

metric stretching mode) and ¡q (the in-plane bending 
mode), are perturbed in all nitrate solutions. Table II lists 
the frequencies of the nitrate ion fundamental vibrations. 
The asymmetric stretch which is split in ammonium ni­
trate solutions is also split in the metal nitrate solutions; 
the splitting, which appears to show a small cation depen­
dence, can only be compared qualitatively since there is a 
variation of concentration.

The in-plane bend of nitrate ion is also split as is shown 
in Figure 2. In water solutions the splitting of nitrate ion 
j' 4  has been attributed to contact ion pair formation . 1 2  

Our results show that the amount of splitting is cation de­
pendent and that the depolarization ratios are the same 
for each peak, both being depolarized. These observations 
indicate the presence of two kinds of nitrate environments 
in the solutions rather than a lifting of the degeneracy of 
the nitrate ion 1 - 4  mode of vibration. The concentration 
dependence of the splitting has been studied in the sodi­
um nitrate-ammonia system. The splitting remains con­
stant as the relative intensity of the two components 
changes with the concentration of NaNCH 1 0  The results 
of conductance experiments suggest that most ions in liq­
uid ammonia are closely associated with their counter 
ions1 3  to form ion aggregates.

On the basis of this evidence and the frequency position 
of / ' 4  (714 cm -1 ) of nitrate ion in ammonium nitrate solu­
tions as well as dilute metal nitrate solutions, the high- 
frequency component is assigned to a nitrate ion in a con­
tact ion pair.

L o w -F r e q u e n c y  R eg io n . All of the bands observed in the 
low-frequency region occur on the Rayleigh wing, and 
therefore an approximate baseline function was needed for 
any attempt to resolve these bands to obtain accurate po­
sitions and half-widths. While the correlation theory of 
light scattering developed by Fabelinski and Starunov 1 4 - 1 5  

results in a complex description of the Rayleigh wing, 
most authors use a simple exponential function to de­
scribe the baseline . 1 6 - 1 7  In liquid ammonia the situation is 
further complicated by the presence of a very broad, low- 
intensity band centered at approximately 300 cm “ 1 . 2  In 
this work an exponential background function is used for 
pragmatic reasons. Attempts at resolution of the bands 
using more complex background functions did not result 
in statistically better fits.
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Figure 2. Raman spectrum  of n itrate ion v t  in a solution of 
S r(N 0 3) 2.

TABLE III: Positions of Bands Observed in Salt 
Solutions in the Low-Frequency Region

S a lt
P o s it io n ,

c m -1
W id t h ,

c m -1 C o n c n “

Ba(C104)2 215 65 27
Sr(C104)2 243 60 24
Sr(N 03)2 237 80 37
Ca(C104)2 266 50 27
C a(N 03)2 263 91 19
M g (c :o 4)2 328 33 Sat.
LÌGIO., 241 33 6
LiNOa 242 36 6
Li(SCN) 240 37 6
NaClOi 194 7.5
a I n  m o le s  o f  a m m o n ia  p e r  m o le  o f  sa lt .

One broad low-intensity band was observed in each so­
lution of the metal perchlorates and in solutions of ni­
trates of metal cations with high charge density. The re­
solved low-frequency spectrum of a barium perchlorate 
solution is shown in Figure 3; the positions and half­
widths observed in all of the solutions studied are shown 
in Table in . The band parameters were obtained using a 
linear combination of Gaussian and Lorentzian functions 
for the band shape and an exponential background func­
tion in a non-linear least-squares program. All of the ob­
served bands are polarized.

The half-widths of the low-frequency bands are anion 
dependent. A comparison of the half-widths of the per­
chlorates with those of the corresponding nitrates reveals 
that the half-widths of the bands in the nitrate solutions 
are considerably larger than those in the corresponding 
bands in perchlorate solutions. The low-frequency band in 
a lithium thiocyanate solution is also slightly broader 
than that of the corresponding solution of lithium perchlo­
rate. Figure 4 demonstrates the broadening and intensity 
effect of the anion. Though experimental parameters were 
kept as constant as possible, intensity arguments are 
questionable; however, a qualitative decrease in intensity

WRVENIjnBER

Figure 3. Resolved low-frequency spectrum  of a solution of 
Ba(CI04)2.

WAVENUMBER

Figure 4. A portion of the low-frequency spectra of solutions of 
(1) U C I04, (2) LÌNO3 , (3) LiSCN.

in the nitrate and thiocyanate solutions is observed in the 
data of Figure 4. The broadening is attributed to stronger 
solvated cation-anion interaction and the decrease in in­
tensity is attributed to a lower concentration of the com­
pletely solvated species, which is in agreement with the 
higher tendency of nitrate and thiocyanate toward anion 
association, as shown in conductance work,13 and the cor­
responding cation-dependent perturbation of the anion 
fundamentals.

Discussion
The low-frequency bands are assigned to the symmetric 

stretching mode of the solvated cation, presumably arising 
from interaction of the first solvation sphere. A short 
summary of the supporting experimental evidence follows. 
The cation-dependent shift to higher energy of the sym­
metric bend of ammonia indicates a strong solvent-cation
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interaction. While it is possible for an ion pair to give rise 
to the low-frequency band, it is highly improbable that 
ion pairs with different anions would give rise to the same 
frequency. The small changes which do occur appear to be 
due to an anion perturbation of the solvated cation. The 
polarization data which indicate that all bands are polar­
ized suggest that the vibrations which give rise to them 
are totally symmetric.

The remaining discussion centers on an ionic model for 
the ammonia-cation interaction. It is generally accepted 
that interactions of this type are primarily ionic in char­
acter. The low intensity (low molar scattering factor) of 
the observed bands is consistent with low covalent charac­
ter even though a small amount of covalent character 
probably exists. With these limiting statements in mind 
an attempt to qualitatively and quantitatively describe 
the cation-solvent interaction on the basis of an ionic 
model was undertaken.

The model chosen was originally developed for aqueous 
solutions but is apparently applicable to other solvents. In 
this model, ion-dipole, ion-quadrupole, dipole-dipole, di- 
pole-quadrupole, and quadrupole-quadrupole interactions 
are considered.3 Conceptually the cation is surrounded by 
solvent molecules in either a tetrahedral or octahedral ge­
ometry depending upon the coordination number. The 
solvent dipoles are directed along the radius vector of the 
cation. This model yielded expressions which give the in  
v a c u o  interaction energy of a cation in an octahedral or 
tetrahedral cage of water molecules. The model explicitly 
takes into account the induced dipole produced by the cat­
ion and the other molecules in the primary solvation 
sphere. While a similar derivation may be carried out for 
both symmetries only the equations (eq 1-3) for the tetra­
hedral symmetry are discussed here where  ̂ is the perma­
nent dipole moment of the solvent molecule, f) is its qua- 
drupole moment, e  is the fundamental charge of the elec­
tron, and R  is the distance between the cation center 
(point charge) and the center of the solvent dipole.3 
Equation 1 describes the field at one solvent position pro­
duced by the cation and the other three solvent mole­
cules. Equation 2 describes the total electrostatic interac­
tion energy. The induced dipole, /¿¡, is obtained by setting 
H in eq 1 equal to /x +  multiplying by a , the polariza­
bility, and solving the resulting equation for ^¡. All calcu­
lations of the energy ([/) are then accomplished by substi­
tuting n +  y2 jii for ¡i and ¿i(n +  jt¡) for /u2.3

e 15/fyi 45V60
b  R 2 32R 3 +  128/?4 (1)

— 4pe 4de Ib í& fi2 45Y&nd 45l/ 66'2
R 2 R 3 16 R 3 3 2 R 4 6 4 R s 1 ’

a e  I h í l a n  45V 60al/r 15V6al 
R 2 32R 3 +  128ñ4 J/L1 +  3 2 R 3 J (3)

Calculations were carried out for ammonia molecules in 
the primary solvation sphere, and the plot of energy vs. R  
is shown in Figure 5 for both mono- and divalent cations 
in both octahedral and tetrahedral solvent shells. The di 
pole and quadrupole moments of ammonia were taken to 
be 1.47 X 10~18 and 0.6 X 10~26 esu,18 respectively; how­
ever it is found that the energy is much less sensitive to 
these constants than it is to the value of R. Examination 
of Figure 5 indicates that for both types of cations, the oc­
tahedral symmetry is energetically favored if only this in-

Figure 5. Plot of energy as a function of R: (a) Td , Z  -  1; (b)
Oft, Z  — 1; (c) Td , Z  — 2; (d) Oft, Z  — 2.

teraction is considered. In the case of divalent cations the 
energy difference is so large ( « 7 0  kcal/mol) that it is un­
likely that other factors will cause tetrahedral solvation to 
be favored. For the alkali cations, however, the energy dif­
ference is only 10-15 kcal/mol. If one considers entropy 
differences and the need to break additional hydrogen 
bonds in the octahedral case, it may be likely that a tetra­
hedral geometry is energetically favored for monovalent 
cations.

The problem now is to relate the electrostatic model to 
the observed vibrational frequencies which requires the 
calculation of the vibrational force constant. In the har­
monic oscillator approximation the force constant is given 
by the second derivative of the potential function evalu­
ated at the equilibrium internuclear distance. This dis­
tance must be the internuclear separation at the mini­
mum of the potential energy. Figure 5 demonstrates that 
the electrostatic energy, U, does not have a minimum at 
separations which are reasonable for intermolecular dis­
tances in the liquid state. The short-range repulsive ener­
gy terms which must dominate at distances smaller than 
the equilibrium distance are not considered. Near the po­
tential minimum the approximation is made that the sec­
ond derivative of the short-range repulsion terms is equal 
to zero. This is a hard-sphere approximation which may 
be interpreted as a steep potential wall originating from 
repulsive forces which are very strong relative to the long- 
range electrostatic forces. This pragmatic assumption of 
course introduces a large degree of anharmonicity.

A normal coordinate analysis in tetrahedral symmetry 
shows that the force constant for the totally symmetric 
stretch is composed of a linear combination of internal 
force constants, Fa + 3 F 2 . Fi is the force constant due to 
stretching along one bond and F 2  is the force constant due 
to interaction of one bond stretch with another. If the har­
monic oscillator approximation (v iz . that the force con­
stant is given by the second derivative with respect to R  
of the potential function) is assumed, F i may be calculat­
ed from the first two terms of eq 2.

The second force constant, F 2 , is conceptually more dif­
ficult. The last two terms of eq 1 describe the field at one 
solvent position produced by the other three. If we consid-
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TABLE IV: Experim ental and Calculated Values o f  the V ibrational Frequency and the T otal Energy
C a tio n S y m m e t r y Rn, Â Scaled** ‘'obsd * H C: R', k Uc.*Mh
Li + 
Na + 
Mg2 + 
Ca2 + 
Sr2 + 
Ba2 +

T j
T d
O h
O h
On
On

2 .1 6
2 .4 6  
2 .1 4
2 .4 7  
2 .6 0  
2 .8 2

182
135
268
196
175
146

-1 0 7
- 8 0

-4 0 1
-2 9 1
-2 5 9
-2 1 4

241
194
328
266
243
215

-1 3 3 .3
-10 5

-4 0 2 .7
-3 7 0 .2
-3 3 5 .7

1 .91  
2 .1 0  
1 .94
2 .1 5
2 .2 4
2 .3 7

- 1 4 0
- 1 1 4
- 4 9 4
- 3 9 9
- 3 6 3
- 3 2 1

a V a lu e s  c a lcu la te d  fr o m  th e  su m  o f  h a rd  s p h e re  ra d ii. h E n e rg ie s  a re  in  u n its  o f  k c a l /m o l -  r R e fe r e n c e  20 .

er that this field interacts with the dipole and quadrupole 
of one ammonia molecule, we obtain the energy of the in­
teraction between that ammonia molecule and the other 
three. The second derivative with respect to R  of the re­
sulting expression is equal to 3 F 2 . The sign is positive be­
cause an increase in the bond length of one solvent mole­
cule increases the strength of the other three bonds since 
the dipole-dipole repulsion decreases. The force constant 
equations for the totally symmetric mode of both tetrahe­
dral and octahedral symmetry are shown below. These 
equations give the F 19 matrix element for the totally sym­
metric mode of vibration.

K  A, =
6  Z e n  

R 4

AbV&ü?  2 2 5 / m12 Z e d  zzofbpd
T  i  dR 5

K A, =
6Ze
R 4

12e

R b

8 F 5 16F6 

3(1 +  6V2) 15(1 +  6V2)
2 F 5 2R *

(4)

O h
(5)

The corresponding G19 matrix elements which describe 
the kinetic energy of the vibration are easily determined. 
One finds for the totally symmetric stretch in a cubic 
symmetry that the vibrational frequency depends only on 
the inverse mass of the coordinating molecule or atom. As 
applied here the G  matrix elements for both symmetries 
considered are equal to the inverse mass of the coordinating 
molecule. There is no frequency dependence on ;he mass 
of the cation.

The appropriate force constant in eq 6 permits the cal­
culation of the vibrational frequency of interest. Figure 6 
shows the vibrational frequency as a function of R  for a 
mono- or divalent cation interaction with ammonia; the 
curves for both tetrahedral and octahedral solvation 
spheres are shown.

b(cm-1) =  ( 1 / 2 t c ) / K J M NH3 (6)

Application of these equations to the experimental data 
is difficult because accurate vaiues for R , the distance 
from the ion center to the center of the dipole, are not 
available. A possible approximation for R  might be the 
sum of the hard-sphere radius 0 : ammonia and the crys­
tallographic radius of the cation. This leads to qualitative 
agreement with the experimental data in that (1) the ob­
served and calculated frequencies increase in an orderly 
fashion as the cation radius decreases and that (2) the dif­
ferences between the observed and calculated values for 
each cation are relatively constant.

A strategy which involves a self-consistent argument is 
available. The experimental ammonation enthalpy for a 
number of cations has been determined by Senozan from 
the heats of solution of salts and metals in liquid ammo­
nia.20 Either the ammonation enthalpy or the vibrational 
frequency can be used to estimate a value of ar. effective 
radius, R ', for this model which should yield the other 
quantity to confirm the model. Since the vibrational

Figure 6. Plot of vibrational frequency as a function of R : (a) Td . 
Z  =  2; (b) 0 „ ,  Z =  2; (c) Td , Z  =  1; (d) O h , Z  =  1.

frequencies are more accurately determined than the am­
monation enthalpy, they were used to calculate R ' which 
was then used to estimate the ammonation enthalpy. 
Table IV gives the results of these calculations.

The following process was employed to determine the 
solvation symmetry. Given the observed frequency, the 
energy which most closely matched the experimental 
values indicated the proper symmetry. Using lithium as 
an example, the energies are -140  and -185  kcal/mol re­
spectively for tetrahedral and octahedral symmetries. The 
choice based on a comparison with the experimental value 
(-133.3  kcal/mol) is clearly four coordinate tetrahedral 
symmetry.

It was earlier stated that several general limitations of 
the ionic model in regard to covalent bond character 
should be considered. Comparison of the energy values, 
which have an estimated error of ± 6  kcal/mol obtained 
from a thermodynamic approach, with those calculated 
from the ionic model indicates that these bonds must be 
predominantly ionic. The difference between the calcu­
lated values of R  and the sum of hard-sphere radii is rath­
er large; however, because the ammonia molecule has 
nonspherical symmetry the hard-sphere radius of ammo­
nia is probably too large for interactions through the lone 
pair. Substracting the cationic radius from the corre­
sponding intermolecular distance gives the “ effective” di­
pole radius along the C3  axis of ammonia. This radius 
varies linearly with the total dipole moment from 1.28 A 
for solvation of the most polarizing cation, magnesium, to 
1.03 A for solvation of barium, the least polarizing cation. 
The lengthening of the dipole radius with increasing cat­
ionic charge density and the linear dependence of the di-

T h e  J o u r n a l  o f  P h y s i c a l  C h e m is t r y ,  V o l .  7 8 , N o .  2, 1 9 7 4
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pole on this radius is consistent with an electrostatic in­
teraction.

In summary, the frequencies of all the observed low-fre­
quency bonds are consistent with an ionic interaction 
model if assigned to the symmetric stretch of the primary 
solvation sphere of the cation. The primary solvation 
sphere of the cations of the alkali metals consists of four 
ammonia molecules and that of cations of the alkaline 
earth metals consists of six. A method, with the limita­
tions of the ionic model, is developed by which the value 
of R  and the ammonation enthalpies of spherical cations 
can be determined.
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The electronic state of the trapped electron in methane is calculated by the use of the INDO-UHF meth­
od and the minimum lifetime of the electron is also estimated from the above result. Consequently, it is 
concluded that (1) the traps in methane do not play a substantial role in the motion of the excess elec­
tron, (2) the absorption spectra of the excess electron in methane will be difficult to obtain or quite 
broad, if detected, and (3) the present molecular orbital treatment is expected to lead to reasonable re­
sults for other hydrocarbons in which the trapped electron is more stable than in methane.

Introduction

There are many theoretical investigations1-7 which con­
firm the existence of trapped electrons in cavities in polar 
solvents. For example, in previous papers,7 the present 
authors have shown with the aid of the semiempirical 
Hartree-Fock method that, using the cavity model, it is 
possible to interpret not only the thermal and optical but 
also the magnetic properties of the solvated electron.

On the other hand, several authors8-11 suggest that 
electrons in liquid hydrocarbons are also trapped in cavi­
ties which are formed by the fortuitous aggregation of 
molecules. From the standpoint of electron trapping by 
cavities in such nonpolar solvents, the following may be 
easily conjectured: the electron-trap potential in hydro­
carbons, unlike the cases of polar solvents, will be gener­
ally weak at attraction and mainly caused by the repul­
sion between the excess electron and the electron cloud of

molecules. Hence the potential will not always be enough 
to create the stable, bound state of the excess electron. If 
the electron cannot be bound, it will stay quasistationarily 
for the trap time r until removed to the outside of the 
trap thermally or by tunnelling. In case t  is so small that 
the above collective effect of molecules plays only a trivial 
role, the electron will be “ quasifree”  and its property may 
be understood by considering the transport phenomena of 
an electron with thermal velocity among molecules.12-16

Thus it is probable that one of the factors which domi­
nate the behavior of the excess electron in hydrocarbon 
will be the electronic state of the electron in the cavity. 
Therefore, we investigate in the present paper the elec­
tronic state of the trapped electron in a hydrocarbon, se­
lecting the simplest case which is that of methane, with 
the use of the hypothetical cavity model and the Hartree- 
Fock method as before. The lifetime of the trapped elec­
tron is also discussed based on that result.
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Z

Figure 1. Four methane molecules In a tetrahedral array. X ' axis 
lies on X - Y plane and intersects X axis w ith a 45° angle.

Model and Method
The trap is assumed to be composed of four methane 

molecules coordinating tetrahedrally with respect to the 
carbon atoms of each toward the center (Figure 1). The 
distance from the cavity center to the carbon atom R  is 
set at 1.5, 2.0, and 2.5 A, the second of which is a rough 
estimation based on the structure of solid methane.17

The calculation is performed by the unrestricted Har- 
tree-Fock method18 with INDO approximation.19 Then, 
in the same way as the cases of polar solvents,7 the addi­
tional two groups of hydrogen-like atomic orbitals (AO) 
located at the cavity center are used in addition to va­
lence AO’s of solvent molecules because as was shown in 
our previous paper,7 such a treatment makes it very easy 
to describe the state of an excess electron, if it is localized 
in the cavity. For the sake of simplicity of calculation, 
moreover, the ground and excited states of an excess elec­
tron are obtained separately with the additional Is AO for 
the former state and the 2s and three 2p AO’s for the latter 
state, respectively (method 2 in ref 7). The orthogonaliza- 
tion condition between the above two states will be ap­
proximately satisfied, if an excess electron is localized in 
the additional AO ’s. Parameters concerned with the addi­
tional two groups of AO’s are analogous to those used in 
ref 7; the orbital exponents, f, are set at 0.2, 0.3, and 0.4 
au_1, all the bonding parameters are set at —4.5 eV, and 
the Mulliken-type electronegativities are set so that core 
integrals for the ground and excited states of an excess 
electron become nearly 0.0 and 4.0 eV. This last value is 
about 0.5 eV higher than that of method 3 in ref 7, ac­
cording to which the excitation energies obtained were 
most reasonable.

Besides, because the UHF wave function is not a pure 
spin multiplet,20’21 we examine the effect of spin contam­
ination with the aid of the single annihilation method of 
Amos and Snyder,22 although the resulting correction will 
be small when an excess electron is localized in the addi­
tional AO’s.

Results and Discussion
At first, we will discuss the electronic state of the 

trapped electron. Table I shows the total energies of the 
trap with an excess electron in the ground state, E ( e M~ ),  
for three values of R ; in parentheses, the values after an­
nihilation are cited only when they are varied23 by this 
manipulation. The result seems to indicate the anion 
state is most stable when R  =  2.0 A. Hence, in the fol­
lowing discussion, only the case c f R  = 2.0 A is treated. In 
Table II, AE 2i represents the stabilization energy given by

TABLE I: The Total Energies of the Trap with an 
Excess Electron in the Ground State"

R , A

E ( e .si “ )

r  = 0.2 f  =  0.3 r  =  o.4

1.5 -1049.638 -1042.425 -1044.027
(-1049 .618) (-1044 .025)

2.0 -1076.756 -1078.202 -1079.836
2.5 -1073.804 -1075.209 -1076.440

(-1073 .803) (-1076.439)
a I n  p a re n th e se s , th e  v a lu e s  a f t e r  a n n ih ila t io n  a re  c it e d ,  o n ly  w h e n  th e y  

a r e  v a r ie d  b y  th e  m a n ip u la t io n .

TABLE I I :  The Calculated Results for the Trapped 
Electron in Methane"

r,
a u  -1 A E , e V «Ho“ , e V hv, e V PH

0 .2 - 0 .2 5 4 - 2 . 0 9 4 4 .4 41 0 .0 07
0 .3 0 .5 7 8 0 .0 3 0 0 .2 52 0 .0 17

(0 .2 5 3 ) (0 .016 )
0 .4 0 .2 3 4 0 .3 57 - 4 . 3 1 6 0 .0 25

( - 4 . 3 1 2 ) (0 .023 )

“  I n  p a re n th e se s , th e  v a lu e s  a fte r  a n n ih ila t io n  a r e  c it e d ,  o n ly  w h e n  t h e y  
a re  v a r ie d  b y  th e  m a n ip u la t io n .

the difference between the energy of the anion radical 
group and the neutral group which is calculated using the 
same basis set as that for the open shell system, ( ho“ is 
the energy of the highest occupied molecular orbital (with 
cv spin), hv is the energy of the first excitation, and ph is 
the inside proton spin density. The values after annihila­
tion are cited in parentheses only when they are varied by 
the manipulation. Since the excess electron in liquid 
methane has been found (from the mobility data25’26) to 
be quasifree, the positive AE  for f  = 0.3 and 0.4, meaning 
that the excess electron in the cavity cannot be stabilized, 
will be reasonable.27 In these cases, ( ho“ is also positive 
and small. It is to be noted that the highest occupied mo­
lecular orbitals are dominated by the additional Is AO28 
like those for polar solvents;7 i .e ., the .coefficients of this 
AO before annihilation are 0.964 ( f  = 0.2), 0.947 ( f  = 0.3), 
and 0.933 ( f  = 0.4), respectively. Concerning the excita­
tion energy and the proton spin density, there has been no 
observation because of the high mobility in this liquid,25-26 
but hv  in methane will presumably be smaller than 0.6 
eV since the maximum absorption probably occurs at 
wavelengths X 2 2000 nm in liquid propane.29 Moreover, 
accepting the tetrahedral model, ph would be expected to 
be of the order of 0.01 in terms of the values of the epr 
line width AH  in other hydrocarbons at 77°K30' 32 and the 
formula by Kip, e t  a l .33 According to the present calcula­
tion, the excess electron in the lowest excited state is lo­
calized in 2p MO and the value of hv at f  = 0.3 seems to 
be most appropriate. Besides, it is noticeable that all of 
|pH | are of the same order as those of other hydrocarbons 
and that pn is positive contrary to the result for polar sol­
vents.7 The latter result is ascribed to the relatively large 
contribution of the spin delocalization term, which was 
negligibly small in the cases of polar solvents.7 It should 
be remarked that, like the cases of polar solvents,34 ph is 
mainly determined by the pair-wise interaction between a 
methane molecule and a localized electron, because ac­
cording to the calculation of this system using the valence 
AO’s of a methane molecule and the Is AO ( f  = 0.3 and 
its center is 2.0 A distant from the carbon atom), ph after 
annihilation is 0.016 and coincides with the corresponding
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Figure 2. The electron distribution of methane molecules ( f  =  0.3). The atoms are projected on two planes.

value in Table II. It is probable that, in the present case 
of nonpolar solvent, the influence of molecules outside the 
first coordination shell will be not greater than that of ad­
jacent molecules in this shell and that therefore the for­
mer influence will be also insignificant for ph .

As is easily expected from the result that an excess 
electron in both the ground and excited states is localized 
in the additional AO’s, the effect of spin contamination is 
negligibly small on the whole. In fact, the values of (S 2) 
are 0.750 both before and after annihilation except in the 
case of the excited state with f  = 0.4, even in which case 
the value is 0.752.

Summarizing the above results, the most appropriate f  
seems to be 0.3. In Table III, the calculated charge densi­
ties and the dipole moments, none of which changes by 
annihilation, are shown. From this result, it is supposed 
that at the first stage when only methane molecules ag­
gregate instantaneously with the approximate vibrational 
period of 10~13 sec, the distortion of each molecule is 
small (the dipole moment D  =  0.039 D outward from the 
cavity), secondly, that i: an excess electron comes into the 
system and is localized in the cavity, these molecules are 
further polarized to have D  = 0.406 D in each one toward 
the cavity center in a time less than 10~15 sec (electronic 
polarization time), and finally, that thereby the electron 
itself is stabilized35 compared with its initial state in the 
cavity. Figure 2 shows the electron distribution of four 
methane molecules obtained without the additional Is

AO; the atoms are projected on X - Z  and X ' - Z  planes. In 
the cavity, there is a place surrounded by the electron 
cloud of methane and a very shallow depression of the dis­
tribution exists near the center (compare this with our 
previous result for water7). It may be natural to consider 
that the excess electron will most probably go out along 
the direction combining the carbon atom of a methane 
molecule and the cavity center, which is shown with a 
broken line in Figure 2. In Figure 3, the potential felt by 
an electron moving along this direction, which is approxi­
mated by AE  (C = 0.3) as in our previous work, is shown 
by a solid line; on the horizontal axis, the distance from 
the cavity center is indicated. It should be stressed that, 
even in this direction, there is a peak with a height of 1.13 
eV at a distance of 1.65 A from the center though AE  is 
always positive. Hence an electron which has come into 
this cavity will be expected to stay for a time and to go 
outward thermally or by tunnelling. In the following, as­
suming electron tunnelling, we will estimate the trap life­
time of the electron by the use of the above potential 
which gives the minimum value of the lifetime.

For convenience, we approximate the curve of \ E  by 
the function36

V (x )  =  a — v cosh2 p [tanh ¡(x — b ) — +  tanh p ]’ (1)

where x  is the coordinate in the horizontal axis and a, b, 
v, and n are parameters determined as follows: (1) V(x)  
has the maximum value, a, at x  =  b ; hence a =  1.13 and
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TABLE III: The Charge Densities and the Dipole Moments of Methane“
C h a r g e  densities**

?H  <7C <7H' Q Is
D ip o le  m o m e n t  o f  I n d u c e d  d ip o le
e a c h  m o le c u le ,  D c m o m e n t ,  D c

0 .8 1 7  4 .1 8 4  0 .9 9 1  1 .111  + 0 .4 0 6 ^  + 0  445
(0 .9 9 6 ) (3 .9 7 7 ) (1 .0 0 9 ) ( . . . )  ( - 0 . 0 3 9 )

“  T h e s e  re su lts  a re  n o t  v a r ie d  b y  a n n ih ila t io n . b T h e  s u b s c r ip ts  H, C , H ',  a n d  I s  in d ic a te  th e  in s id e  h y d r o g e n , th e  c a r b o n , th e  o u t s id e  h y d r o g e n , a n d  th e  
a d d it io n a l  I s  A O  ( f  =  0.3), r e s p e c t iv e ly .  V a lu e s  in  p a re n th e se s  a re  t h o s e  f o r  t h e  n e u tr a l  s ta te  c a lc u la t e d  w it h o u t  th e  a d d it io n a l  I s  A O . “ T h e  p o s it iv e  s ig n  in ­
d ic a te s  th e  d ir e c t io n  t o w a r d  t h e  c a v i t y  c e n t e r  a n d  v ic e  v e rsa . d I n  e a c h  o f  th e  m o le c u le s , th e  su m  o f  th e  n e t  ch a rg e s  is n o t  z e ro , b u t  th e  a b s o lu t e  v a lu e  o f  th e  
p o s it iv e  c h a r g e  is  v e r y  sm a ll  (  < 0 .0 3 ) a n d  s o  th e  d ip o le  m o m e n t  c a n  b e  a p p r o x im a t e ly  e s t im a te d .

b = 1.65. (2) At x  —*• + “°, V (x )  gives the asymptotic 
value, a -  u exp(2/t), which is zerc in the present case. (3) 
At x —* —c°, V(x) gives the asymptotic value, a — v 
e x p (-2 fi), which is put equal to & E  at x  -  0, i .e ., 0.578.37
(4) From (2) and (3), v = 0.790 and p  = 0.179. The con­
crete form of V (x )  thus obtained is shown in Figure 3 with 
a broken line (the part for x  < 0  .s abbreviated). The co­
incidence in i  <  2.0 A is good, but in the outer region 
there is some discrepancy between two curves. However, 
such a discrepancy may be permissible, because the ex­
cess electron will diffuse in this region and hence the real 
electron-trap potential will be lower than the curve of AE . 
The Schrodinger equation for an electron moving in the 
field of V (x )  is exactly solved,36 giving the wave function 
which represents a transmitted beam at x  = +<*> and an 
incident and reflected beam at x  = — °° under the condi­
tion that the kinetic energy of the electron is positive for 
all x. The resulting transmissivity is36

y, _  2 sinh ( irk + ) sinh (7r/c_) ^
cosh [ 7 r ( k + +  £ -)]  +  cosh ( 7 r/3)

where

k+ = ]/(2m/-fi2)\e — (a -  v exp(2p))]

/z_ = \'(2m/fi2)[e — (a — v exp( — 2/7)7] (3)

0  =  ]/(8m/K2) v cosh2 p  — 1
in which f is the energy of the electron, m  is the mass of 
an electron, and h =  h/2ir ( h  is Planck’s constant). Then 
the trap lifetime r is roughly estimated by38

T ip / m i

where r  is the coordinate of the inside turning point with 
regard to the curve of AE  and p / m  corresponds to the ve­
locity of the electron. The result is listed in Table IV. The 
transmissivity is near unity for the electron with the kinet­
ic energy of 0.1 ~  0.5 eV and is 0.328 even for the elec­
tron with the small kinetic energy of 0.01 eV which is of 
the order of k T  ( k  is Boltzmann’s constant and T  is the 
absolute temperature); accordingly, the lifetimes are quite 
short ( 10 15 to 10~16 sec). Therefore, the incident electron 
has probably no sooner polarized the methane molecules 
than it goes outward from the cavity. It is to be noted that 
as already mentioned the lifetimes obtained are the mini­
mum values because in other directions the repulsive po­
tential will be higher and thicker and so the transmissiv­
ity will decrease.

Thus, the following may be concluded from the above 
result. (1) The traps formed fortuitously do not play a 
substantial role in the motion c f the excess election in 
methane. That is, the excess electron in methane will be 
quasifree as pointed out by several authors.25'26’39 (2) The 
absorption spectra of the excess electron in methane will

DISTANCE(À)

F igure 3. The shape of the trap potential ( f  =  0.3) in the d irec­
tion of the broken line in Figure 2. The solid line is the potential 
approximated by AE and the broken line is the result of eq 1.

TABLE IV: The Calculated Properties of the Excess 
Electron in Methane

K in e t ic  
e n e r g y ,  e V

V e lo c i t y  
X  1 0 8 c m /s e c

T r a n s m is s iv ity ,
T

L ife t im e  
X  10  -15 sec

0 .0 1 0 0 .0 5 9 0 .3 2 8 0 .7 2 3
0 .1 0 0 0 .1 8 8 0 .7 0 4 0 .3 4 8
0 .2 0 0 0 .2 6 5 0 .8 1 2 0 .3 4 2
0 .3 0 0 0 .3 2 5 0 .8 6 4 0 .3 03
0 .4 0 0 0 .3 7 5 0 .8 9 4 0 .3 1 6
0 .5 0 0 0 .4 1 9 0 .9 15 0 .3 44

be difficult to obtain or quite broad, if detected, as easily 
expected from the uncertainty principle, Ac ~ ft/r ~  0.7 
eV. (3) In view of the calculation of the electronic state of 
the trapped electron in methane, it is probable that the 
present molecular orbital treatment will lead to reason­
able results for other hydrocarbons in which the trapped 
electron is more stable than in methane.

Further theoretical investigations seem to be needed in 
order to clarify the nature of the trapped electron in hy­
drocarbons.
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The heats of Na+-H + exchange on three samples of zirconium phosphate of widely different crystallini­
ties have been determined calorimetrically. For the crystalline sample the first 50% of exchange is exo­
thermic with A / f  = —6.90 ±  0.10 kcal/mol. The second half of the reaction is endothermic with AH °  = 
+6.45 ±  0.15 kcal/mol. The corresponding entropies accompanying these reactions are —31.0 ±  0.1 and 
0.0 ±  0.1 eu. In the case of a gelatinous, nearly amorphous, exchanger the reaction is initially exothermic 
but then the heat function passes through a broad maximum and becomes progressively more endother­
mic. The overall reaction is endothermic with AH° = 2.0 ±  0.2 kcal/mol and AS ° =  -14 .8  ±  1.3 eu. The 
semicrystalline exchanger exhibited heat effects surprisingly similar to those of the fully crystalline ex­
changer Qualitative explanations for the observed results are presented.

Introduction

The ion-exchange behavior of zirconium phosphate has 
been described by several authors and measurements of 
distribution and selectivity coefficients have been reported 
in many papers. This literature is summarized in two re­
cent reviews.2,3 Free energies of exchange of alkali metal 
ions have been calculated from measured selectivity coef­
ficients and enthalpies have been determined from the 
temperature dependence of the selectivity coefficients. 
These data are collected in Table III of ref 2.

It is now recognized that there are at least a dozen 
known crystaline zirconium phosphates as well as gelati­
nous and semicrystalline varieties.3 The most common 
form is «-zirconium phosphate (a-ZrP) which is zirconium 
bis( monohydrogen orthophosphate) monohydrate, Zr-

(HPO-th-FQO. This compound is prepared by refluxing 
zirconium phosphate gels in phosphoric acid.4 Bv suitable 
variation of the acid concentration and time of reflux it is 
possible to obtain products with crystallinities ranging 
from almost totally amorphous to fully crystalline.5,6 The 
crystallinity of the exchanger has a marked effect upon 
ion-exchange behavior. Another problem arises in that ap­
preciable amounts of hydrolysis may occur either during 
preparation and washing of the exchanger or during the 
ion-exchange reaction. Thus, it is of the utmost impor­
tance when reporting thermodynamic data that the ex­
changer phase be well characterized as to composition and 
crystallinity and that the exchange reaction be correctly 
defined.

Still a further problem stems from the uncertainty in 
defining the exchange capacity of amorphous and semi-
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TABLE I: Standard Integral Functions of Na+ H+ Exchange"
AG°, 

k ca l /m o l
a h ° ,

k ca l /m o l
T A S ° ,

k c a l /m o l
A S 0, A S  e x ,
eu  eu

On 0.5:48 6 .4  ±  0 .36 2.00 ±  0.2 - 4 , 4  ±  0.4 -1 4 .8  ±  1.3
On crystalline ZrP up to half exchange 2.33 ±  0.06c —6.90 ± 0 . 1 0  —9.23 ± 0 . 1 2  — 31.0 ±  0.1 —25.9
On crystalline ZrP half-fully exchanged 6.45 ±  0.03‘ 6.45 ±  0.15 0.00 ±  0.15 0 .0  ±  0.1 5.1

"  A ll  v a lu e s  a re  c a lcu la te d  in  k c a l /m o l  o f  N a  ' ,  b F r o m  r e f  5. c F r o m  r e f  12 in  w h ic h  \ f i  =  — 5 .8 8  ±  0 .8 1  a n d  -1-3 .95 — 0 .6 7  k ca l m o l f o r  th e  first a n d  
s e c o n d  s te p s , r e s p e c t iv e ly .

crystalline exchanger samples. In such exchangers the up­
take of ions is pH dependent and at moderately high pH 
values some hydrolysis of phosphate groups occurs making 
the determination of the true capacity difficult.7 Thus in 
some instances capacities were determined empirically for 
given electrolyte solutions.8 11 In other cases the theoreti­
cal capacity was chosen.5,12 Since the value of ion ex­
change equilibrium constants and hence any thermody­
namic values derived from them depend upon the choice 
of exchange capacities, it is important that this point be 
clarified. For these reasons the thermodynamic data col­
lected in Table III of ref 2 may be of limited value.

In earlier papers of this series careful attention was 
given to the points mentioned above. Exchanger samples 
were characterized by analysis, X-ray patterns, water con­
tent, and dehydration behavior.5,12 Exchange isotherms 
for Na* H* exchange were obtained covering the entire 
composition range. Equilibrium constants were deter­
mined from these isotherms on an exchanger of low crys­
tallinity5 and also for the fully crystalline o-ZrP .12 In the 
latter case it was shown that exchange occurs in two 
steps, one of them covering the range of 0 to 50% NaT up­
take and the other from 50% to full exchange.4,13 Enthal­
py values were determined from the variation of equilibri­
um constants with temperature in the range 25-55°. These 
data are presented in Table I. For the exchanger of low 
crystallinity a single isotherm over the entire composition 
range was observed.

A better insight into the exchange process can often be 
achieved from a precise knowledge of free energies, 
enthalpies, and entropies. Direct calorimetric measure­
ments present the best means of accurately determining 
A H  values. In this paper we report on such measurements 
for N a*-H * exchange on three samples of «-ZrP  possess­
ing widely different crystallinities.

Experimental Section
C h em ica ls . All chemicals used were of reagent grade. 

The sodium hydroxide solutions were standardized by ti­
tration against weighed amounts of NBS potassium bi- 
phthalate and then used to standardize the hydrochloric 
acid solutions. The sodium chloride solution was analyzed 
by exchange of Na* for H + on a strong acid resin followed 
by titration of the released acid. THAM  (Fisher, certified 
primary standard) was dried at 80° for 24 hr followed by 
vacuum treatment for an additional 24 hr and stored over 
anhydrous C aS04. Care was taken to avoid C 0 2 contami­
nation of the NaOH solutions by preparing and storing 
them under nitrogen atmospheres. Only freshly prepared 
NaOH solutions were used. Distilled, deionized water was 
used throughout. The water was boiled to remove C 0 2 
when used for the preparation of NaOH solutions. The 
zirconium phosphate samples used were the same as those 
prepared and analyzed earlier.5,12 Water contents of the 
gels were redetermined as loss of weight on ignition to 800- 
900°.

C a lo r im etr ic  A p p a r a tu s  a n d  P r o c e d u r e . All the thermo­
chemical measurements were made using an LKB 8721-1 
reaction solution calorimeter.14 This calorimeter is of the 
constant temperature environment type with associated 
thermostat, temperature sensing device (including a 
thermistor), and calibration apparatus. The calorimeter 
consists of an outer chromium plated brass can and a 
100-cm3 inner reaction vessel made of glass. This reaction 
vessel contains a 2000-12 thermistor temperature sensor, a 
50-fi m a n g a n in  wire heater and a combined stirrer-am­
poule holder. Standard LKB ampoules made of thin- 
walled Pyrex glass were used. After filling the ampoules 
were sealed by melting off an attached filling tube or by 
closing the ampoule shaft with a tightly fitting silicon 
rubber stopper which was then covered with a thin layer 
of m icrow a x .

The experiments were performed over approximately 
equal intervals on either side of 25.00° except when the 
reactions were slow. In the latter case the reaction was in­
itiated at such a temperature as to give a nonsloping after 
period of the calorimetric curve. However the deviation of 
the mean temperature of the experiment from 25.0° was 
never larger than 0.2°. Electrical calibrations were made 
over the same temperature range as in the main experi­
ment, both before and after the reaction had taken place. 
These agreed usually very well (A < 0.1%) and the mean 
value for each experiment was used to compute the corre­
sponding enthalpy value which thus refers to 25.0°.

For the main experiments the resistance changes were 
computed by extrapolating the linear portions of the fore 
and after parts of the calorimetric curve to the time corre­
sponding to ~63%  of the heat evolution (Dickinson’s ex­
trapolation method).15 For the electrical calibrations, ex­
trapolations were taken to the time corresponding to 50% 
of the heat evolution. From the thermistor resistance 
change, AR , obtained in an experiment, the total heat, Q, 
was calculated by the expression Q  =  (A R / R m)E  where 
R m is the mean resistance value in the reaction experi­
ment. The value for the calibration constant, E, was cal­
culated from the expression E  =  Q cR m ,c./A R C where Q c is 
the electrical energy introduced in the calibration experi­
ment, A R C is the change in thermistor resistance, and 
R m.<: is the mean resistance.

T e s t in g  o f  th e  C a lo r im eter . To test the overall perfor­
mance of the calorimeter, the enthalpy of solution of 
THAM in 0.1 M  HC1 was measured. This reaction is a 
suitable test reaction for rapid, moderately exothermic 
reactions.16 Varying amounts of THAM (0.26-0.43 g) were 
dissolved in 100.0 ml of 0.1000 M  HC1. For eight measure­
ments the mean value of —A H  was (7.123 ±  0.007) kcal/ 
mol. The error is given as the single standard deviation of 
the mean, (A 5 2/ n {n  -  l ) ) 1,2. Our value is in good agree­
ment with previously reported values, of which the best is 
thought to be 7.110 kcal/  mol.17

H e a ts  o f  Ion  E x c h a n g e . Measurements were made on 
three «-ZrP  preparations of different crystallinities,
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namely, crystalline (12:330), semicrystalline (4.5:48), and 
amorphous (0.5:48).5 These samples were prepared by re­
fluxing a precipitated ZrP in a specific concentration of 
H3PO4 for a given length of time as specified by the num­
bers in parentheses.

A quantity (0.1-0.4 g) of the exchanger in its pure hy­
drogen form was weighed into an ampoule. In order to 
avoid heats of wetting during the experiment 0.5 ml (0.5- 
0.8 ml for gel 4.5:48) of a 0.1000 M  NaCl solution was 
added to the exchanger in the ampoule. For gel 0.5:48 
deionized H 2 O was used instead of 0.1 Ai NaCl since in 
this case an appreciable amount of sodium ion exchange 
would occur in the ampoule. The sealed ampoule was put 
into the calorimeter where it was held by a four-pronged 
stirrer which could be lowered to break the ampoule on a 
sapphire-tipped glass pin without interrupting the stir­
ring. The maximum stirring rate (500 rpm) was used.

To check that no further heats of wetting took place 
when the ampoule contents came into contact with the 
solution in the reaction vessel experiments were per­
formed where the reaction vessel was filled with 1 0 0 . 0  ml 
of H 2 O. No heat effects were obtained for a-ZrP crystals 
or gel 4.5:48 while a small heat release (~0 .02  cal) accom­
panied the breaking o: an ampoule containing 0.4 g of gel 
0.5:48. Since in all cases less than 0.4 g of gel 0.5:48 was 
used this heat release could be neglected since it is less 
than the experimental error.

For measurements of the heats of exchange the reaction 
vessel was filled with 1 0 0 . 0  ml of a solution consisting of 
0.1000 M  NaCl + C n M  NaOH where 0 < C < 10. After 
filling, the reaction vessel was put into its place in the 
calorimeter and the temperature was brought to just 
under 25°. It was then sealed in its jacket and immersed 
in the 25.00° thermostat. When a steady-state tempera­
ture drift was reached in the stirred solution (the solution 
was stirred for at least 2  hr to ensure thermal equilibrium) 
a split second stopwatch was started. Readings of resis­
tance of thermistor and time were taken at constant inter­
vals of resistance or time. A prerating resistance-time 
curve was plotted over a period of 5-7 min. At a preselect­
ed time the stirrer was lowered and the ampoule broken. 
The thermal effects due to the reaction were usually com­
pleted within 5 min. For gel 0.5:48, however, the reactions 
especially at higher sodium ion loadings were much slower 
and equilibrium was not attained until 20-30 min after 
ampoule breaking. Readings of resistance and time were 
continued for a time after equilibration in order to plot 
the post-rating curve. After each calorimetric determina­
tion the solution was analyzed to establish the amount of 
exchange that had occurred. The hydrogen ion concentra­
tion of the solution was obtained from pH measurement 
with an Orion potentiometer Model 801 equipped with a 
Corning combination electrode with Ag|AgCl internal and 
glass electrode external. After determining pH, the solid 
was filtered off and a 50-ml sample of the filtrate was 
taken out and potentiometrically titrated with 0.1 M  
NaOH. If the pH of the filtrate was higher than ca. 4, 0.1 
M  HC1 was added. From a compilation of ionization con­
stants of phosphoric acid , 1 8  pK ai values of 2 .0 , 6 .7 , and
11.7 for i = 1, 2, and 3, respectively, have been chosen as 
the "best”  ones at an ionic strength of 0 . 1  M  and 25°. 
Thus at pH 5.0 most of the phosphate is in the form of 
H 2 PO 4  and at pH 8.3 the phosphate is mainly in the 
form of HPO 4 2  _ . Then the amount of NaOH required to 
change pH from 5.0 to 8.3 corresponds to the total phos­
phate content in the solution. By knowing the hydrogen

ion concentration, the total phosphate concentration, and 
the pKai values, the amount of each phosphate species in 
a particular solution could be obtained by simple stoichi­
ometry. Thus, assuming the phosphate being washed out 
as H3PO4, the amount (milliequivalents) of deprotonized 
H3PO4 can be calculated. The hydrogen released by the 
exchange is given by the milliequivalents of O H - added, 
plus the milliequivalents of hydrogen ion in solution at 
equilibrium, minus the milliequivalents of deprotonized 
H3PO4.

Calculations and Interpretation of Thermochemical 
Results

The standard heat of partial exchange, APTx, may be 
defined as the heat involved in the exchange
H,ZnsHH ,0(s) +  coHjO +  2XNaCl (aq) — ►

Na>.\-H2  v.vZnsMH2 0(s) +  ( 0 0  +  nsH — nsM)H20  +
2XHC1 (aq) (1)

where Z represents one formula weight of the anionic 
framework of the exchanger.

In this equation one formula weight of mixed exchanger 
containing 2 X  equivalents of Na+ is formed from 1 mol 
of zirconium phosphate in its pure hydrogen form. All 
reactants and products are in their standard states, i .e ., 
the mixed exchanger is in equilibrium with an infinitely 
dilute (°°H 2 0 ) solution of NaCl and HC1 in their correct 
proportions to maintain the composition of the exchanger 
while the exchangers in pure hydrogen, H 2 Z, and pure so­
dium, Na 2 Z, forms are in equilibrium with infinitely di­
lute solutions of HC1 and NaCl, respectively. rcsH denotes 
the number of moles of water in one formula weight of 
H 2 Z; n sM denotes this number in the mixed exchanger. 
When X  =  1, we obtain the standard heat of complete ex­
change, A H °.

The experimentally measured heats do not correspond 
with either AH °  or AH ° x since sodium hydroxide was used 
in order to neutralize the HC1 and thus achieve as high a 
sodium ion loading as possible. The actual reaction taking 
place can be written
H,ZnsH(vlH ,0(s) +  2NNaCl (aq) +  2YNaOH (aq) +  

VH,0 — *  Na2.v H ,_2 x ZnsM'H 2 0(s) +  (V +  n sH"> -  
nsM' +  2Y)H,,0 + 2 (N  -  X  +  Y)NaCl (aq) +

2 (X  ~  Y)HC1 (aq) (2)
where nsH(v) and n sM‘ are the numbers of moles of water 
in one formula weight of exchanger before and after the 
exchange, respectively.

The heat content, H 'nq, of the reactant solution in the 
calorimeter containing 2 N  moles of NaCl and 2 Y moles of 
NaOH in V  moles of water is

H \  iq =  2 N  f^ 'xac, +  2Y * " 'n.oh +  V H ° S (3)

where i  ̂  Naci is the apparent molar heat content of NaCl 
at a molality M 'nhci, i M’ NaOH the same quantity for 
NaOH at a m o la li ty  M ' n so h  and PTS the standard heat 
content of water at 1  atm and 25°. In eq 3 the apparent 
molar heat contents of the components in the mixture are 
assumed equal to those of the unmixed components at the 
same ionic strength (Young’s rule) . 1 9

In the same way the heat content H " uq of the resultant 
solution after exchange is given by

H " i,q =  2( N  -  X  +  Y ) i > M " N a C 1  +  2(X -  Y )<F '"„CI +  
(V  +  nsH,v> -  nsM' +  2Y ) H °  (4)
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where M "  Naci and M " hci are the molalities of NaCl and 
HC1, respectively, after the reaction is completed.

The heat content, H ° h2z, of one formula weight of ex­
changer in the standard state (immersed in water at 25°) 
is

H° h , z =  <i)°H,z +  n sn H ° s (5)

Before reaction the exchanger (0.1-0.3 g) is in contact 
with 0.5-0.8 ml of 0.1 M  NaCl ir. an ampoule. The heat 
content, Hvh2z, o f one formula weight of exchanger in the 
ampoule can be written

=  <J>°h2z +  n s ^ > H ° s  ( 6 )

However, breaking of ampoules with exchanger + 0.1 M  
NaCl (H 2 O) in 100 ml of H 2 O gave no measurable heat 
effects. This means that

H \ z =  H ' «  (7)

The heat content, H°(Na,n>z, of one formula weight of 
mixed exchanger in its standard state is

■ff°(Na.H)Z =  <̂>°( Na,H)Z +  n sMH ° s (8)

The heat content, HM'(Na,H)z, of one formula weight of 
mixed exchanger after reaction was written

H M\ Na.HlZ =  ^>°( Na,H )Z +  n sM'H ° s (9)

Here also tests showed that breaking of ampoules, con­
taining partially exchanged zirconium phosphate and 0.5 
ml of H20 , in a solution containing the correct equilibri­
um ratio o f the two ions in the exchanger gives negligible 
heat effects. Thus we can assume

H°(Na.H)Z =  H M (Na,H)Z (10)

If the heat content of reactants in eq 2 is H r and that of 
products H p then the heat of exchange, AH x ,  correspond­
ing to an amount of reaction involving one formula weight 
of exchanger is

A H x =  H P -  H r (11)

where
H P =  H M'(Na H)z +  H " Uq (12)

and
H r — H vhl>z +  H '  liq (13)

Inserting the results of eq 3-5, 7, 8, 10, 12, and 13 into eq 
11 gives

A Hx =  <t>°<Na,H,z -  i>°H2z +  2 ( N  ~  X  +  Y ) ^ " NaC, +

2(X  -  Y )$m"hci -  2Y<J>M'Na0H +  2Y H \  -  2IV'NaC, (14)
In eq 14 X  s  Y (in many cases X  = Y) and N  »  X , Y. 

Thus ( N  -  X  +  Y ) can be set equal to N  with very good 
approximation. This implies that 4>M” Naci =  4>M Naci and 
inserting this result in eq 14 yields
A H x =  $°,xa.H>z -  * ° h2z +  2(X -  Y )$ M\ aC1 +

2(X -  Y )$ ""Hci -  2Y$>M'N:a0H +  2Y H °S (15)
The neutralization reaction between NaOH and HCI at 
infinite dilution can be written

NaOH(oo) +  HCl(oo) — *- H20  +  NaClU) (16)

The heat of this reaction, AH ° n, is given by

A H ° S =  H°s +  $ °NaCl -  *°Na0H -  * ° HC| (H)

where 4>°Naci, iVaOH, and 4>°hci are the apparent molar

heat contents at infinite dilution of NaCl, NaOH, and 
HCI, respectively.

The standard heat of partial exchange, AH°x, for reac­
tion 1 can be shown to be

A H °\  =  i >0(Na.H)z — $ °h,z +  2X <I>0hci — 2X<f°xan (18) 

Combination of eq 15, 17, and 18 gives 
A H x -  ‘2 Y  A  H ° s  -  AH °X =  2(X  -  Y )($ M" HCI -  

* ° hc.) -  2(X  -  Y ) ($ M"NaC1 -  r NaC1) -

2 Y ( $ M NaOH — ’I’0NaOH) (19)
The function (4>m ' ' hci ~  4>°hci) is the relative apparent 

molar heat content, 4>l(M " Hci), of HCI at a molality 
M "  hci at 1 atm and 25°, and similarly for NaCl and 
NaOH. Making these substitutions into eq 19 and rear­
ranging gives

A H °X =  A H x -  2 Y A H ° S -  2 ( X  -  Y )$ L( M " „ C|) +

2 (X -Y )4 > L( M " NaC1) +  2 Y $ lM ' s m h  (20)
Thus from experimentally determined values of A Hx it 

is possible to obtain A if°x since the relative apparent 
molar heat contents of the components are tabulated,20 
and as A i f  n the heat of neutralization at 25° and at infi­
nite dilution has been thoroughly established.21’22 The 
“ best-” value of AH °n seems to be -13.34 kcal m ol-1 .

In the determination of A H x  heat effects due to phos­
phate release had to be considered. In the ampoules where 
the pH was between 3 and 4 nearly all the phosphate in 
solution is in the form of H 2 P 0 4 - . This means that the 
hydrolysis reactions taking place at the ampoule breaking 
are either

H2P04~ + H20 —  HP042- + H30+ (21)
or

HjPOY + H30  — ►  H3P04 + H20 (22)
The enthalpy changes for these two reactions have been 

found to be 0.8 and 1.9 kcal m ol-1 , respectively.23 As the 
amounts of the different phosphate species in the solu­
tions (after reaction) are determined we are able to make 
calculations and thus corrections for heat effects due to 
these reactions. For crystalline a-ZrP there was no phos­
phate release and for sample 4.5:48 the corrections were 
all quite negligible. Even for sample 0.5:48 the correction 
terms were in most cases within the experimental er­
rors and they were in no case larger than 0.035 cal.

The A Hx values were subsequently calculated by divid­
ing the corrected heat effects, i.e., the measured heat ef­
fects corrected for heat effects due to phosphate release, 
by the amount of water free exchanger.

The sum of the three last terms in eq 20 made only 
small positive contributions to AH °  x and never exceeded 
0.09 kcal m ol-1 . The term 2 Y A H ° n, on the other hand, is 
significantly large. As, however, both the amount of base 
added, 2Y, and the value of AH °n are known with high 
accuracy, this correction should not noticably affect the 
precision of the value of AH ° x .  This is corroborated by the 
fact that points at low sodium loadings, where no base 
was added, fit well to the same curves as points at higher 
sodium loadings where base addition was required (see 
Figures 1-3).

The mole fraction of sodium ion in the exchanger, X n«, 
has been calculated by dividing the hydrogen ion released 
by the theoretical exchange capacity of zirconium phos­
phate, 7.54 mequiv/g, based on anhydrous ZrP, i.e., 
ZrP 2 C>7 . This procedure is justified since it has been found 
previously that sodium exchange on a-ZrP is a perfect ion
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Figure 1. S ta n d a rd  h e a ts  o f p a r t ia l e x c h a n g e  a s  a  fu n c t io n  o f 
s o d iu m  ion  lo a d in g  fo r  c ry s ta l l in e  a -Z rP .

Figure 2. S ta n d a rd  h e a ts  o f p a r t ia l e x c h a n g e  a s  a  fu n c t io n  o f 
s o d iu m  io n  c o n te n t  fo r  s e m ic ry s ta l l in e  a - Z rP  (4 .5 :4 8 ) .

exchange, i .e ., the sodium uptake and the hydrogen re­
lease are equal.5

For crystalline and amorphous (0.5:48) a-ZrP the sodi­
um exchange has been shown to be reversible.5,12 Correct­
ed selectivity coefficients have been determined as func­
tions of the extent of exchange. From these data thermo­
dynamic equilibrium constants have subsequently been 
calculated. In these cases it is possible to gain information 
about the dependence of the heats and entropies of ex­
change on the composition of the exchanger from the dif­
ferential free energies, heats, and entropies. The differen­
tial free energy, AGx , is obtained from the corrected se­
lectivity coefficient, K h N ’ , by the relation

-  AGX =  R T  In X HNa (23)

The differential heat of exchange, A H \ , is obtained 
from

A H X =  (A H °x)/<5X (24)

finally from the relation

AGx =  A Jix -  T A SX (25)

it is possible to calculate the differential entropy of ex­
change. ASx .

-A H °
3 K c a l/m o le Z rP

Figure 3. S ta n d a rd  h e a ts  o f p a r t ia l e x c h a n g e  a s  a  fu n c t io n  o f 
s o d iu m  io n  lo a d in g  fo r  an  a lm o s t a m o rp h o u s  o - Z rP  (0 .5 :4 8 ) .

Standard free energies, heats, and entropies of full ex­
change were calculated from the corresponding thermody­
namic equilibrium constants and the data of Figures 1 
and 3. These values, collected in Table I, are given in kcal 
per mole of Na+ while AH °x are given in kcal per mole of 
exchanger. This means that the mole ratio sodium-ex­
changer had to be considered for the evaluation of the 
standard heats of full exchange from the A /T x curves.

Results
C r y s ta llin e  S a m p le . A H °x for sodium exchange on crys­

talline a-ZrP plotted as a function of X nb, Figure 1, show 
unambigously, in agreement with earlier theories,12,13 
that the reaction proceeds in two distinct and separate 
steps. The first step, going from 0 to 50% of exchange, is 
exothermic while the second one, from half to full ex­
change. is endothermic. The interception of the two al­
most linear parts of the curve in Figure 1 is not exactly at 
X sa = 0.500 but rather at X x a = 0.490 indicating that 
the real exchange capacity for this ZrP is a little lower 
(ca . 2%) than the theoretical one. As there are two dis­
tinct steps upon exchange it is thermodynamically justi­
fied to treat them separately.

It has previously been shown that the exchange reaction 
from 0 to 50% of exchange exhibits microscopic reversibil­
ity,12 thus allowing equilibrium expressions to be formu­
lated. The differential quantities of exchange, expressed 
in kcal per mole of Na + , for the first stage are plotted in 
Figure 4. For calculation of AGx from eq 23 corrected se­
lectivity coefficients from Figure 3 in ref 12 were used. 
The AH \  values were calculated, by eq 24 from data in 
Figure 1, assuming that the first exchange step is com ­
pleted at XNa = 0.49, i .e ., XNa = 100 in Figure 4 corre­
sponds to XNa = 0.49 in Figure 1. It should be recognized 
that for this reaction the mole ratio exchangensodium 
ions is 1:1. The results in Figure 4 show that the differen­
tial heats of exchange are independent of composition. 
The small smooth increase in —AG x  during the exchange 
is caused by a similar increase in TASx- The standard in­
tegral functions of exchange are given in Table I. From 
the results it may be observed that the agreement be­
tween our AH °  value and the corresponding one deter­
mined earlier by the temperature coefficient method
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Figure 4. D if fe re n t ia l th e rm o d y n a m ic  q u a n t it ie s  o f e x c h a n g e  as 
a  fu n c t io n  o f s o d iu m  io n  lo a d in g  fo r  th e  f i r s t  5 0 %  o f e x c h a n g e  o f 
c ry s ta l l in e  « -Z rP .

(-5 .88  kcal m ol-1 ) is very good, considering the uncertain­
ty in the latter method.

Results for the second stage, 50 to 100% of exchange, 
are collected in Figures 1, 5, and Table I. This stage was 
assumed to take place between XNa = 0.49 and X ns = 
0.98. The standard integral heat of exchange was conse­
quently obtained from (A /i°o . 9 8  — AH°o.4 9 ), since the 
mole ratio exchanger:sodium is 1:1 for this reaction step 
also. The differential heats of exchange are independent of 
composition up to XNa = 0.5. The small and smooth in­
crease in - A H \  at higher loadings does not indicate any 
drastic structural change of the exchanger.

S a m p le  4 .5 :4 8 . The heat of exchange for this sample, 
characterized as semicrystalline,5 is strikingly similar to 
that for crystalline «-ZrP  (compare Figures 1 and 2). Even 
for this ZrP the AH °\  function, consisting of two approxi­
mately linear parts, exhibits a definite break at half-ex­
change, XNa = 0.49, indicative of two distinct exchange 
reactions. The linearity of AH ° \ means that the heat 
changes upon exchange are independent of exchanger 
composition (within each step) just as was the case for the 
crystalline sample.

A comparison between Figures 1 and 2 shows that for 
the first step the crystalline sample exhibits slightly high­
er exothermic values than the semicrystalline. Thus at 
half-exchange the difference is ca . 0.5 kcal m ol-1 . At full 
exchange, on the other hand, the values of AFTx for the 
two samples are essentially the same ( —0.45 kcal mol-1 ). 
Consequently during the second step the exchange reac­
tion on the crystalline sample is a little more endothermic 
than the exchange on the semicrystalline one. Under the 
assumption that exchange with sample 4.5:48 also exhibits 
microscopic reversibility we can treat the exchange data 
in a similar fashion as for crystalline «-ZrP  and make a 
comparison of the thermodynamic functions of sodium ion 
exchange on the two different exchangers. Up to half-ex­
change the N a+-H + selectivity decreases slightly when 
going from a crystalline to a semicrystalline sample.5 
Thus on graphs where pH is plotted vs. sodium ion up-

Figure 5. D if fe re n t ia l th e rm o d y n a m ic  q u a n t it ie s  o f e x c h a n g e  as 
a  fu n c t io n  o f s o d iu m  ion  lo a d in g  fo r  th e  s e c o n d  5 0 %  o f e x ­
c h a n g e  o n  c ry s ta l l in e  « -Z rP .

take, the first plateau is about 0.5 pH units higher for 
sample 4.5:48 than for crystalline «-ZrP . Remembering 
that the experiments were performed at constant sodium 
ion concentration in the solutions we can conclude that 
the free-energy change upon exchange is a little lower for 
the latter exchanger. The difference, however, is small 
(<1 kcal m ol-1 ). It is evidently of the same sign and 
moreover of the same size as the difference in the heats of 
exchange on the two samples. Consequently up to half ex­
change the entropy changes for the sodium ion exchange 
on the two exchangers are much the same despite the rel­
atively large difference in crystallinity.

From half to full exchange the pH values (at least in 
the beginning of the step) are a little lower for sodium ion 
exchange on sample 4.5:48 than those for crystalline « -  
ZrP. Thus the N a+- H f selectivity is higher and the free 
energy less positive for the exchange on sample 4.5:48. 
The difference is again roughly accounted for by the dif­
ference in heats of exchange on the two exchangers. Thus 
even for the second step the two exchangers virtually give 
entropy changes of much the same magnitude.

S a m p le  0 .5 :48 . The AH °  x function for this almost 
amorphous ZrP, Figure 3, is significantly different from 
those of the two more crystalline ones. In this instance 
two distinct steps were not observed but rather a smooth 
curve throughout. In the beginning of the curve, up to 
X nh = 0.25, APTx is virtually a linear function of the 
load. Then the heat function passes through a broad max­
imum from X Na = 0.35 to XNa = 0.55 and then the reac­
tion exhibits a progressively increasing endothermicity. 
Since this gel exhibits a comparatively high sodium ion 
selectivity at low loads it was possible to reach a sodium 
ion loading of ca . 1.2 mequiv g -1 (X n3 = 0.15) without 
addition of base. The data at high loadings are somewhat 
less accurate because the exchange reactions are slower. 
Thus the attainment of equilibrium required up to 25 min 
when Xwa > 0.6. This made the graphical evaluation of 
the heat changes from the resistance-time diagrams a lit­
tle more uncertain because of the lengthy extrapolations. 
Moreover the increase of phosphate release at higher sodi­
um loadings contributed to larger corrections in the calcu­
lation of the sodium ion uptake. The differential free 
energies of exchange were calculated by eq 23 from cor­
rected selectivity coefficients determined in a previous
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Differential Thermodynamic Quantities 
K c a l/m o le  Na +

t 5 •
- A H X

F ig u re  6 . D if fe re n t ia l th e rm o d y n a m ic  q u a n t it ie s  o f e x c h a n g e  as 
a  fu n c t io n  o f s o d iu m  io n  fc r  e x c h a n g e r  0 .5 :4 8 .

study of this system.5 The differential quantities are plot­
ted in Figure 6. It is to be remembered that for this ex­
change there are 2 mol of Na+ per mole of exchanger, in 
the beginning of the exchange both 1 H \  and T S S \  exhib­
it small variations with the extent of exchange. At higher 
loadings, however, the increasing endothermicity of the 
reaction is not fully counterbalanced by the progressively 
more favorable entropy term, causing a gradual decrease 
in the preference for sodium ions. The standard integral 
functions are collected in Table I, where it can be seen 
that both the enthalpy and the entropy terms counteract 
the exchange reaction.

Discussion
The entropy change for a cation exchange (univalent 

cation. V D ) reaction on an exchanger in the hydrogen 
form can be written24

AS° =  A.S,X +  (S°H -  S °M) (26)

where A S ° ex represents the entropy differences between 
the corresponding ionic forms of the exchanger and (S°n 
— S ° m) the difference in the entropies of hydration of the 
exchanging ions. Values of ASkx reflect (i) changes in hy­
dration of the exchanger accompanying the reaction and 
(ii) the differences in lattice distortion of the two forms of 
the exchanger.

The value of the difference (S °h — S ° m) refers to the 
entropy change, AS°c<>„.h, of the hypothetical exchange 
reaction

H+ (g) +  M+ (aq) — *- H+ (aq) + M+ (g) (27)

For sodium AS°l(m.h = —5.le u .25
The entropy changes of the two reaction steps in the so­

dium ion exchange on crystalline o-ZrP are listed in Table 
I as well as the calculated ASkx values. A rationale for 
the large differences in entropy for the two exchange steps 
can be given.

The different phases occurring in the sodium exchange 
on crystalline o-ZrP have been characterized in previous 
investigations.13-26 In the first reaction step the crystals of 
composition Zr(H P 04)2-H20 are converted to Zr(Na-

P 0 4)(H P 04)-5H20 . In the second reaction stage the half- 
exchanged phase is converted to Zr(N aP04)2-3H20 . The 
degrees of freedom possessed by water molecules are lower 
in the ion exchanger phase than in the solution phase. 
Thus sorption of water must result in a decrease in entro­
py while release of water results in an entropy increase. In 
the sodium exchange on u-ZrP there are an additional 4 
mol of water bound to the exchanger during the first reac­
tion step. Consequently this should make a large negative 
contribution to ASkx- A noteworthy comparison can be 
made with the entropy decrease accompanying the “ bind­
ing”  of water on freezing. The entropy of fusion of ice at 
25° is 6.07 eu. Thus the freezing of 4 mol of water will rise 
to an entropy decrease of ca . 24.2 eu. This value is sur­
prisingly very close to our value of —A S kx = 25.9 eu. It is 
to be remembered, however, that the expansion of the layers 
from 7.6 to 11.8 A during the reaction step probably will 
give a small positive contribution to ASex.

In the second step there is a release of 2 mol of water 
from the exchanger. Consequently it is to be expected 
that AS ex is positive. If it is again assumed that an entro­
py increase of 6 eu per mole of released water obtains, we 
should anticipate a contribution to ASkx of ca. 12 eu from 
hydration effects. This value is a little more positive than 
the value found. However, a difference is to be expected 
since the distance between the layers in the exchanger de­
creases from 11.8 to 9.8 A during this reaction step. The 
final phase has a highly ordered structure judging by 
analogy with the NH4 ' exchanged phase.27 This tight­
ening of the structure should give a small entropy decrease.

An interpretation of the entropy changes accompanying 
sodium ion exchange on gel 0.5:48 is more complicated as 
this function shows large variations with the extent of ex­
change. Furthermore the phase(s) present during ex­
change are not well characterized but appear(s) to be a 
single solid solution with large interlayer spacing at low 
load which decreases with loading.5 Up to half-exchange 
TASx fluctuates about an average value of ca . —6.5 kcal 
m o b 1 (see Figure 6). This means that A SX is equal to 
about —22 eu and ASKx = -1 7  eu. This negative entropy 
change can be partly explained by the fact that upon so­
dium exchange on gel 0.5:48 the water content in the ex­
changer increases in the beginning of the exchange.5 Thus 
the unexchanged gel has been found to contain 5.0 mol of 
water per mole exchanger, while the corresponding value 
is 5.5 at a loading of 0.6 mequiv g_1.

At higher sodium loadings, on the other hand, the water 
content in the exchanger decreases. It was found that at a 
loading of 6.0 mequiv g " 1 there are 5.3 mol of water per 
formula weight of exchanger. Thus there is a fairly small 
net decrease (0.2 mol of water per formula weight of ex­
changer) in going from a loading of 0.6 to 6.0 mequiv/g. 
Despite this there is a remarkable increase in entropy (see 
Figure 6) at loadings above 50% of exchange. However, it 
is probable that a distinction between “ free”  water and 
“ bound”  water within the gel can be made. Such distinc­
tions have been made for organic resins.2* There is a dif­
ference in entropy between these two kinds of water, the 
entropy of free water being higher than that of bound 
water. For the amorphous gel 0.5:48 where the water con­
tent is high at all loadings, the amount of free water in 
the exchanger can be of considerable magnitude. As the 
hydration number for the smaller hydrogen ion is much 
higher than the hydration number for the sodium ion,25-28 
sodium exchange at approximately constant water con­
tents of the exchanger should be accompanied by an in­
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crease in free water and a decrease in hydrated water. 
This process should consequently give rise to an entropy 
increase large enough to account for the observed change. 
However, it is not known how much of the exchangeable 
hydrogen is present as hydrated ions in the gel. although 
it has been proposed that the amount is considerable to 
bring about the swelling observed on wetting the dried 
gels.5

Another factor contributing to the entropy increase is 
the disordering of the gel structure as evidenced by the 
high phosphate release observed at higher Na * loadings.

In contrast to entropy changes which, as seen above, in 
many cases can be approximated semiquantitativelv by 
the model set up, enthalpy changes are more difficult to 
predict because of the large magnitude of bonding ener­
gies and heats of hydration. The heat of hydration of H* 
ion is more exothermic than that of the larger Na+ ion. 
This is illustrated by the hypothetical exchange reaction 
of eq 27 for which AH ° =  —163.8 kcal m ol-1 when M + = 
Na+.

This high value of hydration energy must be counterba­
lanced by a comparable endothermic change resulting 
from the bond breaking-bond making or various electro­
static interactions resulting from the ion-exchange reac­
tion. In the case of the «-ZrP  crystals each replacable hy­
drogen atom is closely associated with one oxygen atom 
(probably through a covalent bond), whereas the sodium 
ions probably are distributed or shared among several an­
ionic sites.27 This corresponds to an anionic field strength 
which would be weak for N a+ and strong for hydrogen.29 
Thus a large endothermic effect is to be expected. Assum­
ing this effect is nearly the same in both halves of the ion- 
exchange reaction, the difference in enthalpies for the two 
reactions can be accounted for as being mainly a hydra­
tion effect. In the first step a five hydrate is formed so 
that the sodium ions within the crystal lattice must be 
fully hydrated. In the second step the five hydrate is con­
verted to a three hydrate or 1.5 waters per sodium ion are 
available for hydration. This means that AH °  for the first 
step should be more exothermic than that for the second 
in agreement with observation. However, other factors 
such as expanding or shrinking of the layers also might 
give rise to heat effects and should be considered.

It has been shown previously5 that, in general, the less 
crystalline the sample of zirconium phosphate the greater 
is its relative preference for sodium ion at low loads. How­
ever, this preference decreases with loading and eventual­
ly is reversed. In the case of gel 0.5:48 K ,: , the corrected 
rational selectivity coefficient, varies from approximately 
10~2 at low loads to 10~6 near full load. This large de­
crease is now seen to result from a comparable increase in 
the endothermicity of the exchange reaction with sodium 
ion uptake. Increased sodium ion uptake in 0.5:48 is ac­
companied by a steady decrease in the interlayer spacing. 
Thus at higher levels of exchange the sodium ions are 
forced closer to each other setting up increasingly larger 
electrostatic repulsions.

In the hydrogen form of «-ZrP  crystals the layers form a 
network of zeolite-like cavities.30 There is one such cavity 
per zirconium atom. Thus, at half-exchange each cavity 
contains one sodium ion. Further exchange requires that a 
second ion enter the cavities. The sodium-sodium dis­

tance at half-exchange is about 5.3 A whereas in the fully 
exchanged form this distance is of the order of 3.8 A 
(judging from the structure of the NH4" exchanged 
form27). The large change in differential heat of exchange 
which occurs at half-exchange may well be the result of 
increased electrostatic repulsions coupled with the lesser 
hydration.

It has been proposed that the size of the cavities in gel 
and semicrvstalline samples of zirconium phosphate is not 
uniform as in the crystals, but varies over a range of 
values.3 Thus the exchange sites are not energetically 
equivalent. The incoming ions would thus occupy the 
most favorable sites initially, i .e ., probably the largest 
cavities because these would require little or no dehydra­
tion of the ions to occur. As exchange proceeds the sites 
become progressively less favorable because of the greater 
dehydration and larger electrostatic repulsions resulting 
from two sodium ions occupying successively less space. 
This could account for the rather large increase in A/ix 
observed for the exchange reaction on 0.5:48.
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Hydroxycyclohexadienyl radicals are produced in the pulse irradiation of aqueous N20-saturated solu­
tions of aromatic compounds by a 20-nsec pulse of high-energy electrons in the vicinity of a hanging mer­
cury drop electrode. The polarographic current is recorded as a function of time and at constant poten­
tial. Simultaneously, the changes in the optical absorption of the radicals with time in the bulk of solu­
tion are measured. Short-time polarograms of radicals are obtained by plotting the current at about 20 
Msec after the pulse vs. the electrode potential. Many hydroxycyclohexadienyl radicals show a steep po­
larographic wave with an anodic part immediately followed by a cathodic part. These waves are inter­
preted in terms of competitive oxidation and reduction of radicals. In addition, the problem of dispropor­
tionation of hydroxycyclohexadienyl radicals v ia  electron transfer is discussed. Both electrode processes 
can occur with large rate constants in a certain potential range. Shifts of the waves to more negative po­
tentials in the case of phenol and cresol are explained by the existence of mesomeric structures of a-alco- 
hol radicals in the dihydroxycyclohexadienyl radicals formed. In strongly alkaline solutions, 0~  reacts 
with toluene and benzylalcohol to form the benzyl radical and the benzyl alcohol radical anion, respec­
tively. The polarograms of these radicals have well separated anodic and cathodic waves. The current vs. 
time curve of some radicals show a change in the sign of the current signal at potentials close to the foot 
of the polarographic wave. This effect is attributed to temporary changes in the relative concentrations 
of adsorbed and mobile radicals in the vicinity of the mercury drop electrode.

I. Introduction
The oxidation and reduction of short-lived free radicals 

at a mercury drop electrode has already been described.13 
Radicals are produced in homogeneous distribution near 
the drop by irradiation of an aqueous solution with a 20- 
nsec pulse of high-energy electrons and their polarograph­
ic current is then measured as a function of time in the 
micro- to millisecond range. Simultaneously, the optical 
absorption as a function of time is measured. The “ short 
time polarogram" of a radical is constructed by plotting 
the current at 20 Msec after the pulse vs. the potential of 
the electrode.

These polarograms are characteristic for the various 
types of radicals. Most of the waves are totally irreversible 
since the products of oxidation or reduction of many radi­
cals (such as carbonium or carbanions) rapidly undergo 
reactions with the aqueous solvent before their back reac­
tions at the electrode can occur. At a given potential, a 
radical may be oxidized as well as reduced (as in reactions 
la and lb. where P = product). Radicals are often more

HO
p + OH + I la )

HjO
RH + OH (lb)

apt to undergo oxidation and reduction with comparable 
rates in a certain potential range than stable organic mol­
ecules which have hitherto mainly been investigated by 
conventional polarography. The current observed will, 
therefore, be the result of the superposition of the cathod­
ic and anodic currents ic and ¡a which are determined by 
the respective rate constants k c and k a . If k c >  k a, a net 
cathodic current will be observed; if k c <  k a , an anodic 
current will be recorded.

In certain cases, the anodic wave is well separated from 
the cathodic wave; i .e ., there exists an intermediate po­
tential range where both k a and k c are too small to pro­
duce any measurable current. In other cases, the two 
waves are very close together. It is the purpose of this 
paper to discuss the competition between oxidation and 
reduction according to eq la and lb  and to interpret the 
polarograms of a number o f radicals that have a system of 
delocalized electrons from this point of view. It is impor­
tant to note here that k a and k c or ia and ic have a differ­
ent meaning in this work than usually used in electrochem­
istry. In general, anodic and cathodic currents and their 
respective rate constants are attributed to the back and 
forward reactions of the two substances of a redox couple 
at the electrode. In the present paper, these terms are 
used to characterize two competing irreversible electrode 
reactions of one single species.

II. Theoretical Considerations
1. C o n s tr u c t io n  o f  I r r e v e r s ib le  P o la r o g r a p h ic  W a v es .  

The number of moles of a radical being consumed per unit 
time and per unit area of the electrode is

where c l0,n is the concentration of the radical at the dis­
tance x  = 0 from the electrode. The rate constants k c and 
k a characterize the heterogeneous electrode process and 
are expressed in centimeters per second. The radical is 
supplied to the electrode by diffusion. The consumption of 
the radical by chemical reactions can be neglected, if the 
time of observation is essentially shorter than its first 
half-life time. A boundary condition is obtained by equat-
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ing the rate given by eq 2 to the flux of the radical accord­
ing to Fick’s first law

( k c +  k J c (0J) =  (3)

where D  is the diffusion coefficient of R.
One initial condition is C/x,o> — c° where c° is the bulk 

concentration o f the radical immediately after the pulse. 
Moreover, C(X,t) approaches c° for x  ► co. The solution to 
the problem (where either k c or k a is zero) has in principle 
already been given by Delahay and Strassner4 and by 
Evans and Hush.5 One obtains

diV D m c \
~  exp A2 erfc X (4)

where the dimensionless parameter X is

X ( k c +  k a)jyj~2 -  XC +  Xa 

t being the time of observation after the pulse and 

X _  , t w  ,  _  . t 1/2
''C Kc2)1/2 5 ' 'a  Ka JJi/2

The cathodic component of the current is

d N
d£ n F  A

K  +  k„

(5)

(6 )

where A  is the surface area of the electrode, F  = 9.65 X  

104 C m ol-1 , and n  is the number of electrons transferred 
in an elementary electrode process. The anodic compo­
nent of the current is

d N  
df n F  A K  +  L (7)

The observed current i = ic +  ia is obtained from eq 4, 6, 
and 7, as

X,. X,
^ (A)* 7 + X  "  ^ (X)X T + X (8 )

where F( X )  = ir1/2X exp X2 erfc X. ¿d = {m F A D 1/2c ° )/ (ir 1/2- 
t 1/2) represents a total discharge current (including oxida­
tion plus reduction) under diffusion controlled conditions, 
i.e ., at values of F ( X )  close to unity. The function F (\ )  is 
shown in the upper left part of Figure 1; it has, for exam­
ple, been tabulated by Nürnberg.6 The rate constants k c 
and k a may be expressed as functions of the potential

k c =  k ' e - ^ {nFIRT)l (9)

K  =  k a' e a‘ ,nFIRr,t (1 0 )

where k c ' and k a are preexponential factors and a c and 
aa are transfer coefficients.

Figure 1 shows the construction of the wave for an irre­
versible cathodic process (X = Xc; Xa = 0). X is plotted 
logarithmically vs. the negative potential — t (full straight 
line). For a given value of the potential, X can be read and 
the corresponding value of F ( X) = ¿/td can be formed, i in 
units of ia is plotted on a linear scale vs. the potential 
(dashed line). The logarithmic scale for X was chosen to 
make X = 0.03 coincide with F(0.03) = 0.06 on the cur­
rent scale and also X = 3.0 coincide with F(3.0) = 0.95. 
As can be seen, the polarographic wave deviates little 
from the log X vs. — c plot over the significant range from 
¿/id = 0.06 to 0.95 in this kind of presentation.

Figure 2 shows three polarograms for the cases in which 
the radical can be reduced as well as oxidized. The 
dashed straight lines are plots of Xc and Xa vs. the nega-

Figure 1. T h e  p a ra m e te r  X (s o lid  lin e ) a n d  th e  c a th o d ic  c u r re n t 
/' (d o tte d  lin e ) as  fu n c t io n s  o f th e  n e g a tiv e  p o te n t ia l fo r  a  to ta lly  
ir re v e rs ib le  c a th o d ic  w a v e . U p p e r le ft :  th e  fu n c t io n  F  (X ) vs. X.

1 0 .0
5.0
3.0

1.0 
0.5 
0.3

0,1
0,05

D 0,05
0,1
0,3
0,5
1.0
3.0
5.0

10.0

Figure 2. I r re v e rs ib le  p o la ro g ra p h ic  w a v e s  in th e  c a s e  o f c o m ­
p e tit iv e  o x id a t io n  a n d  re d u c t io n  (s o lid  l in e s ) .  D a s h e d  lin e s : X c 
an d  X a a s  fu n c t io n  o f n e g a tiv e  p o te n t ia l.  C u r le d  lin e s  a  a n d  b: 
th e o re t ic a l w a v e s  fo r  re d u c t io n  a n d  o x id a t io n  if X a o r X c, re ­
s p e c t iv e ly ,  is  z e ro . C a s e  A : no  o v e r la p  o f  c u rv e s  a  a n d  b; c a s e  
B: l i t t le  o v e r la p ; c a s e  C: s tro n g  o v e r la p .

tive potential using the logarithmic scales on the left-hand 
side. In case A, Xc and Xa are quite different at all poten­
tials. Xc can therefore be neglected in the range where Xa 
is large and vice versa. The two waves corresponding to 
reduction and oxidation can be drawn as described by 
Figure 1. The observed current as function of the poten­
tial shows an anodic wave at less negative potentials, an 
intermediate range where the current is practically zero 
since both Xa and Xc are too small, and a cathodic wave at 
more negative potentials. The plateaus of the waves are 
reached when F(Aa) or F ( X C) are close to unity which is 
practically the case for X > 4.

In case B of Figure 2, Aa and Xc are comparable over a 
certain potential range. The curves a and b give the ca­
thodic and anodic waves which would be observed if Xa or 
Xc, respectively, were negligible. These two theoretical 
waves overlap in a certain potential range. To obtain the 
true wave, i has to be calculated at a given value of the 
potential using eq 8. The curve obtained this way (solid 
line) shows an anodic wave immediately followed by a ca­
thodic wave, the steepness of the curve being larger than 
that of the single theoretical waves a and b. If such a 
wave is observed, a-A and a c cannot be derived because of 
this complicated superposition of partial cathodic and an­
odic currents. In case B, the overlap is rather weak; i .e . ,  X 
= Xa + Xc has rather small values (<3.0) in the range 
where the observed polarographic curve has its steep in­
crease. Case C in Figure 2 represents a much stronger 
overlap of the theoretical curves a and b; X now has large 
values along the whole polarographic curve; i .e ., F ( X )  in 
eq 8 is practically equal to unity at all potentials. The re­
sulting polarographic curve again shows an anodic and
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0 02 02 06 0 0.2 02 0.6 06 1.0 12 H 16 0 02 02 06 0B 10 12 1.2 16 0 02 02 06

Figure 3 . P o la ro g ra m s  2 0  n s e c  a f te r  th e  p u ls e  o f v a r io u s  ra d i­
c a ls . S ig n a ls  b e lo w  th e  h o r iz o n ta l l in e  c o r re s p o n d  to  o x id a tio n , 
s ig n a ls  a b o v e  th e  lin e  to  re d u c t io n . T h e  c o m p o u n d s  fro m  w h ic h  
th e  ra d ic a ls  w e re  fo rm e d  b y  O H  a tta c k  a re  a ls o  g iv e n  to g e th e r  
w ith  th e  s u p p o r t in g  e le c t ro ly te .  T h e  n u m b e rs  a t th e  c u rv e s  g iv e  
th e  p H .

passes through zero current. Immediately after the pulse 
when the surface concentration of adsorbed radicals is 
practically zero, a small negative current signal due to the 
ratio k a / k c  being slightly larger than 1 will be observed. 
We may now assume that the radical in its adsorption 
state has a ratio k a / k c  slightly lower than unity. Since the 
surface concentration of the radical increases, the prefer­
ential reduction of the adsorbed radical will become more 
significant at longer times. The initially weak negative 
current signal will therefore rapidly decrease and switch 
to a small positive signal which at longer times will decay 
toward zero. This switch from a negative tc a positive cur­
rent signal at the foot of a polarographic wave is not ex­
pected in case A of Figure 2, since the waves are too much 
separated and also not in case C of Figure 2 since no sig­
nificant accumulation of radicals on the surface can occur 
here as pointed out above. We finally conclude that a 
switch from an initially positive current signal to a nega­
tive signal would occur if the ratio k a / k c  is slightly lower 
than unity for the mobile radical and slightly above unity 
for the adsorbed radical at a potential little more negative 
than the potential at which the polarographic curve passes 
through zero current.

III. Results and Discussion
immediately following this a cathodic part and the steep­
ness of the curve is even larger than in case B.

2. A d s o r p t io n  E f fe c t s .  It was pointed out earlier that 
the current vs. time curves of radicals may show severe 
distortions if they are measured at the foot of polaro­
graphic waves, i .e ., at potentials where the rate constant 
is low.7-8 These distortions were attributed to the adsorp­
tion of radicals at the mercury electrode. If the transfer 
reaction is very slow, the whole electrode process may be 
described to occur in two more or less separated steps

At first, the adsorption equilibrium at the electrode is es­
tablished by diffusion of mobile radicals R to the elec­
trode surface and the adsorbed radicals Ra are subse­
quently reduced or oxidized to give products P. The cur­
rent vs. time curve rises after the pulse and slowly goes to 
zero after having passed through a maximum value under 
these conditions. The maximum is shifted to longer times 
with decreasing rate constant of the transfer reaction.8

Effects of this kind may be expected in case A of Figure 
2 at the feet of the two separated waves. Similarly, they 
may occur in case B at potentials close to the potential 
where the polarographic curve passes through zero cur­
rent. However, adsorption effects should not be observable 
in case C, since the sum of the rates of oxidation and re­
duction is always so high here that the lifetime of an ad­
sorbed radical is shorter :han the response time of our ap­
paratus.

It has as yet been tacitly assumed that the ratio of the 
rate constants k a and k c  has a fixed value at a given po­
tential independent of time. This ratio could, however, 
depend on time, if radicals already adsorbed at the elec­
trode are easier oxidized or reduced than mobile radicals 
in the vicinity of the electrode and if the relative concen­
trations of adsorbed and mobile radicals experience tem­
porary changes. Such changes may occur through the es­
tablishment of the adsorption equilibrium of a radical. 
Let us, for example, regard case B in Figure 2 and discuss 
the current vs. time curve at a potential slightly less neg­
ative than the potential at which the polarographic curve

1. P r o d u c t io n  o f  R a d ica ls . The details of the method of 
pulse radiolytic polarography have already been de­
scribed.1-3 In the present investigation, N 2 O saturated so­
lutions were used in which the hydrated electron from the 
radiolysis of water is converted into the OH radical

NX) + eaq“ N, + OH“ + OH
The OH radicals attack the dissolved aromatic compound 
(10_ 3 to 10” 2 M ) within less than 1 ¿¿sec to yield the or­
ganic radical to be investigated. The initial radical con­
centration was around 10” 6 M . No significant changes in 
pH by either irradiation or subsequent electrochemical 
reactions could therefore be expected. OH generally is be­
lieved to add to the aromatic ring to form a hydroxy- 
cyclohexadienyl radical.9 In strongly alkaline solutions, 
OH is present in its base form O ” (pK  = 11.9).10 O ” has 
less tendency to add to the aromatic ring but preferential­
ly abstracts a hydrogen atom from a side group. NaF or 
Na2 SOi were used as supporting electrolytes at concentra­
tions of 0.70 and 0.35 M, respectively.

2. O H  A d d it io n  P r o d u c ts  o f  B e n z e n e , T o lu e n e , B e n z y l  
A lc o h o l  a n d  B e n z o ic  A c id . The polarogram of the product 
of the OH addition to benzene has already been de­
scribed12 and is shown again in Figure 3a. It has the typi­
cal form resulting from the overlap of oxidation and re­
duction as described by Figure 2B and C. In the earlier 
investigation with lower time resolution, no pH depen­
dence of the wave could be observed.2 However, the slight 
shift toward more negative potentials with increasing pH 
could be detected now. The limiting current value for the 
reduction wave is higher than that of the oxidation wave. 
This effect is mainly due to changes in the differential ca­
pacity of the double layer with potential which will be 
dealt with in a later publication.

The OH addition products of a number of substituted 
benzenes have polarograms which resemble that of the 
hydroxycyclohexadienyl radical itself as can be recog­
nized from Figure 3b-d. The curves are slightly shifted on 
the potential scale and depend also a little on the pH of 
the solutions. Only in the cases of toluene and benzyl al­
cohol are the polarograms completely different in strongly
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alkaline solutions, since they consist here of two separated 
waves corresponding to case A ir Figure 2. In both cases, 
the radicals that are formed in strongly alkaline solutions 
are different from those produced in neutral or acid solu­
tions. Reaction of O -  with toluene yields mainly the ben­
zyl radical CeHsCF^- and attack on benzyl alcohol yields 
mainlv the benzvl alcohol radical C6 H 5 CHOH or its anion 
CeHsÇHO - . 1 1

A comparison of these polarograms with those of ali­
phatic /3-hydroxy radicals2  in neutral solution shows that 
the reduction of hvdroxycyclohexadienyl radicals already 
occurs at lower negative potentials. While the cathodic 
waves of aliphatic /3-alcohol radicals are strongly shifted 
toward less negative potentials with increasing H+ con­
centration, the effect of protons is not very pronounced in 
the case of hydroxycyclohexadienyl radicals. One could 
suppose that this effect is due to the fact that the un­
paired electron in the hydroxycyclohexadienyl radicals is 
part of a system of delocalized ir electrons. However, this 
fact cannot be the reason since the benzyl radical shows a 
completely different behavior (Figure 3b). Its polarogram 
is quite similar to that of an aliphatic carbon radical.

The addition products of OH to aromatic compounds 
thus show an unexpected behavior which may be related 
to another unusual property of hydroxycyclohexadienyl 
radicals which has recently been described by Schulte- 
Frohlinde and his coworkers . 1 2 1 3  They proposed that the 
OH radical does not add to the aromatic ring at a specific 
position, but rather forms a complex. Complexes are in­
termediates in the reactions of halide atoms with organic 
compounds . 1 4  The specificity of position of OH in the end 
product is determined in the final oxidation of the OH ad­
dition product. Nakken, e t  a l .  have expressed similar 
views . 1 5  As has recently been pointed out by Simic and 
Hoffman, neither pulse- nor steady-state radiolysis studies 
have yet clarified that suggestion . 1 6  Regardless of the 
question of the structure of hydroxycyclohexadienyl radi­
cals, we postulate the elimination of OH-  in the cathodic 
process. This elimination should strongly be favored by 
the restoration of the aromatic system.

The disproportionation of radicals is generally formulat­
ed as an H atom transfer process. It could, however, occur 
via  the transfer of an electron ir. certain cases. One might 
suppose that disproportionation v ia  electron transfer re­
quires high rate constants of both oxidation and reduction 
of a radical at a certain potential, i .e ., a polarogram as in 
Figure 20. Disproportionation of the hydroxycyclohexadi­
enyl radical v ia  electron transfer according to

•C6H6OH + -CbH6OH — » CeHeOH1 + C6HeOH"

i l
C6H5OH + H+ C6H6 + OH

would yield equal amounts of phenol and benzene. On the 
other hand, phenol plus hydroxycyclohexadiene would be 
formed in the disproportionation v ia  H-atom transfer. The 
yields of the various products formed in the irradiation of 
N 2 O saturated aqueous benzene solution have not yet 
been determined with sufficient accuracy to al.ow one to 
draw a definite conclusion about the mechanism of dis­
proportionation. Our polarographic findings may perhaps 
act as a stimulus for work in this direction.

3. O H  A d d it io n  P r o d u c ts  o f  P h e n o l, C reso l, P y r id in e , 
an d  A n is o le . The polarograms of these addition products 
are shown in Figure 3e-h. The OH addition to phenol and 
to the cresols is rapidly followed by the loss of water to

form phenoxy radicals in the presence of H+ or OH- 
ions . 1 7  Experiments were therefore carried out only with 
neutral solutions, in which the OH addition products are 
known to be long-lived with respect to the loss of water. 
The polarographic behavior of phenoxy radicals will be 
described in a subsequent paper. All the polarograms of 
Figure 3e-h show significant deviations from those of Fig­
ure 3a-d described above. These deviations may now be 
discussed with respect to the nature of the substituents.

The polarogram of the OH-phenol addition product in 
Figure 3f again contains an anodic wave immediately fol­
lowed by a cathodic wave. The curve is, however, shifted 
by about 0.4 V toward more negative potentials with re­
spect to the curve for benzene which indicates that the 
OH addition product to phenol has a stronger tendency to 
be oxidized. We explain this tendency by the existence of 
mesomeric structures of the radical in which the phenolic 
^C-OH group has some a-alcohol radical character.

OH OH

H
a-alcohol radicals are known to have anodic waves extend­
ing to rather high negative potentials . 1 - 2 - 7

The polarographic waves of the various OH-cresol addi­
tion products (Figure 3g) are also shifted to more negative 
potentials. This effect is most pronounced for m-cresol. 
The curves for p- and o-cresol are less steep than that for 
the meta iscmer. A slight bend toward the horizontal di­
rection at the foot of the anodic part of the curve can even 
be observed in the case of p-cresol. These effects indicate 
that the product of OH addition to the meta isomer is 
most readily oxidized. We explain this fact again by the 
existence of mesomeric a-alcohol radical structures in ei­
ther the OH addition complex or in the mixture of OH- 
addition isomers. One can easily recognize that whereas in 
the case of m-cresol three mesomeric structures of this 
kind are possible only two such structures can be written 
for p- and o-cresol. The use of mesomeric structures for 
our understanding of the polarograms may be regarded as 
being in contradiction to the postulate of an OH-aromatic 
complex 1 2 - 1 5  (see part III. 2).

The product of the attack of OH on pyridine shows a 
polarographic curve which is similar to that of the OH-ben- 
zene product if measured in alkaline solutions. Reduction 
is, however, strongly favored in neutral solution and even 
possible at 0 V vs. see as can be recognized from Figure 
3e. Cercek and Ebert1 8  have shown that OH adds to pyri­
dine, probaoly mainly to a carbon atom. They also dis­
cussed an addition to the nitrogen atom. The fast reduc­
tion at the mercury electrode may be explained either by 
the existence of th e ^ N -O H  addition products to the N 
atom or by the existence of a mesomeric structure >N - of 
a nitrogen radical in the OH addition product to a C 
atom.

The OH addition products of anisole have two sepa­
rated polarographic waves of oxidation and reduction 
(Figure 3h) corresponding to case A in Figure 2. The an­
odic wave lies in the potential range where the hydroxycy­
clohexadienyl radical (Figure 3a) is oxidized, while the 
cathodic wave is shifted towards more negative potentials. 
The structure > C -0 -C H 3  of an ether radical exists in the 
various mesomeric forms of the OH addition products of
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Figure 4. P o la ro g ra p h ic  c u r re n t  v s .  t im e  c u rv e s  a t  d i f fe r e n t  p o ­
te n t ia ls  c fo r  th e  O H  a d d it io n  p ro d u c ts  to  b e n z e n e  a n d  to b e n z y l  
a lc o h o l a t  p H  6 .6 .  L o w e r  o s c il lo g ra m s : o p t ic a l a b s o rp t io n  a s  a  
fu n c t io n  o f t im e . S u p p o r t in g  e le c t ro ly te :  N a 2S 0 4 .

anisóle; since radicals of this type are less rapidly reduced 
than carbon radicals,2 the observed effect may be ex­
plained by the existence of such a structure. However, at 
present, we cannot exclude possible complications arising 
from the oxidation-reduction behavior of the radical that 
may be formed by the reaction of -OH radicals with the 
methyl group in the side.

4. C u r r e n t  us. T im e  C u rv es . Figure 4 shows current us. 
time curves at various potentials for the products of OH 
attack on benzene and on benzyl alcohol at pH 6.6. On 
the left-hand side of each oscillogram, the zero current 
line before triggering of the pulse can be recognized. 
About 15 n s e c  after the pulse, the current signal can be 
read. The current signal decays afterward because of the 
formation of a diffusion layer before the electrode surface 
by electrochemical consumption of the radical and by the 
disappearance of radicals by mutual reaction. The change 
in radical concentration in the bulk of solution after the 
pulse can be recognized from the oscillograms at the lower 
ends of the two rows in Figure 4 where the optical absorp­
tion is recorded as a function of time. Cathodic currents 
produce positive signals; anodic currents produce negative 
signals.

In the case of benzene, either reduction (at more nega­
tive potentials) or oxidation (at more positive potentials) 
can be observed without any effects that indicate adsorp­
tion of radicals at the mercury electrode. This result is ex­
pected for case C in Figure 2. It is concluded that both 
rate constants k a and k c are rather large over the whole 
potential range of the polarographic wave. In the case of 
benzyl alcohol, however, a switch from an initially nega­

tive signal to a positive signal which finally decays can be 
seen at potentials between about —225 to —175 mV, i .e ., 
close to the potential where the polarographic wave passes 
through zero current. As mentioned in section II.2, such 
a switch may be observed in case B of Figure 2 if the ratio 
k a/ kc is different for adsorbed and mobile radicals. Such a 
switch from oxidation to reduction has been observed in 
the polarographic current-time curves of a large number 
of radicals in which the anodic and cathodic waves lie 
close together. The reverse effect, i .e ., the switch from an 
initial positive to a final negative signal has, however, not 
yet been found. It seems therefore that a radical is in gen­
eral a little easier reduced in the adsorbed state (or close 
to the electrode) than in the free state (or farther away 
from the electrode). Finally, it seems that the effect of 
changing the sign of the signal occurs more distinctly in 
solutions containing NaF as supporting electrolyte than in 
the case of Na2 S 0 4 .

It may finally be argued that the protons which are ini­
tially formed in the oxidation of the radical can subse­
quently facilitate the reduction and thus cause the switch 
in the current signal. In this case, the signal should oscil­
late around the zero line which was not observed. Fur­
thermore, the switch in the signal should disappear in the 
case of buffered solution. Experiments with benzyl alcohol 
solutions containing 10-2 M  phosphate buffer at pH 6.8 
led to the same results as with the unbuffered solutions 
used in the experiments of Figure 4.

References and Notes
(1) J. Lilie, G. Beck, and A. Henglein, Ber. Bunser.ges. Phys. Chem., 

75, 458 (1971).
(2) M. Grätzel, A. Henglein, J. Lille, and M. Scheffler, Ber. Bunsenges. 

Phys. Chem., 76,67 (1972).
(3) M. Grätzel and A. Henglein, Ber. Bunsenges. Phys. Chem.. 77, 2 

(1973).
(4) P. Delahay and J. E. Strassner, J. Amer. Chem. Soc.. 73. 5219 

(1951): P. Delahay, "New Instrumental Methods in Electrochemis- 
try ," Interscience, New York, N. Y., 1954, p 76.

(5) M. G. Evans and N. S. Hush, J. Chim. Phys., 49, C 159 (1952).
(6) Nürnberg, “ Studien mit modernen polarographischen Techniken 

Report Jül-475-CA, Kernforschungsanlage Jülich 1967, pp 66, 392.
(7) M. Grätzel, K. M. Bansal, and A. Henglein, Ber. Bunsenges. Phys. 

Chem.. 77,11 (1973).
(8) A. Henglein and M. Gratzel, Ber. Bunsenges. Phys. Chem.. 77, 17 

(1973).
(9) P. Neta and L. M. Dorfman, Advan. Chem. Ser., No. 81, 222

(1968).
(10) J. Rabani and M. S. Matheson, J. Amer. Chem. Soc., 86, 3175 

(1964).
(11) P. Neta, M. Z. Hoffman, and M. Simic, J. Phys. Chem., 76, 847 

(1972).
(12) O. Volkert and D. Schulte-Frohlinde, Tetrahedron Lett., No. 17, 

2151 (1968).
(13) K. Eiben, D. Schulte-Frohlinde, C. Suarez, and H. Zorn, Int. J. Ra­

dial. Phys. Chem.. 3 .40 (1971).
(14) R. E. Bühler, Helv. Chim. Acta. 51,1558 (1968).
(15) K. F. Nakken, T. Brustad, and A. K. Hansen, Advan. Chem. Ser., 

No. 81,251 (1968).
(16) M. Simic and M. Z. Hoffman, J. Phys. Chem.. 76, 1398 (1972).
(17) G. E. Adams, E. J. Land, and B. D. Michael, Nature (London), 211, 

293 (1966): G. E. Adams and B. D. Michael. Trans. Faraday Soc., 
63..1171 (1967).

(18) B. Cercek and M. Ebert, Trans. Faraday Soc.. 63, '687  (1967).

T h e  J o u r n a l  o f  P h y s i c a l  C h e m is t r y ,  V o l .  7 8 . N o .  2. 1 9 7 4



A c t iv ity  C o e f f ic ie n ts  o f C 6 H 6  a n d  C 6H 2 in A q u e o u s  N aC I S o lu tio n s 165

E x p e r i m e n t a l  D e t e r m i n a t i o n  a n d  S c a l e d  P a r t i c l e  T h e o r y  C a l c u l a t i o n  o f  t h e  A c t i v i t y  

C o e f f i c i e n t s  o f  B e n z e n e  a n d  C y c l o h e x a n e  i n  A q u e o u s  S o d i u m  C h l o r i d e  S o l u t i o n s 1

Yuh-Loo Tien Chang, Martha Y. Schrier, and Eugene E. Schrier*

Department of Chemistry, State University of New York at Binghamton, Binghamton, New York 13901 (Received June 11, 1973) 
Publication costs assisted by the U.S. Public Health Service

The ratio of the solubility of the nonelectrolyte in sodium chloride solution (ws) to its solubility in water 
(w) has been measured over a wide range of sodium chloride molalities for the nonelectrolytes, cyclohex­
ane and benzene. The technique of gas-liquid chromatography was utilized in the analysis. The activity 
coefficient ratios ( y v,s/ y'K) obtained for each nonelectrolyte from the solubility ratios were correlated 
with salt molality using an equation of the form, log ( y w s / y w ) = A m s +  B m s3 2. The value of A  obtained 
for benzene compared favorably with that from previous work. The scaled particle theory has been em­
ployed to calculate the limiting interaction parameter. A , for both benzene and cyclohexane using re­
cently derived values of the Lennard-Jones parameters and molecular diameters for these molecules. The 
agreement between experimental and calculated values was poor. Use of Lennard-Jones well depths cal­
culated from the Mavroyannis-Stephen equation gave values of the limiting interaction parameter in ex­
cellent agreement with experiment.

Introduction
Masterton and Lee2 have showm that the scaled particle 

theory as extended by Shoor and Gubbins3 can be used to 
calculate interaction parameters for salt-nonelectrolyte 
interactions in aqueous solutions. Calculations were per­
formed on a variety of nonpolar substances including the 
rare gases and various simple hydrocarbons for which ex­
perimental data were available in the literature. Notable 
in this otherwise successful application of the theory were 
the large discrepancies between the observed and calcu­
lated limiting interaction parameters for benzene with 
various electrolytes. It was concluded that either the theo­
ry is defective or aromatic molecules provide some anom­
alous feature in aqueous solution.

Cyclohexane is similar to benzene with respect to molar 
volume and polarizability but exhibits differences in con 
formational properties and does not have tt electrons. It 
thus provides an interesting compound with which to fur­
ther test this discrepancy.

Experimental Section
M a te r ia ls . Cyclohexane (Matheson Coleman and Bell) 

was purified by the method of Morgan and Lowry.4 A 
small residual impurity amounting to about 2.5% of the 
material was resolved sufficiently from the cyclohexane 
peak in the glc analysis so that it could be disregarded. 
Benzene and sodium chloride were ACS reagent grade and 
were used without further purification. The sodium chlo­
ride was dried overnight at 140° before use.

S o lu b i l i t y  D e te r m in a t io n s . Saturated solutions of the 
nonelectrolytes in water or the appropriate sodium chlo­
ride solution were prepared by equilibrating the phases in 
250-ml Pyrex aspirator bottles. The outlet near the bot­
tom of these bottles was sealed with a silicone rubber sep­
tum. An aspirator bottle containing the sample of interest 
was immersed in a constant temperature water bath con­
trolled at 25.00 ±  0.05°. A suomersible magnetic stirrer 
was used to stir the sample solution until the aqueous 
phase was saturated with nonelectrolyte. The stirring

speed was kept as slow as possible to prevent formation of 
cyclohexane droplets. A time test indicated that satura­
tion was attained after 24 hr of equilibration.

A n a ly s is  o f  th e  S a m p le s . A Beckman Model GC-4 gas 
chromatograph equipped with flame ionization detector 
was used for the analysis of the samples. In order to facili­
tate the analysis of nonelectrolyte in aqueous salt solu­
tion, the copper sample column was divided into three 
sections: (1) a section of empty column which trapped the 
sodium chloride after the remainder of the sample had 
vaporized, (2) a section containing gelatin and firebrick 
which selectively removed water from the sample.5 and 
(3) a section for partition which was packed with 25% 
(w /w) SE-30 gum rubber on 80/100 Mesh Chromosorb G, 
AW-DMCS.

Samples of the aqueous solution saturated with non­
electrolyte were obtained by removing the aspirator bottle 
from the water bath and inserting the needle of a gas- 
tight Hamilton 10-fd syringe through the rubber septum 
into the aqueous phase. This sampling procedure was 
done at a point in the room where the ambient tempera­
ture was 25°. Five samples of water saturated with non- 
electrolyte were withdrawn from the appropriate aspirator 
bottle and injected sequentially into the gas chromato­
graph. Next, five samples of NaCI solution saturated with 
nonelectrolyte were injected onto the column. Finally, an­
other five samples of the nonelectrolyte saturated water 
were injected. This procedure allowed for compensation of 
any drift of the instrument during the time of analysis.

The area under each peak was integrated using a disk 
chart integrator and average peak areas were calculated 
for each group of five injections. The average standard de­
viation of the mean for a series of five nonelectrolyte 
peaks was 2.5%.

Results
In the development of the experimental method, it was 

assumed that the ratio of the peak heights for a nonelec­
trolyte in water (w) and in salt solution (ws) was equal to
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TABLE I: Coefficients for Representation of Log 7 "  V 7 *  by Eq 2
C o e f f ic ie n t

N o n e le c t r o ly t e  A ,  k g /m o l  B ,  ( k g /m o l ) 3 / "
%  s ta n d a r d  

d e v ia t io n  o f  fit

Benzene 0.1999 ±  0.0096 -0 .0 1 4 3  ±  0.0074 2.2
Cyclohexane 0.2713 ±  0.0064 -0 .0 1 6 0  ±  0.0044 5.4

0 .3 5 0  1-  

0 .3 0 0  -  

0 .2 5 0  -  

0.200 - 

0  .150 -  

0.100 -  

0  0 5 0  -  

0.000 -
0.0

_l______ I_______ I______ I
0  5 1.0 1.5 Z 0

SALT MOLALITY

F igure  1. The lo ga rithm s  of the ac tiv ity  co e ffic ie n t ra tios  for 
benzene p lo tted  as a fun c tion  o f NaCI m o la lity . m s, a t 25°: O, 
th is  w o rk ; □ , da ta  fro m  re f 5. The line shown w as ca lcu la te d  
fro m  eq 2 using the  c o e ffic ie n ts  g iven In Table I.

the ratio of the solubilities of the nonelectrolyte in the 
same solution. The ratio of the activity coefficients of the 
nonelectrolyte could then be determined by the relation­
ship

m w/ m KS =  7 *7 7 " ' (1)

where mw and mws are the molalities of nonelectrolyte in 
the respective saturated aqueous solutions and the symbol 
7  denotes activity coefficients on the molality scale.

The measurements made on benzene-sodium chloride- 
water were carried out with a view toward testing the ex­
perimental procedure since good data obtained using a 
different analytical procedure were available in the litera­
ture . 6  The experimental results are shown7  in Figure 1 
along with the results of McDevit and Long recalculated 
so as to express their salt concentrations in terms of mol­
ality. The agreement between the two sets of data is very 
good with the maximum deviation between the results 
being 4.5% at 1.94 m  NaCI.

The present data were also fit to an equation of the 
form 8  using a least-squares routine (eq 2). The line shown

log (7 "7 7 ") = A m a +  B m a 2 (2 )

in Figure 1 has been calculated in conformance to this 
equation. The parameters A  and B,  their standard devia­
tions, and the per cent standard deviation of the fit are 
given in Table I.

Figure 2 shows similar results for the cyclohexane-sodi­
um chloride-water system. These data were also fit to eq 
2 with the line shown in Figure 2 the result of that fitting 
process. The parameter A  and B  and the associated 
uncertainties are also given in Table I.

F igure 2. The lo g a rith m s  o f the a c tiv ity  co e ffic ie n t ra tes  fo r c y ­
c lohe xane  p lo tted  as a fu n c tio n  o f NaCI m o la lity , m, a t 25°. The 
size of the  po in ts  Ind ica tes  the range o f the  exp e rim e n ta l va lues 
a t a g iven sa lt m o la lity . The line show n w as ca lcu la te d  fro m  eq 
2 using the  co e ffic ie n ts  g iven In Table  I.

TABLE II: Comparison of Calculated and 
Experimental Values of the Limiting Interaction 
Parameter, A ,  for Benzene and Cyclohexane in 
Sodium Chloride Solutions

a  (n o n ­
e le c t r o ly te )

N  o n e le c t r o ly  te X  10 s cm e/k S ca led ^ e x p t l

Benzene 5.26" 531« 0 . 1 0 2 0 . 2 0 0

5.26" 2146 0.205 0 . 2 0 0

Cyclohexane 5.63" 573« 0 . 1 0 1 0.271
5.63» 183* 0.245 0.271

a R e fe r e n c e  1 3 . b C a lc u la te d  fr o m  e q  3 ; se e  te x t .

Discussion
Theoretical calculation of the limiting interaction pa­

rameter, A  in eq 2, is readily accomplished using the ex­
tended scaled particle formulation . 2 - 3  We have used eq
11. 19, and 32 in the paper of Mastertor. and Lee2  for 
these calculations. The polarizabilities for Na~. C l- , and 1  

benzene are those employed by Masterton and Lee. The 
polarizability for cyclohexane was calculated from the 
bond refractions for the C -H  and C-C bonds given in the 
compilation of Price . 9  The diameters for sodium ion and 
chloride ion were those derived by Waddington 1 0  in accor­
dance with the recent findings of Masterton, Bolacofsky, 
and Lee 1 1  regarding the best set of ionic diameters to be 
used in calculations involving the scaled particle theory. 
The hard sphere diameter for water is taker. 2  to be 2.75 X  

10- 8  cm. The depth of the potential well, t/ k , for each of 
the ions was given by the Mavroyannis-Stephen equa­
tion 2 - 1 2

t  . 2 -  1/2 
i  =  2.28 X 1(TP -  (3)R a  ¡b
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where « , is the polarizability of :he ion. Zj is the total 
number of electrons in the ion. and cn is its diame'er. The 
value of the apparent molal volume of sodium chloride at 
infinite dilution, 0V°, is taken as 16.32 ml/mol.

The choice of the molecular parameters, a  and t / k  for 
benzene and cyclohexane, is particularly important in the 
situation under consideration. Wilhelm and Battino13 
(WB) recently calculated the Lennard-Jones parameters 
for a number of different solvents from gas solubility data 
using the scaled particle theory to calculate the work of 
cavity formation. Their values of a, the hard-sphere diam­
eter, and t / k  for benzene and cyclohexane are in good 
agreement with the same parameters calculated previous­
ly from liquid-state properties. The agreement is not as 
good with parameters calculated from transport properties 
of the gas-phase molecules. The values of a tend to be 
smaller in the WB calculation and the values of t / k  are 
larger than those derived from gas-phase properties of 
these molecules. In any case, it seemed to us that the pa­
rameters derived from interactions in the liquid phase 
would be better suited for use in further calculations in­
volving species in solution. We have, therefore, adopted 
the WB values. In addition to these values of a  and t / k ,  

an alternative value of t / k  was made available by using 
the WB value of n for each nonelectrolyte in conjunction 
with eq 3 as suggested previously.2

The results of the calculation are given in Table II. 
Equation 9 of the paper by Masterton, e t  a /.,11 has been 
used to bring the calculated values of the limiting interac­
tion parameter into the molality scale. The experimental 
limiting interaction parameters are not in agreement with 
those calculated on the basis of the WB values of a and 
t/ k .  Indeed, no set of Lennard-Jones parameters obtained 
from the literature gave calculated results in agreement 
with experiment for both nonelectrolytes. On the other 
hand, the limiting interaction parameters calculated using 
t / k  derived from eq 3 are in excellent agreement with the 
experimental values. It is noteworthy that the values of 
t / k  derived from eq 3 for the nonelectrolytes are very 
much smaller than those obtained from the literature.

Clearly, the anomaly in the scaled particle theory repre­
sentation of ion-nonelectrolyte interactions in aqueous so­
lution is not restricted to aromatic nonelectrolytes as had 
been suggested previously.11 This problem most likely 
arises from one of two causes. First, the assumption of a 
spherical symmetry in the theoretical treatment may 
break down for these disk-shaped molecules.14 Indeed, the 
assumption of a random distribution of water and ions
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around even a spherical nonelectrolyte could stand refine­
ment. Second, the effective ion-nonelectrolyte interaction 
potential may be smaller than that given by the geometric 
mean of t/k  values for the ion and the nonelectrolyte be­
cause of the considerable disparity in size between the two 
particles. More work, both experimental and theoretical, 
is required to distinguish the precise cause of this inter­
esting discrepancy. In addition, the utility of the Mavrov- 
annis-Stephen equation in the prediction of molecular 
properties in condensed phases is worthy of further inves­
tigation.

If we take into account the increase of the apparent 
molal volume of the salt, 0V, with increasing salt concen­
tration, it is also possible to estimate a value for the B 
coefficient of eq 2 from the theoretical treatment.15 The 
calculation can be carried out by using values of <j>v calcu­
lated from the equation,16 </>v = 16.62 +  1.868c1 2 + 
0.02cs, at various salt concentrations in the equations of 
Masterton and Lee.2 After bringing the resulting data 
onto the molal scale,11 calculated values of log (yws/7 w) / 
m  s were plotted as a function of the square root of the salt 
molality. The slope of this plot is equal to B. The calcu­
lated values of B, —0.025 (kg/m ol)3 2 for cyclohexane and 
-0.021 (kg/m ol)3 2 for benzene, compare favorably with 
the experimental values given in Table I of —0.016 ±  
0.004 (kg/m ol)3 2 for cyclohexane and —0.014 ±  0.007 
(kg/m ol)3 2 for benzene. Since </>v comes into the scaled 
particle equations in several places, the ability of the 
theory to account for a coefficient such as B which is im­
portant only at finite salt molalities is pleasing.
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P u b l ic a t io n  c o s ts  a s s is te d  b y  th e  A i r  F o r c e  O f f ic e  o f  S c ie n t i f ic  R e s e a r c h

Heteroconjugates of 1,2-dihydroxybenzene (pyrocatechol), phenol, 1,2-dihydroxyethane (ethylene glycol), 
and ethanol with perchlorate anion in nitrobenzene solution have been investigated by nmr spectroscopy. 
The computed formation constants (at 37°) of the 1:1 complexes are pyrocatechol, 20.6; phenol, 4.40; 
ethylene glycol, 3.04; and ethanol, 0.36 A f -1. Self-association (dimerization) constants fcr glycol and eth­
anol under these conditions were found to be 0.80 and 0.11 Af_1, respectively. It is proposed that the rel­
atively high differences in stability between complexes of mono- and dihydroxy derivatives are due to 
chelate type hydrogen bonding in the latter complexes. Differences between the stabilities of the com ­
plexes of aromatic and aliphatic derivatives have not been previously observed with halide complexes.

Introduction
We have recently measured the formation constants of 

heteroconjugates of pyrocatechol with some inorganic an­
ions in nitromethane solution, and suggested the probabil­
ity of chelate hydrogen bond formation.2 In connection 
with our interests in the interactions of organic molecules 
with heteropoly and isopoly oxocomplexes. we report here 
the formation constants of complexes of perchlorate anion 
with some mono- and dihvdroxy compounds. These data 
show the importance of chelation in the stabilization of 
such complexes.

Experimental Section
Nitrobenzene proved to be a more effective and general 

solvent than the nitromethane used previously;2 the Baker 
Analyzed reagent was dried over Molecular Sieve Type 5A 
and filtered before use. Absolute ethanol (<0.2%  water), 
ethylene glycol (<0.1% water), and phenol (<0.5% water) 
were commercial products and were used without further 
purification. Pyrocatechol and tetra-n-butylammonium 
perchlorate (J. T. Baker) were dried in a vacuum desicca­
tor over silica gel before use. The nmr measurements were 
made as described previously.2 Formation constants were 
evaluated using a Hewlett-Packard programmable calcu­
lator.

Results
The chemical shift of the phenolic protons of pure pyro­

catechol in nitrobenzene was found to be independent of 
concentration within the range 30-250 mAi. The chemical 
shift of the phenolic proton in pure phenol solutions in­
creased by some hundredths of a part per million if the 
concentrations were over 0.1 M . Assuming that only the 
first step of polymerization, dimerization, takes place

2HB - - (HBL

the computed dimerization constant

Kn = [H,B2]/[HB]j (1)

has a value of 0.1 ±  0.06 A f-1 . Since this formation con­
stant is much smaller than that of the perchlorate-phenol 
heteroconjugate, it was neglected, and the stability con­

stants for pyrocatechol- and phenol-perchlorate com­
plexes could be computed from eq 2-5 of the previous 
paper2 (or from simplified versions of eq 4-7 of this 
paper).

On the other hand, dimerization (as the first step of po­
lymerization in relatively dilute solutions) of ethylene gly­
col and ethanol are almost as important as the formation 
of their perchlorate complexes, even in nitrobenzene.

The dimerization of ethylene glycol was studied in
6-130 mAi, and that of ethanol in 50-300 mAi solutions. 
The equilibrium constants were computed from the fol­
lowing equations

C*(H„B) =  [H„B] +  2A d[H,.BP (2)

(<5(M) -  <5(H„B))C*(H„B) =  2(ô(H,„B,) -
<5(H„B;)tfD[H„Bl- (3)

where n is the number of hydroxy groups (ethanol: n = 1; 
glycol: n =  2); C*(HnB) is the analytical concentration in 
solutions containing no acceptor ion; ii(M) is the mea­
sured chemical shift; <5(HnB) and (i(H2,,B2) are the (con­
stant) chemical shifts of monomeric and dimeric species.

Values of C*(HnB) and 5(M) for several solutions were 
used to determine jK o  (and incidentally ii(HnB), 5(H2,jB2), 
and [HB]) from eq 2 and 3 by a routine iterative proce­
dure. The following values (in nitrobenzene, at 37 ±  1°) 
were found: ethylene glycol, K o  = 0.80 ±  0.11 A4-1 ; etha­
nol, K o  = 0.11 ±  0.02 M - h

The formation of the perchlorate complexes was studied 
using the above concentration ranges for the H donors. 
Molar ratios [anion]/[donor] were varied from 0.2 to 2.5.

The heteroconjugation constant

K c =  [ AH„ B- ] / [A - ] [H„ B_ ] (4)

was computed from the analytical concentrations of the H 
donor (C(H „B)) and perchlorate (C (A - )), and the mea­
sured relative chemical shifts (A(M ))

C(H„B) =  [H„B] +  A/-[H „B][A“ ] +  2A D[H„B]2 (5)

C(A~) =  [A - ] +  AV[H„B][A- ] (6)

A(M)C(H„B) =  A (A H „B ")A r [H„B][A“ ] +
2A(H2„B2)iCD[H „B ]2 (7)
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TABLE I: F orm ation  C onstants o f  H eterocon jugates 
o f  Perchlorate A n ion  w ith  Som e Organic H ydroxy 
Derivatives in  N itrobenzene at 37°

C o m p o u n d K c ,  A f  _1

Pyrocatechol (1,2-dihydroxybenzene) 
Phenol (1-hydroxybenzene)
Glycol (1,2-dihydroxyethane) 
Ethanol ( 1 -hydroxyethane)

2 0 .6  ±  1 .2  
4.40 ±  0.32 
3.04 ±  0.56 
0.36 ±  0.08

where
A(M) =  5(M) -  <5(H„B) (8)

A (AH „B_ ) =  <5(AH„B ) — o(H„B) (9)

A (H 2„B2) =  <5(H2„B2) -  5(H„B) (10)

The values of K d , 5(HnB), and ¿(H 2 hB2 > were known 
from the preliminary measurements (eq 1-3), so these 
equations could be solved by a rather simple iterative pro­
cedure. The final results are presented in Table I.

The formation of 1:2 complexes of perchlorate with phe­
nol or ethanol is considered to be very small for the fol­
lowing reasons. The increase in relative chemical shift 
caused by 1 : 2  complex formation is

A = 2|<5(AH2B2- ) -  <5(HB)i/?12[A_][HB]2/C(HB) (11)

where /S1 2  = [AH 2 B 2 _ ] /[A “ ][HB]2. If the reasonable as­
sumptions are made that ( 8 1 2  > 2 K c  and that ¿(AH 2 B 2 - ) 
= 5(AHB ), the magnitude of A (eq 11) is large enough 
to be detected by our measurements. Since there was no 
anomalous chemical shift, i .e ., over and above that re­
quired by eq 7, we can safely conclude that the pyrocate- 
chol-perchlorate complex is much more stable than 
(Ph 0 H)2 C 1 0 4 ~; and that ethylene glycol-perchlorate is 
more stable than (EtOHhClO,! .

Discussion
In the previous paper , 2  based on our data and those of 

Green, e t  a l . ,3 the pyrocatechol complexes were presumed 
to be chelate type, twin hydrogen bonded species. The 
rather high differences between the stabilities of mono-

and dihydroxy complexes (phenol-pyrocatechol, ethanol- 
glycol), shown by the present work, point to the same 
conclusion.

The results show another phenomenon: the stabilities of 
the perchlorate complexes seem to be markedly influenced 
by the aromatic or aliphatic character of the H-donor 
molecules. The stability constants of pyrocatechol and 
phenol complexes are about ten times higher than those of 
glycol and ethanol, respectively. This behavior contrasts 
with that reported for complexes of halide ions. The for­
mation constants of complexes of bromide ion with alco­
hols and 4-methylphenol3  are of similar magnitudes; in­
deed the bromide-methanol heteroconjugate ( K  = 70 ±  
18 M -1 ) is about twice as stable as that of 4-methylphe­
nol ( K  =  32 ± 8 M ~ 1).

There are very few data concerning heteroconjugates of 
oxyanions in nonaqueous solution so that at this point we 
cannot say whether the aromatic-aliphatic differences 
noted here are significant or not. Similar differences have 
been observed in aqueous solution, although the com­
plexes formed are probably not the simple hydrogen bond­
ed adducts under consideration here. Thus Roy, e t  a l.,*  
found the stability constant of the 1 : 1  boric acid-pyroca- 
techol complex to be 7800 M  1  and that of the ethylene 
glycol complex to be 1.85 M 1.5 Values for the corre­
sponding complexes of arsenite are 110 and 0.07 M -1 . re­
spectively . 4
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The effect of various solutes on the strength of hydrophobic interaction in aqueous solutions has been de­
termined by a method devised previously for this purpose. The solubilities of methane and ethane in 
aqueous solutions of electrolytes and nonelectrolytes were measured in the range of temperatures be­
tween 5 and 25°. These data have been used to compute the standard free energy, entropy, and enthalpy 
of solution of methane and ethane in these solutions. It is found that most added solutes increase the 
strength of hydrophobic interaction. An opposite effect has been noted by some nonelectrolytes which are 
presumed to enhance the structure of the solvent.

I. Introduction
It is well known that natural biopolymers in solutions 

undergo conformational changes as a result of the addition 
of various solutes to the system. The present state of our 
knowledge of these phenomena has been recently summa­
rized by Tanford.2 From the theoretical point of view lit­
tle is known on the precise mechanism by which an added 
solute induces a conformational change in a biopolymer. 
Kauzmann3 has advocated the study of this complex 
problem by disentangling it into separate factors. For in­
stance, one may study the effect of adding solute on the 
strength of hydrogen bond, charge-charge interaction, or 
hydrophobic interaction (HI), in “model systems,” where 
the situation is simpler in order of magnitude as com­
pared with the one in the original systems.

This paper is concerned with the effect of various so­
lutes on the strength of hydrophobic interaction. The 
study is being carried out in a simple “model system” de­
vised recently for this purpose.4-5 Similar studies of the 
effect of solutes on the conformation of biopolymers have 
been carried out by many authors.6-9 However, because of 
the great complexity of these systems, it is very difficult 
to draw any quantitative conclusions regarding the effects 
on the separate factors.

For the convenience of the reader we present here a brief 
description of the method employed in this study .4-5’10

Consider the process of bringing two simple solutes, 
such as methane molecules, from fixed positions at infi­
nite separation, to the final positions Rj and R2- The pro­
cess being carried out at constant temperature T, pressure 
P, and number of solvent molecules (the solvent may be 
either a pure component or a mixture of various compo­
nents).

The Gibbs free energy associated with this process may 
be written as

AG(Rj,R2) = U ( R l, R 2) + 6Ghi(Ri,R2) (LI)

where t/(Ri,R2) is the direct interaction energy between 
the two solutes at the configuration Ri,R2, which is pre­
sumed to be independent of the nature of the solvent. The 
indirect part of the work, ¿Ghi(Ri.R2) is referred to as the 
HI between the two solutes at the specified configuration.

Using arguments based on classical statistical mechan­
ics the HI may be expressed as an average over all the 
configurations of the solvent molecules, in the appropriate 
ensemble,10 namely
5GH1(Ri,R2) = -fcTln (exp[-Lr(X1---X,v/R1,R..)/6T]) -

& W  (1.2)

where k is the Boltzmann constant, U (X i . . . X.y/Ri.Rs) is 
the total interaction energy between the solvent molecules 
at configuration Xi . . . Xn (X, being the vector specifying 
the location and the orientation of the ith solvent mole­
cule), and the two solutes at Ri,R2. ApMe° is the standard 
free energy of solution of methane. In (1.2) the average is 
taken over all the configurations of the solvent molecules, 
using the T ,P ,N  basic distribution function.

In order to relate HGH HR1 .R2) to experimental quan­
tities, we note that the average in (1.2) does not involve 
the direct solute-solute pair potential, hence it is permis­
sible to substitute any Ri and R2 even when the distance 
R  = IRz -  Ri| is smaller than the effective diameter of 
the solute o. This feature of the average has been ex­
ploited4-5 to make a particular choice of R =  1.533 A, 
which is the C-C distance in ethane, and thereby obtain 
the approximate relation

5 G m(R  =  1.533A) =  ApEt° -  2ApMe° (1.3)

TABLE I: Representative Values o f  the Ostwald 
A bsorption  Coefficients, y  X 103, fo r  M ethane and 
E thane in  W ater and in  A queous Solutions at 15°

S o lv e n t

H iO N a C l  1 M L iC l  1 M U re a  7 M
Methane

This work 40.5 28.00 31.06 28.50
Other works 37.9« 32.10« 32.80“ 27 .004

40. 64 
40.57«

Ethane
This work 59.12 37.95 42.78 44.20
Other works 49.60“ 

5 9 .004 
58.54«

40.80« 41.90« 4 5 .104

°  R e fe r e n c e  13 . b R e fe r e n c e  14. c R e fe r e n c e  12 .
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TABLE II: P olynom ial C oefficients in  (3.2) and the Standard Deviation for Each Set o f  M easurem ents o f  
M ethane in  A queous Solutions

S o lu t io n C b a
S ta n d a r d
d e v ia t io n

Urea 1 M -0 .105S4 7 7 . 0 0 -1 1 ,5 6 2 .0 3.813
Urea 2 M -0 .14153 96.928 -1 4 ,2 5 5 .0 2.838
Urea 4 M -0 .09407 -4 1 .0 1 8 6,004.4 4.415
Urea 7 M -0 .02528 -2 .9 8 0 855.0 2.565
Sucrose 0 .5  M -0 .09063 68.957 -1 0 ,3 8 6 .5 2.605
1-Propanol

(mol fraction 0.03) -0 .03677 36.091 -5 ,5 3 7 .5 1.426
Dimethyl sulfoxide

(x  =  0.03) -0 .06316 52.042 -7 ,9 0 4 .5 1.617
1,4-Dioxane

(x  =  0.03) -0 .03996 37.008 -5 ,5 3 1 .6 3.372
NaCl 0.25 M -0 .06846 56.405 -8 ,6 7 7 .1 3.040
NaCl 0.50 M -0 .07855 61.966 -9 ,3 9 2 .2 5.008
N a C l1 M -0 .07209 57.885 -8 ,6 4 5 .6 3.345
NaCl 2 M -0 .08605 64.964 -9 ,3 2 7 .1 2.734
N a B r1 M -0 .07352 58.231 -8 ,6 3 1 .7 4.197
Nal 1 M -0 .14190 97.387 -1 4 ,2 4 3 .5 5.132
LiCl 1 M -0 .05380 47.609 -7 ,2 6 4 .1 3.625
KC1 1 M -0 .01219 23.037 -3 ,5 9 5 .6 3.596
C sC l1 M -0 .21072 138.831 -2 0 ,4 8 7 .3 2.045
NH4C1 1 M -0 .01195 9.329 -1 ,7 2 1 .5 2.196

TABLE III: P olyn om ia l C oefficients in (3.2) and the Standard Deviation for Each Set o f  M easurem ents o f
Ethane in  A queous Solutions

S ta n d a r d
S o lu t io n C b a d e v ia t io n

Urea 1 M -0 .03621 41.403 -7 ,2 7 3 .4 2.516
Urea 2 M -0 .08917 70.985 -1 1 ,3 7 1 .2 2.805
Urea 4 M -0 .02140 30.054 -5 ,1 5 3 .0 4.094
Urea 7 M -0 .16662 112.90 -1 6 ,9 0 9 .2 5.577
Sucrose 0 .5  M -0 .07542 64.765 -1 0 ,6 7 0 .4 3.470
1-Propanol

(mole fraction 0.03) -0 .12906 93.490 -1 4 ,6 6 2 .0 0.853
Dimethyl sulfoxide

(x  = 0.03) -0 .09180 72.532 -1 1 .6 8 9 .2 1.852
1,4-Dioxane (x  =  0.03) -0 .11940 86.676 -1 3 ,5 2 9 .1 3.149
NaCl 0.25 M -0 .04395 46.822 -8 ,1 6 4 .1 2.958
NaCl 0.50 M -0 .14339 105.52 -1 6 ,7 5 9 .7 4.330
N a C l1 M -0 .16366 115.82 -1 7 ,9 1 0 .6 4.297
NaCl 2 M -0 .13182 96.230 -1 4 ,6 7 8 .7 1.401
N a B r1 M -0 .11675 88.641 -1 3 ,9 9 8 2.378
N al 1 M -0 .05728 53.458 -8 ,8 2 5 .0 3.585
LiCl 1 M -0 .09657 77.186 -1 2 ,4 1 8 4.327
KC1 1 M -0 .07538 64.337 -1 0 ,4 3 1 .2 2.996
CsCl 1 M -0 .19810 135.77 -2 0 ,8 4 3 2.307
N H 4 CI 1 M -0 .04356 4.078 -6 7 7 .2 3.456

with A/iEt° the standard free energy of solution of ethane. 
In (1.3) we have on the right-hand side two experimental­
ly measurable quantities. Thus by measuring the standard 
free energy of solution of methane and ethane, an esti­
mate may be made of the strength of the HI and its tem­
perature dependence in various solvents.

Thus the process of bringing two methane molecules 
from infinite separation to a short distance R  serves here 
as a probe for estimating the strength of HI. Furthermore, 
to the best of our knowledge this is the only method which 
has so far been used to detect changes in the strength of 
HI due to the addition of various solutes.

II. Experimental Section
The solubilities of methane and ethane in various aque­

ous solutions were determined according to the method 
developed by Ben-Naim and Baer,11 with some modifica­
tions as suggested by Wen and Hung.12 We have carried 
out a series of measurements in aqueous solutions of both

electrolytes and nonelectrolytes. In most cases, we have 
measured the solubility of methane and ethane in an 
aqueous solution at a fixed concentration. For solutions of 
NaCl and urea we have also determined the dependence 
on the concentration of these solutes as well.

Methane and ethane were purchased from Matheson 
(purity: methane 99.97%, ethane 99.9%). Water was dou­
bly distilled after being run through an ion exchanger.

All solutes, electrolytes, and nonelectrolytes were of AR 
grade except for dimethyl sulfoxide and 1-propanol which 
were CP.

The Ostwald absorption coefficients for methane and 
ethane were calculated directly from the volume of the 
gas dissolved in a fixed volume of the solvent. A sample of 
comparisons of our results with the corresponding ones 
from the literature is presented in Table I.

The discrepancies between our results and those of 
Morrison and Billet13 are quite large. On the other hand, 
more satisfactory arrangement exists between our results
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TABLE IV: Values o f  the Ostwald A bsorption  
C oefficient y s fo r  M ethane in  Various 
A queous Solutions

7» X 10-’

S o lu t io n 1 0 ° 15° 2 0 ° 2 5 ° 3 0 °

HI.) 44.80 40.51 3 7 . 0 0 3 4 . 2 0 31.92
Urea 1 M 41.17 37.57 34.71 32.44 30.65
Urea 2 M 37.82 34.80 32.49 30.78 29.55
Urea 4 M 32.28 30.66 28.94 27.15 25.32
Urea 7 M 26.76 25.79 24.82 23.87 22.94
Sucrose 0.5 M 35.92 32.76 30.20 28.13 26.46
1-Propanol 

(mole fraction
0.03) 45.94 42.48 39.51 36.96 34.75

Dimethyl
sulfoxide
(x = 0.03) 43.29 39.77 36.84 34.40 32.36

1,4-Dioxane 45.16 42.11 39.49 37.24 35.30
(x  = 0.03)

NaCl 0.25 M 40.47 36.79 33.75 31.23 29.14
NaCl 0.50 M 37.00 33.74 31.08 28.90 27.11
NaCl 1 M 30.48 28.00 25.94 24.24 22.85
NaCl 2 M 21.23 19.77 18.60 17.65 16.91
N a B r 1 M 30.62 28.23 26.26 24.65 23.32
N al 1 M 31.02 28.57 26.71 25.33 24.35
LiCl 1 M 33.94 31.06 28.64 26.61 24.83
KCl 1 M 31.29 28.88 26.76 24.88 23.21
CsCl 1 M 32.50 29.36 27.10 25.53 24.53
N H 4 CI 1 M 35.56 32.73 30.17 27.86 25.77

TABLE V: Values o f  the Ostwald A bsorption  
C oefficient y s fo r  Ethane in  Various 
A queous Solutions

7« X 10”

S o lu t io n 1 0 ° 1 5 ° 2 0 ° 2 5 ° 3 0 °

HoO 69.05 59.12 51.39 4 5 . 3 3 40.54
Urea 1 M 64.01 56.03 49.42 43.91 39.28
Urea 2 M 60.42 53.25 47.50 42.85 39.08
Urea 4 M 54.20 48.79 44.17 40.18 36.74
Urea 7 M 48.97 44.21 40.63 37.98 36.07
Sucrose 0 .5  M 56.09 48.80 42.93 38.18 34.30
1-Propanol 

(mole fraction
0.03) 74.37 65.46 58.54 53.11 48.86

Dimethyl
sulfoxide
(x = 0.03) 70.95 62.33 55.44 49.89 45.39

1,4-Dioxane
(x = 0.03) 77.29 68.77 62.07 56.78 52.62

NaCl 0.25 M 61.51 53.41 46.78 41.31 36.76
NaCl 0.50 M 55.79 47.72 41.56 36.80 33.11
N a C l1 M 43.67 37.95 33.60 30.29 27.77
N a C l2  M 28.62 25.36 22.82 20.83 19.29
N a B r 1 M 45.40 39.55 34.97 31.35 28.48
N al 1 M 47.13 41.47 36.83 33.00 29.81
LiCI 1 M 49.20 42.78 37.68 33.61 30.33
KC1 1 M 45.22 39.63 35.11 31.44 28.43
CsCl, 1 M 47.36 41.00 36.27 32.77 30.20
N H 4 CI 1  M 52.36 45.96 40.36 35.48 31.20

and those of Wetlaufer, e t  a l . ,1* and of Wen and Hung.12 
It should be noted however that the direction of the 
change of the solubility of the gas upon the addition of the 
solute is the same in all the works cited above.

III. Therm odynam ics o f Solution

The standard free energy of solution of a solute s is re­
lated to the Ostwald absorption coefficient by10

A fis° - - k T l n y s (3.1)

TABLE VI: Values o f  the Standard Free Energy, 
E ntropy, and Enthalpy o f  Solu tion “ fo r  M ethane in  
A queous E lectrolyte Solutions6

S o lu t io n t y ° C •V3° ASa° A H S°

h 2o 1 0 1747.0 -1 8 -3400
25 2000.0 -1 5 -2 6 0 0

NaCl 0.25 M 10 1805.1 -1 8 -4 6 0 0
25 2054.2 -1 6 -4 3 0 0

NaCl 0.50 M 10 1855.7 -1 7 -5 3 0 0
25 2100.2 -1 5 -4 0 0 0

NaCl 1 M 10 1964.7 -1 7 -4 8 0 0
25 2204.4 -1 5 -3 4 0 0

NaCl 2 M 10 2168.2 -1 6 -4 1 0 0
25 2392.3 -1 4 -3 0 0 0

N a B r1 M 10 1962.1 -1 7 -2 7 0 0
25 2194.5 -1 4 -2 1 0 0

N al 1 M 10 1954.8 -1 7 -2900
25 2178.3 -1 3 -1 6 0 0

LiCl 1 M 10 1904.1 -1 7 -3 0 0 0
25 2149.3 -1 6 -2 5 0 0

KC1 1 M 10 1949.8 -1 6 -2600
25 2189 .0 -1 6 -2500

C sC l1 M 10 1928.5 -2 0 -3 6 0 0
25 2173.6 -1 3 -1 8 0 0

NH 4 CI 1 M 10 1877.8 -1 6 -2 7 0 0
25 2121.9 -1 6 -2 8 0 0

G C o m p u te d  b y  t h e  re la tio n s  in s e c t io n  I I I .  k T h e  u n its  f o r  &fi$0 a n d  & H S°
a re  c a l /m o l e  a n d  f o r  A Ss° a re  c a l / ( m o le  d e g r e e ) .

TABLE VII: Values o f  the Standard Free Energy,
E ntropy, and E nthalpy o f  S olu tion “ fo r  E thane in
A queous E lectrolyte Solutions6

S o lu t io n t, ° C Ams° a S s” A H s°

h 2o 1 0 1504.0 -2 4 -5200
25 1833.0 -2 0 -4 2 0 0

NaCl 0.25 M 10 1569.5 -2 2 -4600
25 1888.5 -2 1 -4 3 0 0

NaCl 0.50 M 10 1624.4 -2 4 -5 3 0 0
25 1957.1 -2 0 -4 0 0 0

N a C l1 M 10 1762.2 -2 3 -4 8 0 0
25 2072.5 -1 8 -3 4 0 0

N a C l2 M 10 2000.0 -2 2 -4 1 0 0
25 2294.2 -1 8 -3000

N a B r1 M 10 1740.4 -2 3 -4 6 0 0
25 2052.0 -1 9 -3 6 0 0

Nal 1 M 10 1719.3 -2 1 -4 2 0 0
25 2021.7 -1 9 -3 7 0 0

LiCl 1 M 10 1695.1 -2 3 -4700
25 2010.8 -2 0 -3800

KC1 1 M 10 1742.6 -2 2 -4 4 0 0
25 2050.4 -1 9 -3 7 0 0

C sC l1 M 10 1716.6 -2 4 -5 0 0 0
25 2025.8 -1 8 -3 2 0 0

N H 4CI 1  M 10 1660.1 -2 1 -4 2 0 0
25 1978.7 -2 2 -4 5 0 0

0 C o m p u te d  b y  t h e  r e la tio n s  in  ;s e c t io n  I I I .  b U n its  a s  in  T a b le  V I .

About eight values of y s were measured for each solution 
in the range of temperatures between 5 and 25°. The tem­
perature dependence of Ajus° was fitted to a second-degree 
polynomial of the form

A n, °  =  a + b T + c T 2 (3.2)
where T  is the absolute temperature, and the coefficients 
a, b, and c were determined by the method of least 
squares; these as well as the standard deviations are re­
ported in Tables II and III.

The smoothed values of 7 S (obtained from (3.1), after 
finding the polynomial coefficients) are given in Tables IV 
and V.
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TABLE VIII: Values o f  the Standard Free Energy, 
E ntropy, and E nthalpy o f  Solution» for  M ethane 
in  Various Solutions o f  N onelectrolytes'’

S o lu t io n t, °c A Ss° n /s"
HcO 10 1747.0 -1 8 -3400

25 2000.0 -1 5 -2600
Urea 1 M 10 1795.3 -1 7 -3100

25 2031.8 -1 4 -2 2 0 0
Urea 2 M 10 1843.1 -1 7 -2900

25 2063.0 -1 3 -1700
Urea 4 M 10 1932.4 -1 2 -1500

25 2137.4 -1 5 -2400
Urea 7 M 10 2037.8 -1 1 -1200

25 2213.5 -1 2 -1 4 0 0
Sucrose 0.5 M 10 1872.2 -1 8 -3 1 0 0

25 2116.3 -1 5 -2300
1-Propanol 10 1733.8 -1 5 -2600

(mole fraction 0.03) 25 1954.5 -1 4 -2300
Dimethyl sulfoxide 1 0 1767.2 -1 6 -2800

(x =  0.03) 25 1997.0 -1 4 -2300
1,4-Dioxane 10 1743.4 -1 4 -2300

(x = 0.03) 25 1950.0 -1 3 -2000
C o m p u te d  b y  th e  re la tio n s  in  s e c t io n  I I I .  U n its  a s  in  T a b le  V I .

TABLE IX : Values o f  the Standard Free Energy, 
E ntropy, and E nthalpy o f  Solution» for  Ethane in  
Various Solutions o f  N onelectrolytes''

S o lu t io n t, °c - V , ° A S ,°

H.O 10 1504.0 -2 4 -5200
25 1833.0 -2 0 -4200

Urea 1 M 10 1547.0 -2 1 -4400
25 1852.4 -2 0 -4000

Urea 2 M 10 1579.5 -2 0 -4200
25 1866.8 -1 8 -3400

Urea 4 M 10 1640.7 -1 8 -3400
25 1905.0 -1 7 -3300

Urea 7 M 10 1697.7 -1 9 -3600
25 1938.3 -1 4 -2100

Sucrose 0.5 M 10 1621.4 -2 2 -4 6 0 0
25 1935.2 -2 0 -4000

1-Propanol 10 1462.6 -2 0 -4 3 0 0
(mole fraction =  0.03) 25 1^39.6 -1 7 -3200

Dimethyl sulfoxide 10 1489.1 -2 1 -4300
(x = 0.03) 25 1776.7 -1 8 -3500

1,4-Dioxane 10 1440.9 -1 9 -4000
(x = 0.03) 25 1700.0 -1 5 -2900

C o m p u te d  b y  th e  r e la tio n s  in  s e c t io n  I I I .  f> U n its  as in  T a b le  V I .

The standard entropy and enthalpy of solution were 
computed from the relations

a s ;  =  - [3 A  n > ° / a r ]  (3.3)

a h ;  =  A  p s° +  T A S ;  (3.4)

Note that all these quantities refer to the process of trans­
ferring a solute s from a fixed position in a gas to a fixed 
position in the liquid, the process being carried out at 
constant temperature and pressure (for more details see 
ref 10).

The standard free energies, entropies, and enthalpies of 
methane and ethane in these solutions at 10 and 25° are 
reported in Tables VI. VII, VIII, and IX.

IV. Hydrophobic Interaction and Its Temperature 
Dependence

By hydrophobic interaction (HI) in this section, we 
refer to the quantity o G Hl { R) ,  for R  =  1.533 A computed 
by the approximate relation 1.3 In the previous section 
we have computed all the necessary thermodynamic

TABLE X : H ydrophobic In teraction  and the 
C orresponding E ntropy and E nthalpy Values for 
the R eaction  2 (M ethane) —► E thane in  Various 
A queous Solutions o f  Electrolytes»

173

Solution t, °c 5G»< 5Sm (15°) <5Hh i (15°)

HoO 10 -1 9 9 0 .0 11 1500
25 -2 1 6 8 .0

NaCl 0.25 M 10 -2 0 5 0 .7 13 1500
25 -2 2 2 0 .7

NaCl 0.50 M 10 -2 0 8 7 .0 11 900
25 -2 2 4 3 .3

N a C l1 M 10 -2 1 6 7 .2 10 1100
25 — 233613

N a C l2 M 10 -2 3 3 6 .4 10 700
25 -2 4 9 0 .4

N a B r1 M 10 -2 1 8 3 .8 11 700
25 -2 3 3 7 .0

N al 1 M 10 -2 1 9 0 .3 12 900
25 -23 3 5 .0

LiCl 1 M 10 -21 1 3 .1 12 1200
25 -2 2 8 7 .8

KC1 1 M 10 -2 1 5 7 .0 12 1000
25 -2 3 2 7 .6

C sC l1 M 10 -2 1 4 0 .4 12 1600
25 -2 3 2 1 .4

NH„C1 1 M 10 -2 0 9 5 .5 11 1100
25 -  2265.1

a U n its  a s  in T a b le  V I .

TABLE X I: H ydrophobic In teraction  and the 
Corresponding E ntropy and E nthalpy Values for  the 
R eaction  2 (M ethane) Ethane in  Various A queous
Solutions o f  N onelectrolytes»

S o lu t io n t, °c SGiu
6 S HI
(1 5 ° )

SH m
(1 5 ° )

H ,0 10 -1 9 9 0 .0 n 1500
25 -2 1 6 8 .0

Urea 1 M 10 -2 0 4 3 .6 n 1300
25 -2 2 1 1 .2

Urea 2 M 10 -2 1 0 6 .7 10 1000
25 -2 2 5 9 .2

Urea 4 M 10 -  2224.1 8 200
25 -2 3 7 0 .0

Urea 7 M 10 -2 3 7 7 .0 7 -7 0 0
25 -2 4 8 8 .7

Sucrose 0 .5 M 10 -2 1 2 3 .0 13 1400
25 -2 2 9 7 .4

1-Propanol 10 -2 0 0 5 .0 11 1100
(mole fraction 0.03) 25 -2 1 6 9 .4

Dimethyl sulfoxide 10 -2 0 4 5 .3 12 1300
(x = 0.03) 25 -2 2 1 7 .3

1,4-Dioxane 10 -2 0 4 6 .0 10 800
(x = 0.03) 25 -2 2 0 0  .0

a U n its  as in  T a b le  V I .

quantities required for estimating the HI. Furthermore, 
the entropy and the enthalpy change associated with the 
process of HI are computed by the approximate relations

5SHI =  A SEt° -  2ASm,° (4.D

5 H m =  A H El° ~  2 A H yu° (4.2)
The values of oGH1, oSHI, and o f / » 1 are presented in Ta­
bles X  and XI. In Figure 1 we present the dependence of 
the HI on the concentration of the solute (NaCl in the 
range 0-2 M, and urea in the range 0-7 M ).

Perhaps the most interesting finding is that all solutes 
used in this work caused a strengthening effect on the HI. 
Furthermore this effect seems to be linear with the con­
centration of the solute at least in so far as we are con-

The Journal of Physical Chemistry, Vol. 78, No. 2, 1974



174 A. Ben-Naim and M. Yaacobi

MOLAR CONCENTRATION OF NaCI

0 2 4 6
MOLAR CONCENTRATION OF UREA

F igure  1. D ependence  o ' the s trength  o f hyd roph ob ic  in te ra c tio n  
(i5GHI in k c a l/m o le )  on the co n ce n tra tio n  o f NaCI and urea. 
N ote tha t upper sca le  co rrespo nds  to  the co n ce n tra tio n  o f NaCI.

cerned with the two examples showm in Figure 1. The im­
plication of the above conclusion to more complex systems 
such as biopolymers is quite clear. If the HI was the domi­
nating factor which determines the stabilization of the 
native conformation of a biopolymer, then it is expected 
that added solutes would all show a stabilization effect. 
The fact that some solutes do enhance denaturation must 
therefore be attributed to the weakening of other forces, 
such as hydrogen bonds or ion-ion interaction which suc­
cessfully compete with the strengthening effect on the HI. 
It is worthwhile noting that very small amounts of ethanol 
were found to weaken the HI.16

In a previous paper,16 we have discussed the origin of 
the large and positive entropy and enthalpy of HI in terms 
of the structural changes in the solvent (this topic is 
treated in more precise terms in ref 10). From Tables X 
and XI it is clear that increasing the concentration of ei­
ther NaCI or urea, while increasing the strength of the HI, 
have a decreasing effect on the entropy and the enthalpy 
associated with the process. This finding lends further 
support to the conclusion reached previously10’15’16 that in­
creasing the structure of the solvent leads to a decrease of 
the strength of the HI. At the same time less structural 
changes in the solvent are involved in the process of HI 
which is reflected in the decreasing values of the entropy 
and the enthalpy of this process.

Another point which is worth discussion is the compari­
son of Aais° with oGHI as a measure of the strength of HI. 
Consider, for instance, the process of transfering a single 
methane molecule from a fixed position in water to a fixed 
position in an aqueous solution (at T ,P  constant). The 
free energy change for this process is

A pu° =  A p Ml.D(solution) — water) (4.3)

Kauzmann3 has advocated the use of A^tr° as a mea­
sure of the tendency of methane molecules to avoid the 
aqueous environment. In fact a negative value of 
should indicate that the solution is a more favorable envi­
ronment for methane compared with pure water.

A different measure of the tendency of the two methane 
molecules to adhere to each other is 5GH1. A comparison 
of ¿GH1 in two solvents indicates to what extent the two 
methanes tend to avoid the solvent environment in each 
case.

A glance at Tables X  and XI and a comparison with the 
thermodynamic quantities of section III shows that in 
most cases the two indices lead to consistent conclusions, 
but there exist exceptions which warrant some care in 
drawing such a conclusion. We present here two examples.

(1) Let W stand for water and S for 1 M  solution of 
NaCI. Then we have (at 10°)

A Mtr° =  AMMe°(S) - A / i Me°(W ) =
1965 — 1747 =  213 ca l/m ol (4.4)

<5GHI(S) =  -2167.2 ca l/m ol <5GHI(W ) =  -1990ca l/m ol
(4 .5)

Equation 4.4 indicates that the water environment is 
more favorable for methane than the solution (“ salting 
out” ). Equation 4.5 shows that the tendency to avoid the 
solvent environment is stronger in S compared with W. 
Hence the two conclusions are consistent with each other. 
A contrary example is the following.

(2) Let W stand for water and S for a solution of 1-pro­
panol (mole fraction of propanol 0.03) all at 10°, then

A p lr° =  A /iMe°(S) — A p Ml.°( W ) =
1733.8 -  1747 =  -13.2 ca l/m ol (4.6)

<5Ghi(S) =  —2005 ca l/ mol <5GHI(W ) =  -1990ca l/m ol
(4.7)

Here the propanol solution is more favorable for methane, 
as indicated by the negative standard free energy of trans­
fer. On the other hand, the tendency to avoid the solvent 
is s tr o n g e r  in S than in W (as in the previous example). 
The absolute values of A/nr° and of A(6GK1) are admitted­
ly very small. Nevertheless we feel that an important con­
clusion may be drawn from these observations. Namely, 
that free energies of transfer and hydrophobic interaction 
(as measured by 5GHI), in general, need not be compat­
ible with each other. Other examples where the discrepan­
cy between the two quantities are more pronounced were 
reported elsewhere.10’16

Although variations in the strength of HI in different 
solutions of electrolytes are small, we believe that they are 
significant. For example, in 1 M  solutions of NaCI, KC1, 
and CsCl (at 10°) the strength of HI decreases, i .e ., 
—2.167, —2.157, and —2.140 kcal/mol, respectively. On 
the other hand, increasing the size of the anion for a fixed 
cation shows an opposite effect. Namely, for 1 M  solutions 
of NaCI, NaBr, and Nal (at 10°) the corresponding values 
are —2.167, —2.184, and —2.19 kcal/mol.

The variations in both the entropies and the enthalpies 
associated with the HI process in the different solutions 
are estimated to be well within the experimental error in 
these quantities.

We believe that in spite of the approximate nature of 
our “ model”  for measuring HI, the various trends found in
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this work are correct and manifest the corresponding 
trends that one would have measured in real processes, 
i .e ., when the final configuration of the particles is more 
realistic than the one employed in the model.
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The solubilities of methane and ethane were measured in the following solvents: water, methanol, etha­
nol. 1-propanol, 1-butanol, 1-pentanol, 1-hexanol, 1,4-dioxane, and cyclohexane. The standard free ener­
gies, entropies, and enthalpies of solution of methane and ethane in these solvents were computed. From 
these data the strength of the “ soivophobic interaction” is estimated in these solvents. It is found that 
the strength of soivophobic interaction is distinctly larger in water as compared with the otner nonaque- 
ous solvents. The entropy and enthalpy associated with the process of bringing two solutes from infinite 
separation to a short distance is also amonalous in water as compared with other solvents.

I. Introduction

The term “ hydrophobic interaction”  (HI) has been used 
in previous articles2 to describe the indirect part of the 
work required to bring two solutes from infinite separation 
to a final configuration R i ,R 2  (the process being carried 
out within the solvent at constant temperature T  and 
pressure P ) .

A G (R „R 2) =  U ( R,,R,,) +  5GHI(R,,R2) (1.1)

One of the central questions in the study of the role of 
water in biological systems is to what extent the proper­
ties of water are unique as compared with other nonaque- 
ous solvents.

The purpose of this article is to compare the strength of 
the HI in water with the corresponding quantity, which 
may be referred to as “ soivophobic interaction”  (SI), in 
other solvents. The latter term has been suggested earli­
er2® for the quantity 5Ghi(R i ,R2) defined in (1.1) for any 
solvent (we shall use the superscript HI for water and the 
superscript SI for the same quantity in a nonaqueous sys­
tem).

The approximate measure of the SI developed in previ­
ous articles2 is given by

<5GS,(/? =  1.533 A ) =  A/uk,° -  2A/uMe° (1.2)

where A/zc>° is the standard free energy of solution of the 
solute <y in the appropriate solvent (Et represents ethane 
and Me methane).

A different estimate of the SI using the quantity <5GSI(7? 
= 0) has been suggested earlier2® and was studied in some 
details by Wilhelm and Battino3 (for a review of this topic 
see ref 4). In this paper we use the quantity 5GSI defined 
in (1.2) as a probe for the strength of SI. This has an ob­
vious advantage over 5Gs ,(f? = 0). The reason is that 
5GSI is based on the measurements of experimental quan­
tities A|iKt° and AfiMe°, whereas the estimation of &GS1{R  
= 0) is based on the scaled particle theory, the applica­
tion of which to a complex liquid such as water is doubt­
ful.4

In order to compute the values of 5GSI in water and in 
some nonaqueous solvent we have measured the solubili­
ties of methane and ethane in a series of solvents. These 
data furnish the required information necessary for esti­
mating the soivophobic interaction through (1.2).

Although we have used only a limited number of sol­
vents, one can safely conclude that water is indeed an 
outstanding liquid as far as we are concerned with both 
the values and the temperature dependence of oGsl.
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F igu re  1. O stw a ld  ab soro tio n  c o e ffic ie n ts  as a fun c tion  o f te m ­
p e ra tu re  fo r m e thane  in va rio us  so lven ts.

TABLE I: Polynom ial C oefficients in  (2 .2 ) and the 
Standard Deviation for  Each Set o f  M easurem ents

S ta n ­
d a rd

d e v ia -
S o lv e n t C 6 C t io n

Methanol
Methane

0.03729 -1 8 .5 4 6 2,604.5 1.137
Ethanol 0.01C24 -2 .6 3 6 255.3 0.912
1-Propanol -0 .04361 29.028 -4 ,3 7 8 .1 1.977
1-Butanol 0.05623 -2 9 .0 6 5 4,090.4 1.760
1-Pentanol 0.01150 -3 .2 3 0 390.8 2.233
1-Hexanol -0 .02895 20.591 -3 ,0 8 7 .6 1.753
1,4-Dioxane 0 .00988 -4 .7 8 1 1,099.8 3.997
Cyclohexane -0 .01791 12.053 -1 ,8 2 2 .9 1.678

Methanol -0 .03440
Ethane

25.237 -4 ,9 7 9 .8 1.135
Ethanol -0 .04241 30.439 -5 ,9 0 1 .0 1 .800
1-Propanol 0.00607 2.606 -1 ,9 2 8 .0 1.182
1-Butanol -0 .07884 51.627 -9 ,0 0 1 .0 1.585
1-Pentanol -0 .01155 12.817 -3 ,3 9 5 .6 3.505
1-Hexanol -0 .02364 19.124 -4 ,1 8 3 .0 3.824
1,4-Dioxane 0.20190 -1 1 5 .3 6 15,942.3 3.056
Cyclohexane 0.05878 -29 .9 3 2 2,712.0 2.970

II. Experimental Section

The solubilities of methane and ethane were deter­
mined as described in the preceeding article . 2  The sol­
vents 1-propanol, 1 -hexanol, and cyclohexane were CP 
whereas all other solvents were of analytical grade.

The Ostwald absorption coefficients 7  for methane and 
ethane in water, methanol, ethanol. 1 -propanol, 1 -buta­
nol. 1-pentanol, 1-hexanol, 1,4-dioxane, and cyclohexane 
were calculated directly from the volume of gas dissolved 
in a given volume of the solvent.

A comparison of the values of 7  of methane and ethane 
in alcoholic solutions measured in this work with those of 
Boyer and Bircher5  shows that our results are about 0-6% 
lower than theirs. It is difficult, however, to trace the 
source of the discrepancies between the two sets of results.

F igure  2. The te m p e ra tu re  de pend ence  o f the  so lvo p h o b ic  in te r­
ac tio n  r)GSI in k c a l/m o le  com puted  fro m  (3 .4 ) fo r w a te r and 
nonaqueous so lven ts.

TABLE II: Values o f  the Ostwald A bsorption  
C oefficient y , for  M ethane and Ethane in 
Various Solvents

7s X  10 =

S o lv e n t 10° 1 5 ° 2 0 ° 2 5 ° 3 0 °

Methane
Water 44.8 40.5 3 7 . 0 3 4 . 2 31.9
Methanol 543.7 536.4 527.8 518.0 507.0
Ethanol 556.7 546.8 537.0 527.2 517.5
1-Propanol 541.7 528.2 517.4 509.0 502.9
1-Butanol 519.4 511.5 501.6 489.8 476.5
1-Pentanol 492.5 484.3 476.0 467.6 459.2
1-Hexanol 472.7 462.2 453.5 446.3 440.4
1,4-Dioxane 384.1 387.6 390.7 393.3 395.6
Cyclohexane 760.3 752.0 745.0 739.5 735.3

Ethane
Water 69.1 59.1 51.4 45.3 40.5
Methanol 2864 2678 2518 2379 2258
Ethanol 3361 3117 2909 2731 2578
1-Propanol 3492 3241 3014 2808 2621
1-Butanol 3491 3225 3008 2830 2686
1-Pentanol 3403 3155 2935 2740 2566
1-Hexanol 3252 3034 2842 2674 2526
1,4-Dioxane 2590 2548 2465 2347 2201
Cyclohexane 6470 6067 5673 5291 4921

The standard free energy of solution of a solute s is 
computed by the relation

A p s° =  R T  In 7 ,, (2.1)

and the temperature dependence of A/is° was fitted to a 
second-degree polynomial of the form

A p s° =  a +  b T  +  c T -  (2.2)

where T  is the absolute temperature. The coefficients a, 
b, and c (obtained by the method of least squares) as well 
as the standard deviation for each set of measurements 
are reported in Table I.
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TABLE III: Values o f  the Standard Energy, 
E ntropy, and E nthalpy o f  Solu tion  fo r  M ethane in  
Several Solvents'*

S o lv e n t t , ° C A*us° ASs° A H h°

Water 10 1747 -1 8 -3400
25 2000 -1 5 -2600

Methanol 10 343.0 - 3 -4 0 0
25 390.0 - 4 -7 0 0

Ethanol 10 329.7 - 3 -6 0 0
25 379.4 - 3 -7 0 0

1-Propanol 10 345.0 - 4 -9 0 0
25 400.2 - 3 -5 0 0

1-Butanol 10 368.7 - 3 -4 0 0
25 423.0 - 4 -9 0 0

1-Pentanol 10 398.6 - 3 -5 0 0
25 450.5 - 4 -6 0 0

1-Hexanol 10 421.7 - 4 -8 0 0
25 478.2 - 3 -5 0 0

1,4-Dioxane 10 538.5 - 1 300
25 553.0 - 1 200

Cyclohexane 10 154.2 - 2 -4 0 0
25 179.0 - 1 -2 0 0

°  T h e  u n its  f o r  A ^  
d e g re e .

5°  a n d A H $°  a r e  c a l /m o l e  a n d  f o r  A S s° a r e  c a l /m o le

TABLE IV: Values o f  the Standard Free Energy, 
E ntropy and E nthalpy o f  S olu tion  fo r  E thane in  
Several Solvents“

S o lv e n t t , °c Aft,“ ASs° A f f s°

Water 10 1504 -2 4 -5200
25 1833 -2 0 -4200

Methanol 10 -5 9 2 .2 - 6 -2200
25 -5 1 3 .6 - 5 -1900

Ethanol 10 -6 8 2 .2 - 6 -2500
25 -5 9 5 .4 - 5 -2100

1-Propanol 10 -7 0 3 .8 - 6 -2400
25 -6 1 1 .8 - 6 -2500

1-Butanol 10 -7 0 3 .6 - 7 -2700
25 -6 1 6 .6 - 5 -  2000

1-Pentanol 10 -6 8 9 .2 - 6 -2500
25 -5 9 7 .4 - 6 -2400

1-Hexanol 10 -6 6 3 .7 - 6 -2300
25 -5 8 3 .0 - 5 -2 1 0 0

1,4-Dioxane 10 -5 3 5 .6 1 -2 0 0
25 -5 0 5 .6 - 5 -2000

Cyclohexane 10 -1 0 5 0 .8 - 3 -2000
25 -9 8 7 .3 - 5 -2500

a U n its  a s  in  T a b le  I I I .

The smoothed values of the Ostwald coefficients for 
methane and ethane in the various solvents are reported 
in Table II. Note that the solubility of methane (as mea­
sured by y )  in 1,4-dioxane increases with temperature. In 
all others the solubility decreases with temperature. This 
behavior is depicted in Figure 1.

III. Solvophobic Interaction (SI)
In order to compute the SI and its temperature depen­

dence we need the standard free energy, entropy, and en­
thalpy of solution of methane and o f ethane in the various 
solvents. These are computed from the relations

Aps° =  -  RT  In y s (3.1)

A Ss° = -[<3A vS/dT]  (3.2)

a h ;  = Aps° +  TAS°  (3.3 )

Note that these quantities refer to the process of transfer­

TABLE V: Solvophobic In teraction  and the 
C orresponding E ntropy and E nthalpy Values for the 
R eaction  2 (M ethane) —» Ethane in  Several Solvents“

s s SI
S o lv e n t t, °c SGS1 (1 0 ° ) S H s l  (1 0 ° )

Water 10 -1990 11 +  1500
25 -2168

Methanol 10 -1 2 7 8 .2 0 -1400
25 -1 2 9 3 .6

Ethanol 10 -1 3 4 1 .6 0 -1300
25 -1 3 5 4 .2

1-Propanol 10 -1 3 9 3 .8 2 -6 0 0
25 -1 4 1 2 .2

1-Butanol 10 -1 4 4 1 .0 - 1 -1900
25 -1 4 6 2 .6

1-Pentanol 10 -1 4 8 6 .4 0 -1500
25 -1 4 9 8 .4

1-Hexanol 10 -1 5 0 7 .1 2 -7 0 0
25 -1 5 3 9 .4

1,4-Dioxane 10 -1 6 1 2 .6 3 -8 0 0
25 -1 6 1 1 .6

Cyclohexane 10 -1 3 5 9 .2 1 -1200
25 -1 3 4 5 .3

°  U n its  as in  T a b le  I I I .

ring a solute s from a fixed position in the gas to a fixed 
position in the liquid. The process being carried out at 
constant temperature and pressure (for more details see 
ref 4). The computed values of A/¿s°, ASs°, and AH s° are 
reported in Tables III and IV.

Note that the entropy of solution of methane and eth­
ane in water is between —20 and -2 4  eu whereas in or­
ganic solvents the corresponding values range between - 1  
and — 6 eu. The outstanding low and negative enthalpy of 
solution of these gases in water is also clear from Tables 
III and IV.

The strength of the SI and the corresponding entropy 
and enthalpy associated with the process of bringing two 
methane molecules to a short distance are computed by 
the approximate relations

5G81 =  a Me;  - 2A S Me° (3.4)

5 S SI =  A SEt° - 2A SMe° (3.5)
<5H S1 =  A H E ° ~ 2 A H m<?° (3.6)

Values of 5 G SI, 8SS1, and 8 H S1 are reported in Table V 
and the temperature dependence of 5GSI is exhibited in 
Figure 2.

From Figure 2 it is clear that both the values of ¿GHI 
and its temperature dependence in water are markedly 
different from the corresponding behavior in nonaqueous 
solvents.

The significance of the strong HI in water to biological 
systems has long been recognized.6-8 Various processes 
such as conformational changes of biopolymers, adsorp­
tion of a substrate on an enzyme, etc. are all affected by 
the strength of the HI. We should like to conclude this ar­
ticle by pointing out that the temperature dependence of 
HI is also of important biological significance.9 Consider, 
for example, the helix coil transition in proteins or any 
process of denaturation of a biopolymer. One expects that 
as the temperature increases, the system would tend to 
break its structure. The fact that the HI strengthened 
with the increase of temperature may be considered as a 
counteraction to the tendency of randomization, and aids 
to maintain the stable conformation of the polymer.
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The molar enthalpies of mixing (A H 14) in the liquid alkali chloride-cerium chloride mixtures have been 
measured at 845°. All the interaction parameters (AM = A H 14/ X 1 X 2 ) are negative, increasing sharply 
from about - 1  kcal/m ol in LiCl-CeCl3  to about -2 5  kcal/mol in CsCl-CeCl3 . The systems also have sig­
nificant energetic asymmetries with more negative values of AM in the alkali chloride-rich than in the 
cerium chloride-rich regions. The results are discussed with respect to the following points; (1) compari­
son with the Davis conformal solution theory for the enthalpies of mixing of charge unsymmetrical fused 
salt mixtures; (2) “ complexing”  in the mixture.

Introduction
While thermochemical and thermodynamic information 

is now available for a significant number of binary charge 
unsymmetrical fused salt mixtures of the type A X -B X 2 , 1  

much less is known about the corresponding A X -B X 3  sys­
tems. The present paper represents the first detailed ther­
mochemical study of a system of this type, and covers the 
liquid systems ACl-CeCl3 , where A = Li, Na, K, Rb, or 
Cs.

The thermodynamic properties of these mixtures pre­
viously were studied by equilibrium emf24 and phase di­
agram5 methods. The emf2 data were interpreted to indi­
cate the formation of various complex entities such as 
CeCL and CeCl63 - . Strong evidence was presented for 
CeCL- , while the evidence for CeCl63- was much less 
conclusive.

In the present communication we report the enthalpies 
of mixing (A H M) of cerium(III) chloride with the alkali 
chlorides. The purpose of this work is to obtain informa­
tion on the systematics of the thermodynamic behavior of 
unsymmetrical solution systems and to examine the possi­
bilities of “ complex”  formation in these mixtures. The 
new data are compared with the enthalpy measurements 
on the LaCL-ACl6 systems and are discussed in terms of 
the conformal solution theory of Davis.7 Finally by com­
bining the calorimetric and emf data we have obtained 
the partial excess entropies of mixing of CeCl3  in liquid 
CeCL-NaCl and CeCls-KCl mixtures.

Experimental Section
The measurements of the integral enthalpies of mixing 

were of the “ crucible-double breakoff”  type, where both 
liquid salts were contained in fused silica containers.1'8 
The calorimetric apparatus used, its calibration, and the 
required corrections have been described elsewhere.1,8 
All experiments were carried out at 845°.

The cerium(III) chloride was purchased from Alfa Inor­
ganics Inc. The salt was first dried under vacuum by slow­
ly increasing the temperature to 200°. At that tempera­
ture a gaseous mixture of CCI4 -N 2  was passed over the 
salt and the temperature was raised slowly (~50°/hr) 
to 500°. Finally, the salt was melted under a N 2  atmo­
sphere. The sources and methods of purification of the al­
kali halides were the same as before.1 The purity of the 
salts was checked by passing an aqueous solution through 
a cation-exchange column and titrating the resulting acid­
ic solution. The premelted salt assayed 98.8 mol % CeCL-

Results and Discussion
All experimental results obtained in the course of the 

present investigation are recorded in Table I.9 Graphs of 
the enthalpy interaction parameter, AM = A H !4/ X y X 2 , vs. 
mole fraction, X 2  = X Ceci3 . are given in Figure 1. For 
each system listed in Table I the values of AM were fitted, 
by the method of least squares, to fifth-order polynomials 
of X 2 . The coefficients of the least-squares expressions
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Figure 1. E n th a lp y  in te ra c t io n  p a ra m e te rs  in l iq u id  m ix tu re s  o f 
c e r iu m ( l l l )  c h lo r id e  w ith  a lk a li  c h lo r id e s .  T h e  s o lid  lin e s  re p re ­
s e n t th e  “ b e s t c u r v e s . "

and the standard deviations of the experimental points 
from the fitted curves are given in Table II.

All the systems investigated have negative interaction 
parameters which increase sharply from about - 1  kcal/ 
mol for LiCl-CeCl3 to about - 2 5  kcal/mol for CsCl- 
CeCl3. This trend is entirely consistent with the behavior 
of the previously studied AX-BX2 mixtures.1 Note also 
that all the considered systems show more negative values 
of the interaction parameter in the alkali chloride-rich 
than in the cerium chloride-rich region. For the mixtures 
involving CsCl, RbCl, and KC1 a broad minimum is found 
in AM near X2 ~ 0 .2 , while AlM increases sharply to less 
negative values at somewhat higher mole fractions of cer­
ium chloride. A similar variation of AM with composition 
also is found in the corresponding ACl-LaCl3 mixtures.6 
In both cases it is attributed to the formation of LC163 
complexes in the alkali chloride-rich mixtures. The exis­
tence of complex configurations in such mixtures is indi­
cated by recent Raman structural studies of lanthanum 
chloride dissolved in liquid potassium chloride.10 Due to 
the similarity of the ionic radii and polarizabilities of the 
La3+ and Ce3+ ions, it is expected that the electrostatic 
(coulombic) and polarization forces associated with the 
formation of the CeCl63" and LaCU3“ configurations 
should be of comparable magnitude. In view of Figure 1, 
and in analogy with our earlier work on ACI-BCI2 
mixtures, such configurations presumably are formed and 
stabilize the solutions of CeCl3 in CsCl, RbCl, and KC1. 
However, for the mixtures containing NaCl and LiCl our 
thermochemical data cannot be interpreted to either ex­
clude or confirm the presence o: complex configurations. 
Finally, we find no evidence in the present enthalpy data 
for the existence of other complex entities such as, e.g.,  
CeCR- . This question is discussed in greater detail in ref
6.

We shall now discuss the interaction parameters of the 
cerium chloride-alkali chloride mixtures in terms of the 
conformal solution theory of Davis.7 This theory predicts 
that at a fixed temperature, pressure, and composition the 
relative values of the interaction parameter, A,M, in a se­
quence of AX-LXn systems (A = Li-Cs), should to a sec­
ond-order approximation be a function of the size parame­
ter 612 = ( d i  — d2)/did2-  {di  and ¿2 are the characteristic

I I i ■ 1 I i . . I i i . I . . . 
- 8 - 4  0 4 8

8i2 A"1-102
Figure 2. D e p e n d e n c e  o f th e  in te ra c t io n  p á ra m e te ' on  th e  s ize
p a ra m e te r :  (--------- ) in te ra c t io n  p a ra m e te r  a t X LC | 3 =  0 , (A0M);
( -------) in te ra c t io n  p a ra m e te r  a t X LC i 3 =  1, (A,M ).

TABLE II: Least-Squares C oefficients fo r  the 
B inary L iquid  Alkali C hloride-C esium  
C hloride M ixtures“

XM =  A  +  B X ?  +  CXi"- +  f l ®  +  E X - '  k ca l  m ol

System — A - B c - D K

S td
d e v ia ­

t io n

Cs-Ce 26.16 28.67 178.61 ■258.12 115.5 0.38
R b-C e 21.20 27.33 145.20 198.54 35.6 0.36
K -C e 17.16 18.46 89.41 112.06 44 ,9 0 . 2 0
Na-Ce 8.15 6.88 29.4 34.9 14.6 0.06
Li-Ce 2.2 -1 .5 5 0.14
0 I n  d e r iv in g  th e s e  c o e ff ic ie n ts , a p a r t  fr o m  a ll t h e  e x p e r im e n ta l  p o in ts  

w e  h a v e  m a d e  u se  o f  th e  l im it in g  v a lu e s  o f  t h e  in te ra c t io n  p a ra m e te r  (Xo, Xi) 
o b t a in e d  fro m  th e  b e s t  cu r v e s  in  F ig u re s  1 a n d  2 . T h is  t r e a tm e n t  m a k e s  th e  
a lg e b ra ic  r e p re se n ta t io n  o f  th e  d a ta  v a l id  f o r  t h e  c o m p le t e  ra n g e  o f  c o m p o s i ­
t io n .

interionic distances in the two salts which are mixed.) 
Thus

AM= a ( T , P , X )  +  b ( T , P , X ) 5 v, + c(T,P,X)5r 8 (1)

Here a, b, and c are complicated integral functions of 
T, P,  and X ;  their numerical values will depend on the 
physical properties of the particular L X „ salt which is 
taken as the “ reference” salt.

In Figure 2 we test the dependence of the interaction 
parameter on the size parameter, for the CeCl3-ACl 
mixtures by plotting AoM (X2 = 0 ) and AiM (X2 = 1) 
against ój2. In the same figure we have included the corre­
sponding values of the interaction parameter for the 
LaCU-ACl systems. The figure shows that the theoretically 
predicted form of eq 1 can be fitted to the data within exper­
imental error. Furthermore, it appears that for both se­
quences of LCI3-ACI (L = La and Ce) mixtures, the coef­
ficients a, b, and c are approximately the same. Least- 
squares treatment of the data shown to eq 1 yields

A0M =  -  10.3 -  1885,, -  1050,1. (2a)

X,M =  -  7.7 -  139<512 -  6685,,- (2b)

Thus the variation of the interaction parameter with Ò12 is

T h e  J o u r n a l  o f  P h y s i c a l  C h e m is t r y ,  V o i  7 8 , N o .  2 , 1 9 7 4



180 G. N. Papatheodorou and O. J. Kleppa

TABLE III: Characteristic Properties o f  Som e L 3+ Ions and LC1, Salts“

In t e r io n ic  
d is ta n ce , d , A

P o la r iz a b i l i t y
o f  L 3" ,  or, A3

Io n iz a t io n  p oten tia ls^  
o f  L 3+, k ca l E le c t r o n e g -  

a t iv it y ft 
o f  L 3+, x

R e d u c e d  
m e lt in g  te m p , 
rm = (d k T m / 

«*) X 102

R e d u c e d  v a p o r c 
p re ssu re  a t  

T  = 1 .3  jTm> 
tt"  X 1 0 - 1

R e d u c e d c 
v o lu m e  a t  
T  = Tm, 

6" X 1 0 “ 19Ii h

LaCL 2.37 1.03 255 442 1.08 218 1.98 2 . 4

CeCl.i 2.84 (1.05)rf 250 454 1.08 207 1.52 1 . 4

PrCL 2.32 (1.07)3 243 535 1.07 205 1.14
NdCL 2.30 (1 .09)4 247 1.07 192 0.81

" In t e r io n ic  d is ta n ce s , m e lt in g  p o in ts , d e n s it ie s , a n d  v a p o r  p re ssu re s  ta k e n  f r o m  G . J. J a n z , “ M o lt e n  S a lt  H a n d b o o k ,”  A c a d e m ic  P ress , N e w  Y o r k ,  N . Y . ,  
196 7 ; D . B r o w n , “ H a lid e s  o f  th e  L a n th a n id e s  a n d  A c t in id e s ,”  W ile y - I n t e r s c ie n c e ,  N e w  Y o r k ,  N . Y „  196 8 . 6 F r o m  D .  A . J o n s o n , " T h e r m o d y n a m ic  A s p e c t s  o f  
I n o r g a n ic  C h e m is t r y .”  C a m b r id g e  U n iv e rs ity  P ress , N e w  Y o r k ,  N . Y . ,  1 9 6 8 . r R e d u c e d  q u a n t it ie s  as d e fin e d  b y  K . D . L u k s  a n d  H , T . D a v is  (r e f  1 1 ). 3 E s t im a t e d  
q u a n t it ie s .

F igure  3. P artia l en tha lp ie s  and ch e m ica l po ten tia l In liqu id
C eC l3-N a C I and CeCI3-K C I sys tem s: ( --------) pa rtia l en tha lp ie s  o f
C eC I3 ca lcu la te d  by the  m ethod o f in te rce p ts ; (----------) excess
ch e m ica l po ten tia ls ; O  da ta  from  re f 2 a t 850°; □ , da ta  fro m  
re f 4 a t 825°.

approximately the same both for the CeCl3 -ACl sequence 
with CeCl3  as the reference salt, and for the LaCl3 -ACl 
binaries where LaCl3 is the reference salt. Of course, this 
is not very surprising since the physical and chemical 
properties of the reference salts CeCl3 and LaCl3 are very 
similar. This point is documented further in Table III, 
which presents some of the characteristic properties of 
CeCl3 and LaCl3 along with similar data for PrCl3 and 
NdCl3. Table III shows that for these four salts both the 
quantities id , a ,  l) which determine the magnitude of the 
dispersion interactions, and the “ reduced”  parameters de­
fined by Luks and Davis11 (t™, 6 " ,  it" )  do not vary a 
great deal from one salt to the other. This in turn implies 
that the integrals a, b, and c in eq 1 will be roughly the 
same for corresponding sequences of mixtures AC1-LC13. 
We accordingly would expect that eq 2a and 2b would be 
capable of describing all four families of mixtures to a 
reasonable approximation, and also that the dependence 
of \** on mole fraction would be quite similar in the other 
systems to that of the ACDCeCl3 binaries (Figure 1).

Before we close this discussion we want to compare12 
our new enthalpy data for NaCl-CeCl3 and KCl-CeCl3 
with the corresponding emf data.2-4 This comparison is 
presented in Figure 3 which gives the excess chemical po­

tentials, n Ecec\ 3 , taken from ref 2 and 4, along with the 
partial enthalpies derived from our own integral enthal­
pies by the method of intercepts. It is apparent from this 
figure that there is very good agreement between the 
chemical potentials obtained by the two independent emf 
studies.

In view of the experimental error in the emf results, and 
the inherent uncertainties associated with the derivation 
of partial enthalpies from integral data, it is not surpris­
ing that the calculated values of S Ec e c i 3 will be associated 
with significant error.13 Even so, Figure 3 indicates that 
for all compositions in NaCl-CeCl3 , and for X c e c i 3 larger 
than about 0.2 in KCl-CeCl3, fiEc e c \ 3  and 7? c e c i3  are very 
similar in magnitude. Since the numerical values of ¡iE 
are somewhat smaller than H , the excess entropies are 
negative, but quite small. It appears that in these 
mixtures the partial entropies of CeCl3 are fairly well de­
scribed by the Temkin model,14 which assumes complete 
randomization of the two different cations on the cation 
“ sites”  in the fused salt mixture.

However, for X ceci3  < 0.2 in the KCl-CeCl3 system, the 
values of nEceci3  are less negative than Hcec\3 by several 
kcal/mole. As a consequence, the excess entropies have 
very significant negative values. This may be the result of 
local order associated with extensive complex formation, 
and is consistent with the presence of complex configura­
tions such as CeCl63~ in the strongly interacting AC1- 
CeCL mixtures.
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The thermodynamic quantities of mixing in the liquid LaCl3 -ACl (A = Li, Na, K. Rb. or Cs) mixtures 
have been measured. The integral enthalpies of mixing (A //M) for all the above binaries and the partial 
enthalpies of mixing in the LaCl3 ~KCl system have been determined calorimetrically. The partial Gibbs 
energies of mixing (A ^  Cs) have been determined by emf measurements. Two graphite-chlorine 
(C(s)|Cl2(g)) electrodes were used in a galvanic cell of the type: C(s). Cl2 (g)|AC1(l)|alkali glass| 
LaCl3 (l)-ACl(l)|Cl2(g), C(s). The data are discussed with respect to the following points: (1) compar­
ison with conformal solution theory for the enthalpies of mixing of charge unsymmetrical fused salt 
mixtures, and (2) “ complexing”  in the mixture. The thermodynamic data indicate tendencies for "com ­
plex”  formation in the mixtures of LaCl3  with CsCl, RbCl, and KC1. while for the mixtures with NaCl 
and LiCl the Temkin model is applicable.

Introduction
A knowledge of the thermodynamic properties of fused 

salt mixtures has been found to be a powerful tool aiding 
the understanding of the interionic interactions and struc­
ture of the melts. The contributions and importance of 
the coulombic energy, polarization energy, and van der 
Waals dispersion energy to the excess thermodynamic 
functions of mixing were born out semiqualitatively by 
the studies of the common anion symmetrical binary sys­
tems. The results on symmetrical alkali halide systems 
(A X -A 'X ; A,A ' = Li, Na, K, Rb, or Cs; X  = F, Cl, Br, or 
I)1-3 and on divalent charge unsymmetrical systems ofthe 
alkaline earth halides (B X 2-A X , B = Ca, Sr, or Ba)4 are 
in general accord with the behavior anticipated from con­
formal solution theory.5-9

A somewhat different position is found in the studies of 
charge unsymmetrical systems of the type M X 2-A X  
where M 2  ̂ = M g2+ 4-10 or a transition metal cation (M 2  ̂
= Mn2+, Fe2+, Co2+, Ni2+, Zn2~, or Cd2+)11-14 and X  is 
mainly chloride. For these systems the measured thermo­
dynamic quantities (integral enthalpy-partial free energy)

increase to quite large negative values as the size of the 
alkali metal cation is increased in the sequence Li < Na 
< K < Rb < Cs. For mixtures with K, Rb, and Cs, the 
enthalpy interaction parameter, \M = AHM/X i ( l  -  
X j)(A /iM = integral enthalpy, X i = mole fraction of com­
ponent i) varies strongly with composition and shows a 
distinct minimum near X m x J ~ 1/3. Near this composi­
tion the partial entropies of mixing of the alkali halides 
show inflection points. The conformal solution theory5-9 
and the quasichemical theory15 have not been developed 
to the point when they can justify the existence of a sharp 
minimum in the enthalpy interaction parameter. How­
ever, semiquantitative descriptions for the M X 2-A X  
mixtures were possible with the aid of structural informa­
tion obtained from electronic absorption1617 and Ra­
man18-19 spectroscopy. The structural studies show that in 
mixtures rich in alkali halide the divalent cation forms 
M X 42- configurations (or "complexes” ) w-here the M 2- 
cation is in an approximately tetrahedral chloride field 
having only A ' cations as second nearest neighbors. The 
“ complexing”  in these mixtures is reflected in the ther­
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modynamic quantities by the appearance of a minimum 
in the enthalpy interaction parameter11-14-20 and inflec­
tion points in the partial entropy of the alkali halide.20-22

Most of the physicochemical studies of unsymmetrical 
binary mixtures of the type LX3-AX have been aimed 
toward LX3 salts which are strong halide acceptors and 
which tend to form molecular type liquids of the L2X6 
type (e .g .. most of the group Illb metal halides).23 These 
halides in their mixtures with the alkali halides were 
found to form appreciable quantities of tetrahedral LX4“ 
ions. Other studies24-25 have been concerned with the 
more “ ionic”  type LX3-AX liquids {e .g ., A1F3, lanthanide 
metal halides) and have argued the formation of octahe­
dral LXg3 - “ complex”  ions in the mixture.

So far there have been relatively few studies of the ther­
modynamic properties of the LX3-AX binaries. With the 
exception of phase diagrams studies,26 and studies of the 
CeCD-ACl binaries,27-28 the thermodynamic properties of 
mixing are unknown. The present paper reports the re­
sults of a calorimetric and an emf investigation of the b i­
nary liquid mixtures of lanthanum(III) chloride with the 
alkali chlorides. The directly and indirectly measured 
thermodynamic functions of mixing (integral and/or par­
tial enthalpy, Gibbs energy, and entropy) are discussed in 
terms of (1) the conformal solution theory for charged un­
symmetrical binaries and (2) possible ordering (or com- 
plexing) in the mixture.

Experimental Section
C h em ica ls . The sources and methods of purification of 

the alkali halides were the same as before.4-11 The lan­
thanum! Ill) chloride was prepared by dissolving, in con­
centrated HC1, lanthanum oxide purchased from A. D. 
Mackav Inc. Slow evaporation of the solution gave the hy­
drated LaCU, which was first dried under vacuum at tem­
peratures up to 200° and then treated with gaseous CCI4 
and N2. Finally the salt was melted and treated with gas­
eous HC1 and N 2. The purity of the salt was checked by 
passing an aqueous solution through a cation-exchange 
column and titrating the resulting acidic solution. The 
premelted salt assayed 99.9% LaCD Lanthanum(III) chlo­
ride purchased from Schuchardt, Germany, was used for 
the emf measurements. The salt was first dried under 
vacuum up to 200° and then heated with HC1 to 450°. The 
premelted salt assayed 99.8 mol % LaCl3  as determined 
by the above-mentioned method.

C a lo r im e tr ic  E x p e r im e n ts . The measurements of the in­
tegral enthalpies of mixing were of the “ crucible-break 
off”  type where both liquid salts are contained in fused 
silica containers.11 14 The calorimetric apparatus used, its 
calibration, and the required corrections have been de­
scribed elsewhere.11 14 The measurements of the partial 
enthalpies in the KCl-LaCD system were carried out by 
dissolving small amounts of KC1 or LaCU (~0.001 mol of 
solute) in KCl-LaCD mixtures ( — 0.2 mol of solvent) of 
different compositions. In order to eliminate any possible 
volatilization of the solute liquid (large surface to mass 
ratio), for these measurements we have used the previous­
ly described14 “ double break-off”  technique.

E m f  E x p e r im e n ts . The measurements of the chemical 
potentials of the alkali chloride of mixing in the LaCl3 -  
MC1 mixtures were performed with galvanic cells of the 
type C(s), Cl2(g)|ACl(l)|A+ glass | ACl-LaCl3(l)|Cl2(g), 
C(s). where C(s) and Cl2(g) are graphite-chlorine elec­
trodes and the A - glass membrane is alkali ion conducting

only. The experimental technique and cell design are de­
scribed elsewhere.20

The emf (E )  of the cell is related to the chemical poten­
tial (Apaci) of the AC1 salt in this mixture through the 
equation

A p A n  =  - F E  (1 )

where F is the Faraday constant.

Results and Discussion
In Table I29 we present the results of the liquid-liquid en­

thalpy of mixing experiments. In Figure 1 the interaction 
parameter, AM, is plotted us. mole fraction of LaCl3 . The 
line drawn in the figure represents the “ best” curves. 
With the exception of the LiCl-LaCl3  system the devia­
tion of the actual experimental points from these curves 
represent an error of ±2%  or less of the interaction pa­
rameter. For the LiCl-LaCls system an error of ±5%  is 
estimated. The values of the interaction parameters were 
least-squares fitted to fifth-order polynomials of X 2 (X 2 = 
X i.aci3 ). The coefficients of the least squares and the stan­
dard deviation of the experimental points from the fitted 
curve are given in Table II.

In Table III29 and Figure 2 we present the results of the 
partial enthalpy measurements in the LaCl3 -K C l system. 
The measured partial enthalpies are compared in Figure 2 
with the partial enthalpies obtained from the integral en­
thalpy data by using the graphical method of intercepts. 
Finally in Table IV29 we present the result of the emf 
measurements. In Figures 2 and 3 the chemical potentials 
of the alkali chlorides on mixing are plotted us. mole frac­
tion of LaCU together with the partial enthalpies obtained 
by using the graphical method of intercepts and the ex­
perimental A H Kci in the LaCl3 -K C l system.

In teg ra l E n th a lp ie s . Figure 1 shows that the magnitude 
of AM increases to quite large negative values with increas­
ing size of the alkali metal cation. All the systems studied 
have more negative values of AM in the alkali chloride-rich 
than in the lanthanum chloride-rich region. The composi­
tion dependence of AM for the NaCl-LaCU and especially 
for the LiCl-LaCl3  systems is rather simple. For the sys­
tems involving KC1, RbCl, and CsCl, the composition de­
pendence of AM is somewhat more complicated. Two 
prominent features can be distinguished: (a) in the range 
1 > X 2  >  0.25 the values of AM change sharply with com ­
position, and (b) for X 2 < 0.25 the relative changes of AM 
are small and a broad minimum appears to exist. The ex­
perimental uncertainty, however, does not permit an 
exact determination of the position of this minimum.

According to the Davis, e t  a l . ,6~9 conformal solution 
theory the interaction parameter for charge unsymmetri­
cal binary systems L X j-A X , which consist of purely ionic 
components, is a function of the size parameter oi2 = d  1  

-  d2/d id 2 ( dt =  interionic distance of the ith salt). In a 
family of related systems L X Z-A X  with a common compo­
nent L X e (taken as the reference salt) and at fixed T, P, 
and composition (X ) the first- and second-order approxi­
mation to the enthalpy of mixing is

AM =  a ( T , P , X )  +  b ( T , P , X ) 8 v2 +  c ( T , P , X ) 8 122 (2)

where a, b, and c are complicated integral functions of T, 
P, and X . When polarization and dispersion8’9 interac­
tions are included in the pair potential of the component 
salts the a, b, and c coefficients are modified to include
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4CI 2  A x  .8 LaCij 
MOLE FRALI ¡3N

Figure 1. E ntha lpy in te ra c tio n  p a ra m e te rs  in liqu id  m ix tu res  o f 
la n th a n u m (l 11) ch lo r id e  w ith  a lka li ch lo rid e s .

TABLE II: Least-Squares C oefficients for the 
Binary L iqu id  A lkali C h loride-L anthanum  
Chloride M ixtures"

X51 =  A +  B X ,  + CX 2- + D X -J  + EX,* kc, i /n ,o l

S td
d e v ia -

S y s te m ~A B c - D lE t io n

CsCl-LaClj 26 .76 21 .81 124 .18 156 .62 61 .76 0 .224
RbCl-LaCl, 21 .23 14 .07 86 .68 115 .45 48 .93 0 .198
KCl-LaCh 15 .71 18 .57 85 .33 111 .40 48 .16 0 .204
NaCl-LaCh 9 .29 1 .96 23 .41 33 .65 15 .09 0 .045
LiCl-LaCls 2 .38 - 0 .93 0 .07 0 .070
a I n  d e r iv in g  th e se  c o e ff ic ie n ts , a p a r t  fr o m  a ll e x p e r im e n ta l  p o in ts , w e  

h a v e  m a d e  u se  o f  th e  l im it in g  v a lu e s  o f  th e  in te ra c t io n  p a ra m e te r  (Xo, Xi) 
o b t a in e d  f r o m  t h e  “ b e s t ”  cu rv e s  in  F ig u re  1. T h is  t r e a tm e n t  m a k e s  th e  
a lg e b ra ic  r e p re s e n ta t io n  o f  t h e  d a t a  v a lid  in  th e  c o m p le t e  ra n g e  o f  c o m p o s i ­
t io n .

additional integral terms which arise from these interac­
tions.

The majority of the thus far investigated divalent bina­
ry systems (z = 2) indicate that the experimental interac­
tion parameter is roughly a linear function of 012(1 e., c ~ 
0 ). However, significant deviations from linearity occur for 
LiCl11-14 and for the limiting interaction parameters at 
X 2  = 1 (t.e., XiM) in the case of transition metal chloride- 
alkali chloride binaries.12

In Figure 4 we give a plot of the enthalpy interaction 
parameter vs. 812 for the family of LaCl3-ACl binary 
mixtures. The values of AM at X 2  = 0 (XoM), X 2  = 
0 .5(Ai/2m), and X 2  — l(AiM) are given for each binary. It 
appears that for these systems (z = 3) \M varies quadrati- 
cally with 8\2 and thus the theoretically predicted second- 
order terms in eq 2 are not negligible (c yt 0 ). All three 
coefficients a, b. and c increase with increasing mole frac­
tion (i.e.,  ct 1 x -  o' < u 1 x = i/2>, etc.).

As mentioned in the Introduction the concentration de­
pendence and the possible existence of a minimum in the 
interaction parameter cannot be explicitly deduced from 
conformal solution theory. However, using a simple 
model, previously introduced11 for the study of the diva­
lent charge unsymmetrical systems, we can give a semi- 
quantitative explanation of the concentration dependence 
of AM as follows. Let us first assume that the enthalpy of 
mixing in the LaCl3-ACl systems can be separated into 
two parts

1

F igure 2. Partia l en tha lp ies  and ch e m ica l p o te n tia l in the liqu id 
LaCI3-K C I system : O , e xp e rim e n ta lly  d e te rm in e d  pa rtia l en tha lpy 
o f KCI; V , e xp e rim e n ta lly  de te rm in ed  pa rtia l e n th a lp y  o f LaCI3; 
O , e xp e rim e n ta lly  de te rm in ed  ch e m ica l p o te n tia l o f KCI; (— ) 
pa rtia l e n tha lpy  of KCI ob ta ined by the m e thod  of In te rcep ts .

F igure 3. Partia l en tha lpy  and c h e m ica l po ten tia l o f RbCI, NaCI, 
and LiCl (see F igure  2 cap tion  fo r d e ta ils ).

A//M = A H C +  A H K (3)

The first term ( S H C) in this equation is attributed to 
the changes of the coulombic and dispersion interactions 
during the formation of the mixture. The second term 
represents the enthalpy associated with ordering effects 
(or complexing) in the mixture. This last term was intro­
duced in view of the recent Raman studies on KCl-LaCl3 
liquid mixtures.20 These studies indicate the presence of
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0
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F igu re  4. D ependence  of the in te ra c tio n  p a ra m e te r on the size 
p a ra m e te r <5,2 = d2 — d ^ /d ,d 2.

TABLE V: The A , B , and C  C oefficients in  k ca l/m o l

System — A li - K

CsCl-LaCL 24.2 7 3 . 4

RbCl-LaCL 20.1 6 2

KCI-LaCb 14.4 2.6 2

NaCl-LaCL 9.1 3 0 . 3

LiCl-LaCL" 2.3 1
A s s u m in g  K\.\ =  0 .

F igure 5. In te ra c tio n  pa ram e te rs  in sys tem  fo rm in g  LX 63 co n ­
fig u ra tio n s  (-------) and e xp e rim e n ta l va lues fo r the C sC I-L a C L
b ina ries  (O ) .

proximation varies linearly with X 2

X'' =  A +  B X , (6)

Thus, from eq 4-6 we have

AM =  Xe +  XK =

at least one highly symmetrical complex species whose 
maximum concentration appears to occur near 25 mol % 
LaCU. Assuming that these complexes are characterized 
by a La3* cation having six C l“ anions in the first coordi­
nation sphere and only A* cations in the second shell, we 
can write the equation 
X,LaCl:, +  (1 -  X,)AC1 — >-

X,[(LaCV~)3A+] +  (1 -  4 X ) "A O ”

A m  = X,K  X  < 1/4 (4)
and
X.,LaCl:i +  (1 -  X,)AC1 — *

^ — j ^ ^ [ ( L a C l 63_),3A +] +  )  LaC ’:

A H K =  (^— g - ^ ) x  XL > 1 / 4  (5)

where —K  is the enthalpy of formation of 1 mol of 
(LaCl63* )3 A * . The values of K  depend on the ionic po­
tential of the alkali metal cation and are expected1112 to 
increase in sequences Li < Na < K < Rb < Cs. Equations 
4 and 5 imply that the thermodynamic stability of the 
“ complex”  is not affected by composition changes and 
that the complexing is complete (no dissociation). The re­
sults of previous studies of charge symmetrical and charge 
unsymmetrical binaries in which little or no evidence of 
“ complex”  formation is indicated (e .g. ,  the alkaline earth- 
alkali halides4 or M X 2 -L iX  and M X 2-N aX  binaries10“14) 
suggest that the Ac (A<; = A //M/ X 2(l -  X 2)) to a first ap­

JA +  B X ,  ~  K / ( l  -  X ,) X , <  1/4 
lA  + B X ,  -  K / 3 X ,  X > >  1/4 1 , 1

In Figure 5 we give plots of AK. Xe = A /T / X 2( 1 -  X 2) 
and XM(calcd) for the above model. The values of the 
coefficients A,  B, and K  were calculated by fitting eq 7 to 
the experimental data for the LaCE-CsCl binary. A set of 
experimental values of AM(obsd) at three different compo­
sitions (e .g ., X 2i = 0.1, X 2i = 0.25, X 2i = 0.9) were used 
in eq 7 and the coefficients A¡, B\ and K\ were calculated 
by solving a system of three simultaneous equations. This 
step was repeated for 10 different sets of AM(obsd) and the 
average values of A, B , and K  were calculated and used in 
Figure 5. The model curve AM(calcd) shown in the figure 
is somewhat comparable with the experimentally deter­
mined AM(obsd) for the CsCl-LaCl3  system. Similar cal­
culations of A, B, and K  for the binaries involving RbCl, 
KC1, and NaCl show (Table V) that AM(calcd) for these 
systems are (within experimental error) in agreement with 
AM(obsd). Thus it appears that it is possible, at least in 
principle, to account for the gross features of the shape of 
AM, for the complex forming LaCl3 -ACl systems, in terms 
of the sum Xe + AK.30 Furthermore, the model shows that 
even complete short-range ordering at X 2  = Ys ( i . e ., when 
LaCl63“ does not dissociate and AK possesses a cusp at X 2  

= y4) does not necessarily imply a sharp minimum in the 
overall interaction parameter. When the energetic asym­
metry of \c  ( i .e . , the B  coefficient) is comparable in mag­
nitude with the K  values the existence of a minimum in 
A-M may not be recognized.
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Finally before we close this part of the discussion, we 
should like to stress that the vanishing K  values for the 
NaCl (and LiCl) containing binaries do not exclude the 
presence of LaCle3- configuration in the mixture. Such 
entities may be thermodynamically stabilized by an en­
tropy rather than an enthalpy contribution to the Gibbs 
energy.

Partial Quantities. In Figures 2 and 3 we compare the 
experimentally determined chemical potentials with the 
measured and calculated partial enthalpies. For the bi­
naries containing LiCl and NaCl the differences between 
A/íACi and AH ACl are discrete and increase with increasing 
X 2 , while for the binaries mixtures of KC1 and RbCl the 
differences seems to show a minimum value around X 2  — 
0.25. Even if the errors in the A H a c i  values obtained are 
relative great (±200 cal/m ol for 0.15 < XLaci3  < 0.4) we 
have estimated the partial entropies of mixing and com­
pare them with the predicted from the Temkin32 model 
partial entropies, ASaci = jR In (1 — X 2 ). The comparison 
shows that in the strongly interacting LaCL-KCl and 
LaCU-RbCl systems and for X 2  > 0.25 *he experimental 
partial entropies are less positive than the entropies ex­
pected for a random cation mixture. This is consistent 
with entropy observations in the binary MCI2 -ACI (M = 
Mn, Co, Mg; and A = K, Rb, Cs) mixtures. In these sys­
tems the partial entropy us. X mci2  curves showed inflec­
tion points atX xicij = 0.33.20-22

Finally for the mixtures containing LiCl and NaCl the 
partial entropies are within experimental error, in agree­
ment with the Temkin model. Thus, as in the case of the 
M X 2-L iX  (M = Mn, Co, M g)10,20,21 mixtures, the LaCU- 
LiCl and NaCl-LaCL systems do not deviate significant­
ly from random cation mixtures. This is not very surpris­
ing, since the ionic potential Z / R z +  of the La3+ cation is 
comparable in magnitude with that of M g2+, Co2+, and 
Mn2+.
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The concentration of mercury in the gas phase when liquid mercury is in equilibrium with methanol or 
acetone was measured at pressures up to 30 atm from 220 to 300° using a radioisotope tracer technique. 
These concentrations were up to 21.6% greater than the concentrations in pure mercury vapor at the 
same temperature. The data were used to determine the mixed second virial coefficients for mercury and 
the polar organic molecules. The experimental values for these coefficients were compared with theoreti­
cal values calculated from intermolecular potential functions. The solubility of mercury in methanol or 
acetone can cause an error of about 1 part in 500 in the pressure of gas isotherms measured in the pres­
ence of mercury at about 30 atm if the measured pressure is corrected by subtraction of the normal vapor 
pressure of mercury at the same temperature.

Introduction
The phenomenon of solubility of solids and liquids in 

compressed gases is of great practical interest and is im­
portant wherever compressed gases or vapors are used. Of 
particular interest is the effect of mercury solubility on 
the accuracy of measurements of the volumetric behavior 
of compressed gases in those experiments in which mercu­
ry is used as the confining liquid.

Previous work on the solubility of mercury in com­
pressed gases is very limited. The expression for the solu­
bility has been derived by Ewald, Jepson, and Rowlinson1 
using the equilibrium condition that the chemical poten­
tial of the liquid mercury must equal the chemical poten­
tial of the mercury in the gas phase

l ( c- \ — 25]  ̂ . v ^ B u ~  (3/2)Ci i2 ,
l n  w )  = ---------- V ------------ +  ------------------- F ------------------- +  ( 1 )

The ratio C2 /C20 is a representation of the solubility and is 
the ratio of the concentration of mercury atoms in the 
presence of the added gas to the concentration of mercury 
atoms in pure saturated mercury vapor. B 12 and C1 1 2  are 
the second and third virial coefficients for the interaction 
of one and two molecules of the added gas with one atom 
of mercury. B n is the second virial coefficient of the 
added gas, 0 2 1 is the molar volume of liquid mercury, and 
v is the molar volume of the gas mixture. It is assumed in 
the derivation of eq 1 that (1) none of the added gas dis­
solves in the liquid mercury, (2) liquid mercury is incom­
pressible, (3) the molar volume of saturated mercury 
vapor is much larger than the molar volume of the com­
pressed gas mixture, and (4) the mole fraction of mercury 
in the mixture is very small.

Experimental determinations have been made of the 
solubility of mercury in compressed argon by Stubley and 
Rowlinson,2 and in compressed propane and n-butane by 
Jepson, Richardson, and Rowlinson3 at pressures up to 30 
atm from 184 to 305°. The concentrations of mercury in 
the compressed gases were up to 35% greater than the 
concentrations in pure mercury vapor at the same temper­
ature, thus confirming previous calculations by Jepson 
and Rowlinson4 that this increase in the mercury concen­
tration must affect adversely the accuracy of gas iso­
therms measured in the presence of mercury. No data

could be found in the literature on the solubility of mer­
cury in the gases of polar compounds.

The present study was undertaken to obtain more data 
on the accuracy of gas isotherms measured in the presence 
of mercury. The solubility of mercury was determined in 
compressed methanol and acetone gas, both of which are 
polar compounds.

Apparatus
The apparatus used in this work is a modification of 

that for the radioactive tracer technique developed by 
others3 to measure the concentration of mercury atoms in 
sealed glass tubes. The method avoids the obvious dif­
ficulties of trying to sample and analyze a compressed gas 
mixture in which one of the components is present in very 
small amounts. The concentration of mercury near the 
bottom of a vertical glass tube was determined first for a 
tube containing only mercury vapor and then for an iden­
tical tube containing the compressed gas saturated with 
mercury at the same temperature. Since the count rate is 
directly proportional to the number of mercury atoms, the 
ratio of the two observed count rates is a direct measure­
ment of the solubility of the mercury vapor in the added 
gas. Each tube contained a small excess of liquid mercury 
in a cup at the top to ensure saturation at all tempera­
tures. Figure 1 is a diagram of the apparatus.

The glass sample tube was made of Pyrex precision-bore 
tubing with an internal diameter of 5.00 mm, an external 
diameter of about 9 mm, and a length of about 40 cm. It 
contained about 27 mg of radioactive mercury, and a 
closely fitting Mu metal (a highly magnetic iron-nickel 
alloy) stirrer, 30 mm long, sealed in a 4 mm o.d. glass 
tube. The stirrer could be moved over the whole length of 
the tube up to the mercury cup by two C-shaped, 6-oz 
permanent magnets placed with opposing poles about 2.25 
in. apart on the outside of a vapor bath. The magnets 
were moved up and down continuously by axial bearings 
and a chain-drive mechanism powered, by a simple 25-rpm 
gear motor. During actual counting, the stirrer was held 
stationary near the top of the tube by the magnets.

For safety, the glass sample tube was placed in a non­
magnetic stainless steel tube, with a wall thickness of y16 
in. and an outside diameter of 0.5 in., sealed on the bot-
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Figure 1. Diagram of apparatus.

tom by a welded plug and on the top by a 0.5-in. stainless 
steel Swagelok cap. The glass sample tube and the stain­
less steel case were maintained at constant temperature 
by total immersion in a benzophenone vapor bath. The 
vapor bath was surrounded by a vacuum jacket and con­
tained a glass tube to position the sample tube for count­
ing. The bath temperature was adjusted and maintained 
at the desired value in the range 220-300° by close regula­
tion of the pressure in the closed system. The temperature 
was measured accurately with a calibrated copper-con- 
stantan thermocouple junction located about 1 in. away 
from the mercury droplet in the sample tube. The mercu­
ry droplet was located in a cup near the top of the sample 
tube so as to prevent spurious condensations of mercury 
during start-up and operation of the vapor bath.

The concentration of the mercury was measured, in ar­
bitrary units, by a Nal scintillation probe which was com­
pletely surrounded by 4-in. lead-brick shielding (not 
shown in Figure 1). The counting face of the probe was 
shielded by 2 in. of lead but had a 1-in. square collimator 
so that it received almost all its radiation from the mercu­
ry in the gas phase and very little from the liquid mercury 
at top of the tube. The probe was maintained at a con­
stant 28° by a stream of water flowing through a copper 
coil wrapped around the probe.

Figure 2. The concentration of mercury in saturated gaseous 
mixtures with methanol.

The glass sample tubes were loaded upside down, first 
by pipetting 2 x 10 - 3 ml of liquid mercury, tagged with 
203Hg(fi 2 = 46.59 days) at an initial specific activity of
7.5 mCi/g, and ensuring that the droplet fell through the 
cup hole and into the tip at the bottom of ‘ he tube. Next 
the stirrer was added and the sample tube was attached 
to a vacuum manifold so that the polar vapor could be 
added by distillation in vacuo  from ultra-high-purity 
methanol or acetone. The volume of vapor was measured 
at low pressure (3-10 cm) and 28.0° in a calibrated and 
thermostatted reservoir, and the mass was determined 
from the equation of state up to the second virial coeffi­
cient. Values of B n for methanol and acetone at 28.0° 
were obtained from the literature.5 The filled sample tube 
was sealed off under vacuum with a gas-oxygen torch and 
turned right side up.

A filled tube was inserted in the stainless steel case and 
placed in the vapor bath which was then brought up to 
the desired temperature. The sample was stirred contin­
uously while the count rate was measured on a recording 
rate meter. After the count rate leveled off, which usually 
required 2 days, counts were taken on a scaler at intervals 
of about 4 hr until the agreement between successive 
count rates was less than the statistical error of 0.3% for 
an accumulated count of 100,000. The background was 
never more than 10% of the count rate. Tubes containing 
only the mercury vapor were counted twice, once during 
the methanol series and once during the acetone series. 
Each series consisted of five tubes loaded with mercury 
and organic compound at different densities, and one tube 
loaded with mercury alone. The mercury concentration 
was measured at five temperatures for each tube. At the 
conclusion of the experiments, the tips of the sample 
tubes were broken open to remove the mercury and organ­
ic compound, and to fill the tubes with distilled water. 
The volumes of the tubes were determined from the 
weight and density of water contained in them.

Results
The solubilities were tabulated as the ratio C2 /C20 . 6 The 

pressures listed in this tabulation were determined from 
the equation of state up to the second virial coefficient 
using literature values for B n .7-8 The ratio C2 /C20 in-
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Figure 3. The concentration of m ercury in saturated gaseous 
m ixtures with acetone.
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Figure 5. Second viria l coeffic ients of interaction for m ercury- 
acetone system.

TABLE I: Second Virial Coefficients of 
Interaction for Mercury-Methanol and 
Mercury-Acetone Systems

B\i, c m 3/n io l

T em p , °C M ercu ry -m eth an ol M ercu ry -aceton e

2 2 0 . 0 -126 -156
240.0 -120 -154
260.0 -1 12 -146
280.0 -114 -136
300.0 -110 -123

describing the potential of interaction between a nonpolar 
atom or molecule (subscript n) and a polar molecule (sub­
script p) may be obtained from the following empirical 
combining laws given by Hirschfelder, Curtiss, and Bird10

Figure 4. Second virial coeffic ients of interaction for m ercury- 
methanol system.

creases with increasing gas density at constant tempera­
ture and decreases with increasing temperature at con­
stant density. Figures 2 and 3 show In (C2 /C20) as a func­
tion of the density of the gas. According to eq 1, the 
mixed second virial coefficient B 12 may be calculated 
from the initial slopes of the curves in these figures.

The solubility data were subjected to a regression anal­
ysis which indicated that a second-order polynomial gave 
the most statistically significant fit to the data. Therefore, 
the experiments were not sufficiently accurate for a reli­
able measurement of the third virial coefficient C1 1 2 . 
However, there is no doubt that C1 1 2  must be positive as 
would be expected from the discussion of Rowlinson, 
Sumner, and Sutton.9 Values of B 1 2  were calculated from 
the first coefficient of the second-order polynomials and 
are listed in Table I as functions of temperature. The 
values of B 12 are precise to within 5% and estimated to be 
accurate to within 10%.

Discussion
The experimental values of B 1 2  may be compared with 

those calculated by various methods. The force constants

a np =  +  <rp) ( l  +  ? r 1/6 (2)

fnp =  i n<p(l +  £ )2 (3)

f

4<Tn3<Tp3(en«p)1/2
(4)

a n is the polarizability of the nonpolar molecule and is 
the dipole moment of the polar molecule. The effective 
total energy of interaction between a nonpolar and a polar 
molecule has the same form as that between two nonpolar 
molecules so that ¿ ¡ 1 2  may be estimated from the tabula­
tions of the Lennard-Jones potential. Values of B 12  calcu­
lated from these interaction force constants (refer to 
Table II) are shown as curve b in Figures 4 and 5. The 
agreement between experimental and calculated values is 
very good for the mercury-methanol system, but poor for 
the mercury-acetone system. Also shown as curve a in 
these figures are values of B 1 2  calculated for ideal binary 
mixtures by the method of Prausnitz and Gunn,11 using 
literature values for B n and B2 2 ; 7 ’8 ' 12  not surprisingly, 
there is a complete lack of agreement with the experimen­
tal data.

A method has been presented by Blanks and Praus­
nitz13 for estimating B 12 for nonpolar-polar binary 
mixtures which corrects for the displacement of the dipole
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TABLE II: Molecular Force Constants“

Item  (potentia l fun ction )
M ercu ry  

• Lennard-Jones) M eth an ol (S tockm ayer) A ceton e (Stockm ayer)
E thane

(Lennard-Jones)
Propane 

( Lennard-Jones)

r / k ,  ° K 610 634 479 243 242
<Tj A° 2.85 2.40 3.68
a n , A° 5.39
Mp, D 1.66 2.74
vc, cm3/mol 118 211

R eferences 7, 8, 10, and 12.

from the center of the polar molecule and which empha­
sizes many of the nonpolar characteristics of the polar 
material. The interaction force constants are still obtained 
from eq 2, 3, and 4, but ap, ep, and £ are replaced by rrp', 
ip', and £'. <rp' is defined as

<  = 0.841V.1'3 (5)
where uc is the critical molar volume of the polar mole­
cule. Since polar forces do not seriously affect the molar 
volume at the critical point, eq 5 is an approximate meth­
od for estimating the collision diameter due to nonpolar 
forces only. tp' is defined as the Lennard-Jones energy pa­
rameter of the hydrocarbon homomorph of the polar mole­
cule. The homomorph of a polar molecule is a nonpolar 
molecule having very nearly the same size and shape, i.e., 
ethane and propane are the hydrocarbon homomorphs of 
methanol and acetone, respectively. £' is defined as

f  = (6)

where K p is an empirical, temperature-independent cor­
rection factor which reflects the displacement of the polar 
dipole from the center of the molecule. K p is equal to unity 
when the dipole is at the molecular center and larger than 
unity for all other cases, but is independent of the properties 
of the nonpolar molecule.

Values of B 1 2  estimated from the modified interaction 
force constants (refer to Table II) with K p equal to unity 
are shown as curve c in Figures 4 and 5. In both cases,
calculated absolute values cf B 1 2  are considerably less
than experimental absolute values, possibly because the 
dipole is not located at the center of the polar molecule. A 
trial-and-error calculational procedure was used to deter­
mine which value of K p for methanol and acetone gave 
the best fit to the experimental data. The results yielded 
a value of 1.8 for methanol and 1.4 for acetone and the ap­
propriate calculated values for B1 2  are shown as curve d in 
Figures 4 and 5. However, in view of the very limited data 
available, not much confidence can as yet be placed on 
the reliability of values for K p.

The effect of mercury on the observed gas pressure may 
be calculated by comparing the virial expansions for the 
pressure, pi, of m  moles of gas in a volume, V. in the ab­
sence of mercury with the pressure, p, of rii moles of gas 
and n2 moles of mercury in the same volume, V, at the 
same temperature, T. The result can be mathematically 
approximated as4

- P-  =  -  x / l  +  2R± ---------+  •••) (7 )

Values of X2 , the mole fraction of mercury in the gas mix­
ture, may be calculated from eq 1 since, for small values 
of ri2 , X2 /x2 ° is about equal to C2 /C20. Equation 7 was used 
to calculate hp/p for methanol and acetone in the pres­
ence of mercury at 260° up to a gas density of 1 M . These 
corrections were compared with the usual procedure of 
subtracting the normal vapor pressure of mercury from 
the observed pressure and it was found that at about 30 
atm, an error of up to 0.2% can be introduced into the 
pressure measurement. At higher pressures, the error 
would be expected to increase. However, estimates of this 
error at higher pressures are difficult to make because of 
the lack of accurate data for third virial coefficients.

S u p p lem en ta ry  M a teria l A va ilable. A tabulation of 
mercury solubility in compressed methanol and acetone as 
a function of gas density and temperature will appear fol­
lowing these pages in the microfilm edition of this volume 
of the journal. Photocopies of the supplementary material 
from this paper only or microfiche (105 X  148 mm, 24 X 
reduction, negatives) containing all of the supplementary 
material for the papers in this issue may be obtained from 
the Journals Department, American Chemical Society, 
1155 16th St., N.W., Washington, D. C. 20036. Remit 
check or money order for S3.00 for photocopy or $2.00 for 
microfiche, referring to code number JPC-74-186.
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A phenomenological model describing the kinetics of quenching reactions in micelles is presented. Its va­
lidity is tested by laser photolysis experiments with aqueous solutions containing micellized sodium lau- 
ryl sulfate (NaLS) solubilized pyrene as a fluorescent probe and methylene iodide or nitromethane as 
quenchers. The constants of the distribution equilibrium of these quenchers between NaLS micelles and 
water were determined as KXCH3NO2) = 1.64 X  102 M 1 and /((CH2I2) = 2.5 X  103 M _1 (296°K) using 
the pulse radiolysis method. From the kinetic evaluation we obtain for the specific rates of association 
and dissociation of methylene iodide and NaLS micelles n =  2.5 X  1010 M " 1 sec-1 and k ' = 9.5 X  10® 
sec-1 (296°K). Triplet lifetime measurements with solutions containing micellized cetyltrimethylammo- 
nium bromide (CTAB), anthracene, and Cu2+ ions show that the rate constant for the exit of anthracene 
from the CTAB micelle into the aqueous phase is as low as 2 X  102 sec 1 (296°K).

Introduction
Studies of reaction kinetics in micelles are presently a 

topic of increasing interest in biochemical research, aris­
ing from the similarity of these systems with other multi- 
molecular aggregates like biomembranes and from the 
analogy of micellar and enzymatic catalysis.2 These inves­
tigations are facililitated by new information on the static 
and dynamic properties of micellized surfactants obtained 
from the application of novel techniques in this field. 
Thus an aqueous sodium lauryl sulfate (NaLS) or cetyltri- 
methylammonium bromide (CTAB) micelle is now well 
defined with respect to its size, aggregation number, den­
sity, surface potential3 and microviscosity.4-5 For many 
solubilized “ guest” molecules the dynamic sites of incor­
poration in the micelles are known,® whereas their exit 
rate into the aqueous phase has only been estimated or 
measured in a few cases.7-9 No clear picture exists yet 
from the rate of micelle dissociation since spin resonance 
and temperature jump techniques have yielded inconsist­
ent results, the latter technique predicting much slower 
rates than the former.10

Recently laser and nanosecond flash photolysis tech­
niques have been successfully applied to micellar systems 
using solubilized fluorescent probes and suitable quench­
ers. Information has been obtained on the diffusion rate of 
the probe inside the micellar core,5 the specific adsorption 
of counter ions in the Stern layer,5-11'12 and factors which 
determine the permeability of micelles.5 The photochemi- 
cally active probe such as pyrene which is dissolved al­
most exclusively in the micelle is excited by a laser pulse. 
The behavior of the excited state may then be observed, 
in particular its reaction with a quencher which may be 
primarily dissolved in the water.

Changes in the micelle permeability become manifest in 
changes in the rate constant of the quenching reaction or 
ease of entry of the quencher to the probe. During the dis­
cussion of these results the postulated simple correlation 
between the observed quenching rate and the entry rate of 
the quencher into the micelle may be questioned. The 
opinion is frequently expressed that the dynamics of the

quenching process reflect only the stationary amount of 
quencher inside the micelle since the quencher is in a dy­
namic equilibrium between the aqueous and micellar 
phase, which is not disturbed by the excitation of the 
probe. To elucidate this problem we present now a simple 
kinetic treatment of quenching reactions in micellar solu­
tions. The resultant equations are scrutinized using two 
quenchers with different affinity to the micellar phase. In 
addition, experiments were designed to determine the 
micelle-guest dissociation rate for polycyclic aromatic hy­
drocarbons such as anthracene.
Experimental Section

M ateria ls. Sodium dodecylsulfate (Matheson Coleman 
and Bell, USP grade) and hexadecyltrimethylammonium 
bromide (Fluka purum) were recrystallized from metha­
nol. Pyrene (Kodak) was passed through silica gel in cy­
clohexane solution and then recovered. Nitromethane and 
diiodomethane were purchased from Eastman Organic 
Chemicals and used without further purification. Copper 
sulfate was Baker’s reagent grade. Laboratory distilled 
water was redistilled from potassium permanganate.

S am ple P reparations. Pyrene and anthracene were solu­
bilized in freshly prepared aqueous NaLS (0.1 M ) and 
CTAB (0.05 M )  solutions by stirring the mixtures at 70°. 
The concentration of solubilizate was finally checked by 
optical density measurements. All samples were deoxy- 
genated by bubbling with nitrogen for 30 min.

D yn a m ic S olu biliza tion  S ite  o f  P yren e. Evidence for the 
dynamic solubilization site of pyrene in NaLS micelles 
was obtained from nmr experiments. Shifts of the aCH2 , 
CH2 , and CH3 hydrogen resonance lines to higher fields 
are observed on the addition of pyrene to solutions of 
NaLS in D2 O. The largest change was found in the posi­
tion of the CH2 peaks suggesting that pyrene dissolves 
predominantly in the core of these micelles.

A p paratus. Laser photolysis experiments were carried 
out with a ruby laser Korad K1QP with outputs of 2 J and 
250 mJ in the 695.2- and 347.1-nm lines, respectively. The 
uv pulse had a duration of 20 nsec. Pulse radiolysis exper­
iments were carried out using 10-nsec pulses of 2-MeV
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electrons from a Van de Graaff accelerator. The principles 
and experimental setup of these techniques have been de­
scribed elsewhere.13,14

Theory
F lu orescen ce  Q u en ch ing  inside th e  M ice lle , M igration  

o f  Q uen ch ers b e tw een  th e  A q u eou s  and M ice lla r  Phase. 
The reaction under investigation occurs in an aqueous so­
lution containing the fluorescent probe P solubilized ex­
clusively inside the micelles as one reactant. The other 
reactant, the quencher A, is in a dynamic equilibrium be­
tween the aqueous and micellar phase M

A + M + = *  AM (1)
k'

where n  denotes the second-order rate constant for the 
entry of the quencher into the micelle and k ' is the exit 
rate constant. The ratio n/k' is identical with the distri­
bution constant of the quencher between the micelles and 
water.

K  = n / k ' =  [AM]/[M][A]W (2)

We intend to evaluate the intensity of the fluorescence 
emission, which is proportional to the concentration of ex­
cited probes P *, as a function of time. Since the excited 
states can disappear via  a radiative and nonradiative 
channel, we write

- d P * ( t )  = F ( t ) d t  + Q ( t ) d t  (3)

F (t)  denotes the rate of the fluorescence decay if no 
quencher is added to the solution and Q (t)  is the rate of 
quenching of P* by A. It is obvious that F (t)  can be writ­
ten as

F ( t )  =  k ,P * { t )  (4 )

where k\ is the rate constant for the fluorescence decay in 
a quencher free micellar solution.

The term Q {t)  dt is the number of moles of P* that dis­
appear during t and t +  dt as a result of the quenching 
action of A. We will write the number of moles of A that 
enter the micelles between fy and ti + dti as

n[A]w[M]dG (5)

where [A]w stands for the concentration of A in the aque­
ous phase and [M] is the concentration of micelles. The 
number of moles of P* per mole of micelles is given by

P *(t)/L  M] (6)
We will assume that the probability for a molecule A,
which entered a micelle at time ti, to be in the micelle at 
time t is given by

e x p [~ k '( t  -  fO] (7)
Finally the probability that the quenching by a molecule 
of A, entered at time t\, will occur between t and i + dt is 
given by

kq exp[—&q( t  — ii)] dt if i, > 0 (8)

kq exp[—kqt] dt if t, < 0 (9)

t = 0 corresponds to the time of excitation of the probe 
and feq is the rate constant for the quenching event inside 
the micelle expressed in units of sec-1 . Although k q repre­
sents the rate of the reaction between two particles (the 
excited probe and the quencher) it should be noted as dif­
ferent from the normal second-order rate constant involv­

ing diffusion of two reactants in a solvent in that Fick’s 
law cannot be applied to two or three molecules in a mi­
celle. Combination of eq 5 to 8 allows us to evaluate Q(f) 
dt

P*(t)  r °
Q(t) dt =  J exp [ - P i t  - i,)]£ q X

exp[-^qt]/i [A]W[M] dii di +  exp[-P(t -  O ik , X

exp[—ftq(i -  ii)]/? [A]W[M] dt, dt (10)

where the integration .s performed over ti. After evalua­
tion

Q it) dt =
k q n fA ^ P ^ t y r k q  exp [ - ( k '  +  kq)t]

k' +  kq L k'

Taking into account that at t =  0, P * (t )  = Po

F ‘ “ > -  p * “ p [ - ( * i + t t + t ì) 1 -

“ ¿ 0 ( l - e * p [ - « + M ] > ]  (12,

The first term in the exponential of eq 12 describes the 
quenching kinetics if the value of the parameter B  (c f . eq 
15) is low. In this case pseudo-first-order behavior is ex­
pected. The rate constant for the quenching reaction is 
represented by the complex expression

C =  kqn/  (k' + kq) (13)

and is therefore proportional to the entry rate of the 
quencher into the micelle.

For large values of E  the influence of the second term in 
the exponent of eq 12 will lead to complex decay kinetics 
at the beginning of the reaction. However at longer times 
where exp[-(fe' + k q )t «  1 we again expect first-order 
kinetics. Under these conditions a log P* vs. t plot should 
yield a straight line, whose slope as well as the intercept 
with the ordinate axis (log Po) obtained from extrapola­
tion to zero time is expected to be proportional to the 
quencher concentration

log P0' -  log Po = KkqXA]w/(*' +  kq)2 = -P [A ]W (14)

where
B  = Kkq2/(k' +  k q f  (15)

Relations between the experimental parameters K , B, 
and C and the kinetic parameters k', n, and kq can be 
written as follows

k ' =  C / f K B  (16)

n = C f K j B (17)

kq = C / ( K  -  ] [K B )  (18)

Hence k q, n, and k ' can be evaluated using this kinetic 
analysis provided K , the constant for the distribution 
equilibrium of the quencher between the micellar and 
aqueous phase, is known.

M igra tion  o f T rip lets  from  th e M ice lla r  in to  the A q u e ­
ous Phase. It has been assumed throughout that the fluo­
rescent probe does not leave the micelle during the reac­
tion time of a few hundred nanoseconds. Evidence to jus­
tify this assumption is presented in this paper. For the 
elucidation of these experiments we develop now a kinetic
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equation describing the quenching of long-lived excited 
probe molecules, e.g ., triplets, solubilized in a micellar 
solution. The model makes allowance for the probe to 
leave the micelle; however, the location of the triplet 
quencher is restricted to the aqueous phase. The triplets 
inside the micelles disappear according to

-dP*(M )/df = (*i +  k ')P * (M) -  «[M]P*(H20) (19)

while in the aqueous phase the triplets disappear accord­
ing to

—dP*(H20)/di = ~ k ' P * (  M) +
(M  A] + k, +  n[M] )P*(H20 ) (20)

In the above equations, P*(M) and P*(H20) are the con­
centration of triplet present in the micellar or aqueous 
phase. k\ is the rate constant for the phosphorescence 
decay if no quencher is added to the solution, k ' is the 
exit rate of the triplet from the micelles, k Q is the second- 
order rate constant for the triplet quenching in water. [A] 
and [M] are the concentrations of quenchers and micelles, 
respectively, and finally n  is a second-order rate constant 
describing the reentry of a triplet molecule from the aque­
ous phase into a micelle.

Taking into account that at time t =  0

P H M) = P0 and P H H20) = 0 (21)

The total amount of triplet present obtained from eq 19 
and 20 with the boundary conditions (21) is given by

where
A  = j£q[A] -+- n[M] + 2«; +  k'Y  —

4[(A, + k ' ) ( k l A ]  +  k, +  n[M]) -/i[M]6']|1/2
B  = - U q[A] + ra[M] + 2k , + k ')

C  = -(¿„[A] +  k , +  re[M] + k ')

At low micelle concentration and high quenching efficien­
cy in the aqueous phase the reentry of triplets into a mi­
celle is completely negligible and under this assumption, 
we obtain

P* = P 0* exp[—(k , +  k')t\ x

f 1 + fe„[A] -  k '^  ~  exp[-(^q[A] -  k ' ) t ]) J (22)

At higher quencher concentration we have fe,,[A] »  k ' 
and the second term in the bracket is much smaller than 
1. The observed half lifetime of the triplet is then given 
by

r = In 2/(k ,  + k ') (23)

Results
F lu orescen ce  D eca y  K in etics . To examine the validity 

of the kinetic equations derived above, laser photolysis ex­
periments were carried out with aqueous solutions of mi- 
cellized NaLS using pyrene as a fluorescent probe. Meth­
ylene iodide and nitromethane were chosen as quenchers 
because their distribution constants can be determined 
with the help of the pulse radiolysis method.

D eterm in a tion  o f  D istr ibu tion  C onstants. Upon irradia­
tion of an aqueous solution with a short pulse of high-en-

KX>.iV 50
T

/
/

1 /t

TO nV 50•

L
I
i /

Figure 1. 347.1-nm laser photolysis of aqueous solutions of py­
rene (10 -4  M ) labeled NaLS (0.1 M ) ,  oscilloscope traces of py­
rene singlet fluorescence decay monitored at 400 nm, added 
quencher: m ethylene iodide.

ergy radiation hydrated electrons are formed whose reac­
tions with added scavengers can be followed by fast kinet­
ic spectroscopy. The rate constant for the reaction of eaq_ 
with nitromethane is known to be 2.9 X 1010 M 1 sec- 1 15 
and we determined a value of 3.4 x  1010 A/-1 sec 1 for 
the scavenging rate constant of methylene iodide. In an 
aqueous micellar solution of NaLS only those scavenger 
molecules will react with the hydrated electron which are 
present in the aqueous phase since the solubilized part is 
screened by the negative surface charge of the NaLS mi­
celles.8 Hence the amount of methylene iodide or nitro­
methane dissolved in the aqueouk phase can be calculated 
from the relation

[A]w
In 2 /I 1 \

k s  \ t  t J
(24)

where k s is the bimolecular rate constant for the reaction 
of eaq_ with the scavenger and 1/r or 1/ro are the half 
lifetimes of the hydrated electron in the presence or ab­
sence of scavengers, respectively. From [A]w and the total 
scavenger concentration the distribution constant K  can 
be obtained (eq 2). To calculate the concentration of 
NaLS micelles from the amount of dissolved surfactant 
we used an aggregation number of 62 and a critical mi­
celle concentration of 8.2 x 10-3 M .16 From a series of ex­
periments with different soap concentrations we obtain17 
K(CH2I2) = 2.5 x 103 M "1 and X(CH3N 02) = 1.64 X 102 
M -1 . With a knowledge of the distribution of methylene 
iodide and nitromethane between the micellar and aque­
ous phase we now proceed to examine the kinetics of the 
fluorescence of solubilized pyrene in the presence of these 
quenchers. First we will describe experiments with meth­
ylene iodide.

Typical oscilloscope traces of the fluorescence decay 
monitored at X = 400 nm are shown in Figure 1. In the 
absence of quenchers a smooth exponential decay is ob­
served. Addition of methylene iodide causes a fast spike to 
appear in the initial part of the curves and at higher con­
centrations a reduction of the signal height immediately 
after the laser pulse. Figure 2 shows semilogarithmic plots
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t [ns]

Figure 2. Sem ilogarithm ic plots of pyrene fluorescence decay 
curves: [pyrene] =  10-4  M , [NaLS] =  0.1 M , [CH2l2]w  =  0, 
2.9 X 10- 4 /W, 5.8 X 10-4  M , 1.16 X 10- 3 M (from  the to p ).

Figure 3. The e ffect of aqueous m ethylene iodide concentration 
on the first-order decay rate of the pyrene singlet fluorescence, 
[pyrene] =  10-4  M , [NaLS] =  0.1 JW.

of the fluorescence intensity vs. time at various quencher 
concentrations. The curves obtained with solutions con­
taining CH2I2 evidently consist of two parts. A very steep 
decay at the beginning of the reaction is followed by a less 
steep linear part after longer times which obeys first-order 
kinetics. These straight lines represent the tails of fluo­
rescent decay curves such as Figure lb  and lc and an ap­
parent rate constant for the quenching reaction can be ob­
tained from their slope

U  = + CtCHalJw (25)

k<p values from Figure 2 and other curves which we have 
omitted for clarity of representation are plotted vs. the 
methylene iodide concentration in the aqueous phase in 
Figure 3 and we evaluate C = 2.1 X 1010 M -1 sec-1 . To 
determine the parameter B  defined in eq 15 the straight 
lines in Figure 2 were extrapolated back to the ordinate 
axis to yield the intercepts log /</ and log Io, the intercept 
for the upper decay curve where no quencher was present 
in the solution. In order to account for the finite length of 
the laser pulse the zero of the time axis was set 10 nsec 
after the beginning of the pulse. The difference log Io' -  
log Io is identical with the difference log P o' — log Po 
since the intensity of the fluorescence emission is always 
proportional to the number of excited molecules. Log P o' 
-  log Po is plotted vs. the concentration of methylene io­
dide in Figure 4. To fit eq 14 a straight line was drawn 
through the experimental points and the origin of the 
coordinate system. From the slope we obtain B  =  1970

[ c h 2 i 2 ] w m

Figure 4. The effect of aqueous m ethylene iodide concentration 
on the extrapolated intercept log /0'.

Figure 5. F luorescence decay data in aqueous solutions of py­
rene labeled NaLS and added nitromethane: [pyrene] =  10-4  
M , [NaLS] =  0.1 M , [CH: N 0 2]w  =  0, 2.7 X 10- 3 , 5 X 10-3  M  
(from the top).

M -1 . Inserting the values of B, C, and K  in eq 16-18 we 
can calculate the rate constants of the entry, exit, and 
quenching reaction of methylene iodide: n =  2.5 x 1010 
M -1 sec-1 , k ' =  9.5 x 106 sec-1 , and k q =  7.5 x 107 
sec-1 . An analogous investigation was carried out with 
micellized NaLS solutions containing solubilized pyrene 
as a fluorescent probe and nitromethane as a quencher. In 
contrast to the results obtained with methylene iodide we 
find for this quencher simple pseudo-first-order kinetics 
within the concentration range studied. This is illustrated 
by Figure 5 where the logarithm of the fluorescence inten­
sity is plotted vs. the time for several quencher concentra­
tions. The straight lines meet at the ordinate axis nearly 
at the same log Io that is obtained from the fluorescence 
decay curve of the nitromethane free solution. Hence the 
parameter B  must be relatively small for this system. The 
quenching rate constant C = 2.7 x 109 M -1 sec-1 was ob­
tained from a plot analogous to Figure 3.

E x it  R a te  o f  A n th ra cen e  from  A q u eou s  C T A B  M icelles . 
In an effort to determine the exit time of polycyclic aro­
matic hydrocarbons from the interior of the micelles into 
the aqueous bulk phase we have used triplet excited an­
thracene as a probe. The advantage of this probe is a long 
lifetime (radiative rate constant of the phosphorescence k 
=  30 sec-1 ) and a strong and clearly distinguishable opti­
cal absorption (e = 6.47 x 104 AT-1 sec-1 at 425 nm). To 
facilitate the kinetic evaluation and to comply with the 
boundary conditions cf the kinetic model derived above,
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Figure 6 . The effect of cupric ions on trip le t ha lf-life tim es of an­
thracene (10 -4  M) solubilized in 5 X  10-2 M  CTAB.

we used Cu2+ ions as triplet quenchers, as the access of 
these ions to the micellar interior is restricted by the posi­
tive surface charge of the CTAB micelles. Both the rate 
constant for triplet-triplet annihilation and the quenching 
reaction by Cu2+ are known, their respective values being 
2 X 1010 and 108 M 1 sec-1 . Solutions of ICC4 M anthra­
cene solubilized in 5 X  10-2 M CTAB were used through­
out the experiments. We find that the half lifetime of 
triplet excited anthracene in such a solution is between
1.5 and 2 msec decreasing slightly with increasing intensi­
ty of the laser beam. Probably impurities at a concentra­
tion level below ICC6 M  are responsible for this behavior. 
Addition of 5 X 10-4 M  Cu2+ decreases the half lifetime 
to 1.2 msec. The half lifetime observed is hardly affected 
by further addition of Cu2+ as is illustrated by Figure 6 
which shows a plot of the reciprocal triplet half lifetime 
vs. the concentration of Cu2+ ions. The curve bends 
sharply at [Cu2+] =  4 X 10-3 M . Apparently at this bulk 
concentration the amount of copper ions present in the 
Stern layer is substantial enough to cause a direct 
quenching of triplets solubilized inside the micelle. The 
kinetics of this process are pseudo-first-order with respect 
to the bulk concentration of Cu2+ and a rate constant 4.3 
X  105 M -1 sec-1 is obtained from the slope of the straight 
line in Figure 6. It should be noted, however, that this 
line has a positive intercept with the abscissa at [Cu2+] = 
2.8 X 10-3 M . This means that at [Cu2+] < 2.8 x 10-3 M  
there is no contribution from this latter type of quenching 
process to the radiationless deactivation of anthracene 
triplets and the triplet decay is described by eq 22. In the 
plateau region the rate of the quenching reaction in the 
aqueous phase is much higher than the exit rate of an­
thracene. The half lifetime in the plateau region (r ~ 1 
msec) is then given by eq 23 from which we evaluate k ' =  
2 x  102 sec - 1 .

Discussion
The results presented above illustrate some of the ki­

netic characteristics of reactions in micellar solutions 
where the reactants may be found in either the aqueous 
bulk phase or in the distinct microenvironment of the hy­
drocarbon interior of the micelle.

To describe the kinetics of reaction of a fluorescent 
probe solubilized exclusively in the micellar core with a 
quencher, which can be present in water and micelles, it

is necessary to know the distribution of quenchers be­
tween the two phases. Fortunately the pulse radiolysis 
method provides a convenient means of determining the 
distribution constants for nitromethane and diiodo- 
methane. The value K  — 2.5 x  103 M -1 obtained for CH2I2 

reflects the strong affinity of this solute toward NaLS mi­
celles and is comparable to K  =  4.58 X  103 M  1 reported 
for di-fert-butyl nitroxide.9 Nitromethane on the other 
hand dissolves in micelles to a much smaller extent. The 
value K  =  1.64 X  102 M 1 implies that in a solution of 0.1 
M  NaLS only 20% of the quencher is associated with the 
micelles. However, this is still greater than we would ex­
pect if a statistical distribution of nitromethane between 
the two phases existed as in a 0.1 M  NaLS solution only 
2% of the total volume is hydrocarbon phase.18

In general the picture of the fluorescence decay curves 
obtained with these two quenchers substantiates the va­
lidity of the kinetic model presented here. This is illus­
trated in Figures 2-4 where the results for methylene io­
dide are evaluated according to eq 12, 14, and 25. In par­
ticular, Figure 4 shows that the intercepts log P o' plotted 
vs. the concentration of methylene iodide in water fit a 
straight line passing through the origin of the coordinate 
system as predicted by eq 14. An exception is the point 
representing the lowest value of [CH2I2]h2o which deviates 
remarkably from that line. Evidently this reflects a de­
crease of B  and therefore a decrease of kq at lower methy­
lene iodide concentration in the micelle. Such a change of 
k q could be caused by a change in the site of incorpora­
tion of CH2I2 . The periphery region of NaLS micelles is 
apparently preferred by the first few CH2I2 molecules, the 
penetration of the inner core occurring only at higher 
methylene iodide concentration. Such behavior is common 
in solubilization processes19 and we have additional evi­
dence to support this interpretation from other laser pho­
toionization experiments. (Photoelectrons are ejected from 
pyrene which is solubilized in the interior of NaLS mi­
celles. They can react with suitable scavenger molecules 
the cross section of this reaction depending on the solubil­
ization site of the scavenger. Molecules residing in the pe­
riphery region of the micelles are much more efficient 
scavengers than those incorporated in the micellar core.)

From the kinetic analysis it is possible to derive rate 
constants for the entry and exit of methylene iodide, 
which show that NaLS micelles are very permeable to 
such a small molecule. The entry rate constant n =  2.5 X 
1010 M 1 sec-1 (296°K) is more than 10 times greater 
than n =  1.48 X  109 M  1 sec-1 reported for di-terf-butyl 
nitroxide probably because of the bulky size of the latter. 
Our value is however still below the upper limit for a dif­
fusion controlled rate which for a micelle with r = 16 A is 
about 1011 M 1 sec L The exit rate constant k ' = 9.5 X 
106 sec-1 has to be compared with k ' =  4.3 X  10® sec-1 ,
1.2 X  105, and > 104 sec-1 reported for di-teri-butyl ni­
troxide,9 biphenyl,8 and benzene,7 respectively. Finally 
the specific rate of the quenching reaction in the micellar 
interior k q = 7.5 X  107 sec-1 is the five times larger than 
k q = 1.5 X  107 found for the specific rate of pyrene excim- 
er formation in dodecyltrimethylammonium bromide mi­
celles.20 This is not surprising since the rate constants for 
these two reactions in cyclohexane differ already by nearly 
a factor of 3 and steric requirements may slow down the 
excimer formation in the micelle.

In solutions of pyrene labeled NaLS micelles and nitro­
methane the quenching reaction obeys simple pseudo­
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first-order kinetics as illustrated by Figure 5. It remains to 
check if this is in accordance with the present model. In­
spection of eq 12 shows that pseudo-first-order behavior is 
expected only if parameter B  for nitromethane is much 
smaller than that for methylene iodide. The value of 
B(CHsN0 2 ) may be estimated by assuming that the ratio 
of kQ for the quenching reaction of methylene iodide and 
nitromethane in the micelle is equal to the ratio of the 
rate constants in cyclohexane.

sq<CH2I2)/^(CH:1NO,) = 3

Then fe'(CH3N02> can be calculated from eq 2 and S as

u  = ____1____
^ K / C - l / k q

and the following value is obtained: fe' ~  6 x 107 sec-1 , n 
^  1010 M -1 sec-1 , B ^  14 M -1 . Although this value of B 
can only be regarded as a rough estimate it shows that the 
contribution of the third term in eq 12 is negligible in the 
concentration range of CH3 NO2 that was investigated. 
Under the conditions used, ec 12 predicts pseudo-first- 
order kinetics in agreement with the observation.

While the micelle-water boundary does not greatly pre­
vent the movement of small molecules from the micellar 
into the aqueous phase it certainly restricts the exit rate 
of polycyclic aromatic hydrocarbons. In aqueous solutions 
of anthracene solubilized in CTAB micelles the half life­
time for its triplet state is 1.6 to 2 msec. If the exit rate 
constant k ' for anthracene was in the order of 105-107 
sec-1, the triplet-triplet annihilation in the aqueous 
phase would determine the decay kinetics. The rate con­
stant of this reaction (k =  2 X 1010 M -1 sec-1) and the 
initial concentration of anthracene triplets (c °  = 5 X  10-6 
M ) yield a first half lifetime of 10 /¿sec. From the mea­
sured half lifetime it is alread possible to infer that k ' <  
103 sec-1 . The results obtained with solutions containing 
Cu2+ ions as quencher amplify this conclusion. Upon ad­
dition of 5 X 10-4 M  Cu2+ to anthracene labeled CTAB 
micelles, the triplet lifetime decreases from 1.6 to 1.2 
msec. From this plateau value we calculate k ' =  2 X  102 
sec-1 . Since the half lifetime in the plateau region is close 
to that of solutions without added cupric ions this value 
may possibly represent only a higher limit of k ' .

Conclusions
The kinetic model presented in this paper describes 

some of the unique features of reactions in micellar solu­
tions. Experimental results obtained from quenching ex­
periments are in good agreement with the predictions of

the kinetic equations and yield values for exit and entry 
rates of guest molecules. It is shown that the rate con­
stants depend on the size and hydrophobicity of the solu­
bilized entities and differ by many orders of magnitude, 
very low values being obtained for polycyclic aromatic hy­
drocarbons.
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An equilibrium between triplet states, DT + A «=? D + AT, was directly observed by pulse radiolysis 
and laser photolysis techniques. It was demonstrated that the free-energy difference calculated from the 
equilibrium constant is equivalent to the difference in energy between the triplet states. The triplet en­
ergy of a solute can be determined by measuring the equilibrium between the triplet state of this solute 
and another triplet of known energy. Triplet energies thus obtained are (in eV) biphenyl, 2.93, m -ter- 
phenyl, 2.88, and p-terphenyl, 2.66 which are higher than the phosphorescence energies and 1,1'-binaph­
thyl, 2.53 and l,2'-binaphthyl, 2.43 which agree with the phosphorescence energies. The triplet energy 
obtained by this method is considered to correspond to the non vertical triplet energy.

Introduction
Sandros23 has found that in solution triplet energy 

transfer from a donor triplet to an acceptor proceeds with 
a diffusion-controlled rate constant and that the reverse 
reaction occurs with a diffusion-controlled rate constant 
multiplied by e x p ( -A E r / R T ) ,  where l E r  is the differ­
ence in triplet energy between the donor and acceptor 
molecules. The relationship between the forward and the 
back reaction rate constants or the equilibrium constant 
has been used to estimate the triplet energy of several 
compounds,2t>-3 and it has also successfully explained the 
dependence of emission4-5 and esr signals of excited states 
in mixed crystals on temperature.6

It is possible to observe directly an equilibrium between 
two excited triplet states

Dt -  A j ±  D +  A T (1)

where D and A refer to the donor and acceptor, respec­
tively, and the superscript T refers to the triplet state. In 
particular Kikuchi and coworkers7 have observed such an 
equilibrium in the eosin-anthracene system. An equilibri­
um constant K  may be defined by

K  = [AT][D][A]” 1[DT]“1 (2)
and provided a true equilibrium is attained then the free- 
energy change in the process AG is given by

-A G  = 2.303R T  log K  (3)

The assumption then may be made that -A G  is equiva­
lent to the difference in the energies of the triplet states 
A E t -

In the present study the equilibrium constant K  was 
measured directly by using the pulse radiolysis and laser 
photolysis techniques. A prior examination in systems 
where the triplet energies are known precisely confirmed 
the assumption that —AG = A E j .  The technique was 
then applied to determine the triplet energies of biphenyl, 
terphenyls, and binaphthyls. It is suggested3-8 that these 
molecules have a twisted configuration in the ground state 
and a planar configuration in the triplet state. Hence 
phosphorescence studies do not necessarily give the cor­
rect triplet energy. However in the present technique the 
nonvertical energy of triplet state is measured rather than

the vertical energy which is measured by phosphorescence 
studies.

Experimental Section
The nanosecond pulse radiolysis and laser photolysis 

systems have already been described.9 The pulse radioly­
sis experiments were carried out with 5-nsec pulses of
7-MeV electrons with a dose of 1020 eV/1./pulse. The laser 
photolysis experiments were carried out with 15-nsec puls­
es of light of wavelength of 347.1 nm with 0.1 J in the 
pulse. All samples were degassed by bubbling with N2 gas 
for a prolonged period, and all experiments were carried 
out at a temperature of 26 ± 1°.

Benzene was obtained from Fisher Chemicals as 99 mol 
% reagent grade. Naphthalene and chrysene were recrys­
tallized from ethanol; phenanthracene and m-terphenyl 
were zone refined by the J. Hinton Co.; pyrene was puri­
fied by column chromatography. All other chemicals were 
reagent grade and were used without further purification.

Results
Benzene was used as a solvent in all the systems stud­

ied as it has been established that in radiolysis excited 
states with a yield of G(singlet) = 1.62 and G(triplet) =
3.8 molecules/100 eV are produced10 while the yield of 
ions is much lower with G(ions) =; 0.3 molecules/100 
eV iob,c Hence the overall picture is the production of ex­
cited states in the radiolysis of benzene with a subsequent 
transfer of both singlet and triplet energy to the solutes. 
Intersystem crossing will rapidly produce exclusively trip­
let states of the solutes for observation

hv c rp solute c rj,
benzene -----► B + B --------- ► Ss + ST

(B) (S) \  ST

N a p h th a len e-C h rysen e. The transitory triplet spectra of 
naphthalene and chrysene are observed in the pulse radi­
olysis of these solutes in benzene. Typical spectral data 
are shown in Figure 1, where the 425-nm absorption maxi­
mum of the naphthalene triplet which is observed at the 
end of the pulse is subsequently partially replaced at 400 
nsec by the 580-nm band of the chrysene triplet. The 
much higher concentration of naphthalene first accepts 
the energy from the benzene, followed by the formation of
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Figure 1. Time dependence of the transient spectrum  in a 236 m M  
naphthalene-0.54 m/W chrysene solution in benzene. Triangle 
marks indicate the absorption of chrysene trip le t alone.

time -----►

Figure 2. The growth and decay of trip le t states of naphthalene 
(425 nm) and chrysene (580 nm) in the pulse radiolysis (a) and 
in the laser photolysis (b).

an equilibrium between the triplet states of the two so­
lutes. In Figure 2a, the 425-nm absorption decay is ac­
companied by the concomitant growth of the 580-nm ab­
sorption up to a certain point, after which both triplet 
states show identical decay. In Figure 3 the ratio of both 
absorptions is plotted vs. time for different chrysene con­
centrations. Initially the ratio decreases but a plateau is 
attained after 1 msec, indicating the identical decay of 
both triplets and the establishment of an equilibrium. 
The equilibrium constant is then calculated from the ratio 
obtained at the plateau.

Other examples of transient spectra in some systems 
under equilibrium conditions are shown in Figure 4.

In the pulse radiolysis experiments triplet energy is 
transferred from naphthalene to chrysene, due primarily 
to the choice of experimental conditions. However, for a 
true equilibrium it should be possible to transfer the ener­
gy from chrysene to naphthalene. This is conveniently 
carried out in the above system by selectively exciting the 
chrysene which has a 0-0' band at 27,700 cm-1 with the
347.1-nm line (28,800 c m '1) from a doubled ruby laser. 
Naphthalene does not absorb at this frequency and the 
chrysene is selectively excited to the singlet state, which 
subsequently produces the triplet state by intersystem 
crossing, and finally the equilibrium between the solute 
triplets is set up. It is also possible to study the chrysene 
l,T-binaphthyl by the laser technique. The data for the
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Figure 3. The change in the ratio of the trip le t absorptions of 
naphthalene (425 nm) and chrysene (580 nm): naphthalene 
concentration, 204 mM. Chrysene concentrations are given in 
the figure.

Wavelength , nm

Figure 4. Transient spectra under the equilibrium : O , 208 mM  
naphthalene-2.3 m M  1,1'-b inaphthyl at 200 nsec and • ,  16.5 
m M  1,1 '-b in a p h th y l-1 .3 mlW chrysene at 600 nsec.

naphthalene-chrysene system is shown in Figure 2b where 
in contrast to the pulse radiolysis data the chrysene trip­
let is first formed and the naphthalene triplet is subse­
quently formed. A small portion of naphthalene triplet is 
formed initially due to a two photon excitation of the 
naphthalene.

E valu ation  o f  th e  E quilibrium  C on stan t. To evaluate 
the equilibrium constant, eq 2 is modified as follows. Op­
tical densities at wavelengths d and a where the triplet 
state of the donor and acceptor, respectively, absorb pre­
dominantly are given by

ODd = l(eAd[AT] + eDd[DT]) (4)

ODa = l(iAa[AT] + eDa[DT]) (5)

where subscripts D and A indicate triplet states of the 
donor and acceptor, respectively. These lead to

ODa -  mODd = eAa(l -  m n )[AT] (6)

ODd -  n.ODa = eDd(l -  mn)[DT] (7)

with m  = tDa/tDd and n =  tAd/cAa.
Substitution of eq 2 with eq 6 and 7 produces the rela­

tionship

(ODa -  mODdXODd -  rcODT1 = ^ W r 'C A l D ] -1 (8)
Values of m  and n  were determined from the spectra of 
the triplet states of the donor and acceptor. The plots of 
eq 8 shown in Figures 5 and 6 establish the validity of the 
treatment. The analysis is successful even in a l.l'-bi- 
naphthyl-chrysene system where the absorption spectra of 
both triplet states overlap as shown in Figure 4.
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Figure 5. A plot based on eq 8 for a naphtha lene-1 ,1 '-b inaph­
thyl system, where m  ~  0. Concentrations of naphthalene are: 
O, 23.4 m M ; A , 55.0 m M ; • ,  82.5 m/W; <>, 204 m/W.

Figure 6. A plot fo r a 1,1 '-b inaph thyl-chrysene system. The 
same samples were measured by means of the pulse radiolysis 
(O ) and laser photolysis ( • )  methods.

TABLE I: Energy Difference in eV between Triplet 
States in Various Systems

D on or A cceptor - A G A E (phos) A2?t

Naphthalene Chrysene 0.172 0.16
Naphthalene 1,1 '-Binaphthyl 0.124 0.11
1,1 '-Bi- Chrysene 0.050 0.05

naphthyl
Phenanthrene p-Terphenyl 0.032 0.14 0.03
p-T  erphenyl Chrysene 0.172 0.07 0.18
p-Terphenyl 1,1'-Binaphthyl 0.134 0.02 0.13
Benzophenone Biphenyl 0.081 0.16 0.08
Benzophenone m-Ter phenyl 0.132 0.22 0.13
Chrysene 2,2 '-B inaphthy 1 0.052 0.06
Pyrene 1,2'-Benzan- 0.036 0.03

thracene

The extinction coefficient ratio, f,\a/fDd, is needed in 
order to evaluate the equilibrium constants. The extinc­
tion coefficients of some of the triplet absorptions studied 
have been measured by Bensasson and Land.11 For other, 
compounds not listed in their paper, the extinction coeffi­
cient was determined in a similar fashion by transferring

Wavelength , nm

Figure 7. T-T  absorption spectra of 1,1'- ( • )  and 2,2 '-b inaph- 
thyl (O ) taken at 300 nsec in benzene solution. Short-lived 
species observed im mediately after the pulse have vanished at 
300 nsec.

a ------>•
Figure 8. Schem atic diagram  of ground and trip le t states of po­
lyphenyls.

triplet energy from the benzophenone triplet to the accep­
tor. The extinction coefficient of the benzophenone triplet 
is 7630 M^1 cm-1 at 532.5 nm11 which enables an accu­
rate calculation of the triplet concentration to be carried 
out from the triplet optical density. As the transfer of 
triplet energy is quantitative, the concentration of the ac­
ceptor triplets is established and the extinction coefficient 
is then calculated from the optical density in the usual 
fashion. The extinction coefficients at wavelengths of in­
terest in the present measurements which were not neces­
sarily the absorption maxima are listed in Table II. The 
spectra of the triplet state of binaphthyls which have not 
been previously reported are shown in Figure 7.

The energy differences, —AG, calculated by eq 3 are 
summarized in Table I. The total experimental error in 
the equilibrium constants is less than a factor of 1.5, v i z .  

the values are within 67 and 150%. This deviation corre­
sponds to ±0.01 eV in —AG.

Discussion

The differences in the triplet energy of various donor- 
acceptor pairs based on phosphorescence measurements8’12 
are given in Table I and compared with the present 
-A G  measurements. The phosphorescence spectra are af­
fected by both solvent and phase, and the error in the 0-0 
energies is believed to be greater than ±0.01 eV.8 There­
fore, the agreement between —AG and A£(phos) in Table
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TABLE II: Various Parameters for Triplet States

M olecu le

«T X 104 
(at X, n m ),°  
M ~l c m -1 E (p h os), eV Et , eV

Benzophenone 0.76 (535) 3 .OP
Biphenyl 1.8 (395} 2.85 2.93
m-Terphenyl 1.3 (395} 2.79 2.88
Phenanthrene 1.6 (490} 2 ,696
Naphthalene 1.3 (425) 2 . 6 4 k
p-Ter phenyl 9 .0  (460) 2.55 2.66
1,1'-Binaphthyl 1.2 (615) 2.53 2.53
Chrysene 1.8 (480) 2.48
2,2'-Binaphthyl 2 .4  (450) 2.42 2.43
Pyrene 2.1 (425) 2.08e
1,2-Benzanthracene 2.1 (495) 2.05e

a E x tin ction  coefficient o f  th e  T - T  absorption . b Energy chosen as the
standard. c A  p yren e-1 ,2 -b en zan th racen e pair w as m easured on ly  to  assure 
va lid ity  o f  the m ethod.

I may be judged satisfactory if both are within a deviation 
of ±0.02 eV.

Good agreement between - A G and AE(phos) is ob­
tained in the systems, naphthalene-chrysene and pyrene-
1,2-benzanthracene, where the phosphorescence energies 
refer to the correct triplet energy for each component. The 
agreement also holds in donor-acceptor pairs containing 
binaphthyls apart from p-terphenyl-binaphthyl. The first 
three systems given in Table I demonstrate the close 
agreement of the -A G  and AE(phos) values. Further­
more, for naphthalene-chrysene -A G  = 0.172 eV, and for 
naphthalene-1, Tbinaphthyl - A G = 0.124, from which 
one can calculate -A G  = 0.048 for the l,l'-binaphthyl- 
chrysene system, which agrees with the measured value of
0. 050.

In systems containing biphenyl or terphenyls, the mea­
sured -A G  does not agree with AE(phos). However, in 
the p-terphenyl system good agreement between the cal­
culated A E t and the measured —AG may be obtained if a 
value of 2.66 eV is used for the p-terphenyl triplet instead 
of 2.55 eV measured in phosphorescence. It is also noted 
that the energy is not transferred from the triplet naph­
thalene to p-terphenyl which indicates that the triplet en­
ergy of p-terphenyl is higher than that of naphthalene,
1. e., 2.64 eV. Similarly, a triplet energy that is higher than 
the phosphorescence energy is indicated for biphenyl and 
m-terphenyl by the present data. Revised triplet energies 
may be calculated from the present data and are listed as 
E t in Table II. Benzophenone, naphthalene, and phenan- 
threne in which the 0-0 band of the phosphorescence 
agrees with that of the S-T absorption8,13 were chosen as 
standards of triplet energy.

Biphenyls and terphenyls take on a twisted conforma­
tion in the ground state both in the gas phase and in solu­
tion, but become planar in the singlet excited state.14,15 A 
similar planar or less twisted conformation is suggested 
for the triplet state by the fact that the S-T absorption of 
these molecules appears at shorter wavelengths than the 
shortest wavelength of phosphorescence. A schematic 
drawing of the situation is given in Figure 8. In the ground 
state the molecule is stabilized by rotation around a C-C 
bond between the phenyl groups by f i g .  The molecule ab­
sorbs the energy for the transition A' •*— A and emits the 
phosphorescence corresponding to B' —*• B. The actual 
triplet energy is given by the difference between B' and A 
which is not obtained spectroscopically. The only attempt

to determine such nonvertical triplet energies has been 
made by Wagner, who obtained a triplet energy of 68.5 
kcal (2.97 eV)3b for biphenyl, from the quenching of the 
phosphorescence of benzophenone and other compounds 
by biphenyl and other aromatic solutes. The energy ob­
tained in the present study is considered to be related to 
the net energy (B' -  A) of the triplet state. Actually, the 
revised energy for these molecules in Table II lies between 
the highest phosphorescence band and the lowest S-T ab­
sorption band, as expected from the above scheme. The 
fact that the same triplet energy is obtained for p-ter­
phenyl in both measurements where p-terphenyl is used 
as either donor or acceptor suggests that the equilibrium 
method gives the energy difference B' — A.

The stabilization energy of the ground state of biphenyl 
has been reported to be 0.08 eV at fig =  42°.16 The stabili­
zation energy, 5Eg, gained by a twisting from 0t where the 
molecule phosphoresces to fig is evaluated to be 0.08 eV 
from a relation, fiEg =  A E t  -  AE(phos). The agreement 
of these two values indicates that the triplet state of bi­
phenyl is planar, because if it were not planar, &Eg would 
be smaller than 0.08 eV. The stabilization energy in the 
ground state has not been established for other polyphen­
yls.

The net triplet energy of binaphthyls is in agreement 
with the literature phosphorescence data. This is not sur­
prising as in l,l'-binaphthyl the hydrogen atoms attached 
to the 2 and 8'- positions prevent the molecule from taking 
a planar conformation. However in 2,2'-binaphthyl such 
steric hindrance does not exist but the agreement of —AG 
and AE(phos) is good. However, Marchetti and Kearns8 
have found that the relationship between the phosphores­
cence and S-T absorption spectra of 1-phenyl- and 2- 
phenylnaphthalenes is similar to that of naphthalene de­
rivatives rather than that of polyphenyls. This observation 
and the present results suggest that the molecular confor­
mations of naphthalene derivatives are mainly governed 
by factors other than that of steric hindrance.
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COMMUNICATIONS TO THE EDITOR

Electron Paramagnetic Resonance of Adsorbed 
Nitroxide

Publication costs assisted by the Petroleum Research Fund
Sir: We have performed epr studies of di-ieri-butyl ni­
troxide (DTBN) adsorbed on silica-alumina. As is also 
true for C>2 ~ and NO,1 the parameters of the DTBN spin 
Hamiltonian (SH)

H  =  /?S-g-H + A NSZ/Z +  B u iS y lx  + Sy/y)

are sensitive to the nature and strength of surface interac­
tions. In the powder spectra of DTBN on surfaces or in 
frozen solutions the parallel component of the anisotropic 
14N hyperfine splitting (hfs), A N, gives well-resolved split­
tings (Figure 1A). Complexing a nitroxide with an elec­
tron pair acceptor (A) stabilizes the resonance structure 
with the unpaired spin on nitrogen, I, shifting spin density

t  —
(/-Bu)2N— Q:A ■*—*■ (i-Bu)2N —  Q:A

I n
toward N and resulting in an increase in A N. This change 
in A n increases with the strength of the interaction, and 
thus A lN may be used as a measure of electron pair accep­
tor strength. When the nitroxide is complexed with a 
strong Lewis acid, additional information may be avail­
able from the observation of hfs by the coordinating nu­
cleus of the acid.2 An advantage to the utilization of 
DTBN as a surface probe, as opposed to 02“ or NO, is 
that it also forms complexes with molecular Lewis acids 
in free solution;2 thus for the first time we use a radical to 
compare the properties of a surface site with those of a 
well-defined solution species.

Silica-alumina (13% alumina) is first calcined in oxy­
gen at 500° to remove impurities, rehydrated by exposure 
to water vapor at room temperatures, and then activated 
in va cu o  to a selected temperature (125—500°). Exposure 
to DTBN vapor followed by equilibration at a fixed tem­
perature between 50 and 125° can produce two distinct 
types of epr spectra, I (Figure 1A) and II (Figure IB). The 
adsorbed nitroxides which give these signals are chemical­
ly unaltered, for they can be completely removed intact 
from the surface by exposure to a stronger base such as 
pyridine. Following such treatment, a spectrum of DTBN 
in pyridine is observed. In addition, quantitative epr 
shows that depending upon conditions of activation, some 
fraction of the applied DTBN is decomposed into diamag­
netic products.

In the type I spectrum (Figure 1A), A N is increased over 
that in an inert solvent, indicative of perturbation of the 
nitroxide by interaction with the surface. The value of A N 
is within the range found for DTBN in hydrogen-bonding 
media.2 Since at the activation temperatures employed, 
adsorbed water has been removed, we associate this spec­
trum with nitroxide hydrogen bonded to surface hydrox­

yls.3 A similar spectrum is seen for DTBN on pure silica.4 
In particular, from Table I we see that the value of A N on 
silica-alumina and in phenol are similar, demonstrating 
that the interactive strength of the hydroxyls in both sys­
tems is similar. As with DTBN in phenol, no splittings 
are resolved for the hydrogen-bonded proton.

The type II spectrum shows A N to be further increased, 
and also exhibits a well resolved six-line hyperfine pattern 
arising from interaction with a single aluminum nucleus (/ 
= 5/2), indicating that the nitroxide is complexed to a 
coordinatively unsaturated surface aluminum atom.3a-b 
Figure 1 and Table I show the great similarity between 
the spectrum for DTBN coordinated to surface aluminum 
and that for the radical complexed with AICI3 in solu­
tion.5 In contrast, the SH parameters for DTBN com­
plexed with, for example, aluminum alkyls, are quite dif­
ferent from those of Table I.5 Thus, the electron pair ac­
ceptor strength of the surface aluminum is similar to that 
of AICI3, greater than that of A1R3, and considerably 
greater than that of the surface hydroxyls or phenol.

The type of site observed could be controlled by varia­
tion in temperature of activation and/or surface cover­
age.4 Type II spectra become increasingly important at 
the higher activation temperatures (200° and above). For 
a given temperature type II spectra tend to dominate at 
low surface coverage, presumably, because the more 
strongly interacting (larger A N) surface aluminum ion 
sites “ fill up” first. However, computer simulations 
suggest a finite amount (—10%) of type I spectrum as a 
background even in Figure IB.4 At all activation tempera­
tures the contribution from nitroxides hydrogen bonded to 
surface hydroxyls (type I) increases with increasing sur­
face coverage until the type II spectrum is a small or even 
unobservable fraction of the signal. Finally, when the 
amount of DTBN approaches monolayer quantities, the 
type I spectrum begins to exhibit spin-spin interactions 
between nitroxides.

With a low temperature of activation (TA = 125°) a 
surface aluminum should be left with a bound water, 
which would then act as a strong proton donor.3a b By 
analogy to the behavior of the H20:AlCl3 complex such a

TABLE I: Hfs (Gauss) for DTBN on Silica
Alumina and in Solution (T = 77°K)

M ed iu m A n-6 A a i 3 B a i 3 R e f

Toluene 34.6' This work
Silica-alumina,

type 1“ 38.6' This work
Phenol 38.3' 2c
Silica-alumina,

type 11“ 46.13 16.6 17.1 This work
A1CL complex 47.03 14.6 16.2 5

°  H fs  constants from  F igure 1. Values v a ry  som ew hat w ith  ca ta lyst
treatm en t (re f 4 ). B n  ( — 6 ±  1 G ) is n o t  d irectly  ob serva b le ; it  m ay
be estim ated  from  com pu ter sim ulation  (re f 4 ). c E rror lim its, ± 0 .2  G . 
d E rror  lim its, ± 0 .5  G .
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Figure 1. Esr of DTBN at 77°K: (A) type I spectrum  on s ilica -
alumina (------- ) and that of frozen toluene solution (------- ); (B)
type II spectrum on silica -a lum ina : (C) AICI3 m olecular com ­
plex (ref 5).

surface species should act as a strong Bronsted acid and 
be able to protonate a nitroxide.2b DTBNH^ has A N = 
47.62c G and no metal splitting, but no such spectrum 
with that large a splitting was observed either as a pre­
dominant or minority species upon addition of nitroxide 
to catalyst activated at this temperature. However, under 
these conditions the nitroxide underwent considerable de­
composition, far more than was found to occur at higher 
Ta. A large excess had to be added before the site I spec­
trum could be observed. Removal of nitroxide by heating 
and pumping revealed only a weak site II spectrum. Since 
the protonated nitroxide formed from H2 0 :AlCl.3 is much 
less stable than is the AICI3 complex, it may be inferred 
that similar behavior occurs on a silica-alumina surface; a 
Bronsted site is formed by moderate TA but decomposes 
the nitroxide whereas coordinately unsaturated surface 
aluminum itself forms a stable complex with the radical.

We have used DTBN to examine surface sites on silica- 
alumina and to compare their properties to those of well- 
defined molecular species. In particular, we have observed 
a coordinatively unsaturated surface aluminum whose 
properties as a Lewis acid resemble those of AICI3 and 
which is present even with T x = 125°. More detailed in­

vestigations of activation conditions are in progress as well 
as an extension to other surfaces of catalytic importance, 
such as silica, alumina, and zeolites.

A ck n ow led g m en t. We are deeply indebted to Professor 
Robert L. Burwell, Jr., for enlightening discussions. This 
work was supported by DA-ARO-D Grant No. 31-124 and 
by the donors of the Petroleum Research Fund, adminis­
tered by the American Chemical Society.
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Solvent Effects on the Fluorescence Lifetime 
of 2-Aminopyridine

Sir: The absence of luminescence from electronically ex­
cited states in pyridine has remained a problem of con­
tinuing interest. In previous reports from this laboratory 
we demonstrated significant solvent effects on the fluores­
cence of aminopyridines. 1 ' 2 It was also shown that the 
lowest excited singlet states of these molecules were more 
basic than the ground state, which is usually observed in 
heterocyclic molecules. Aromatic amines exhibit increased 
acidity upon excitation to S i* . 3 We have selected 2-ami- 
nopyridine (2-AMP) as a model compound, which approx­
imates the excited state behavior of pyridine, but exhibits 
fluorescence so that environmental changes could be fol­
lowed. Our choice was prompted by the gas-phase spectral 
analysis by Hollas, e t  a l . , 4 that the 2980-A system in
2-AMP is essentially a pyridine 71-,7r* transition perturbed 
by the amino group. Lamotte and Loustauneau, 5 on the 
other hand, reported that the first excited electronic state 
in 2-aminopvridine shows n.ir* character. With the aim of 
trying to better understand radiationless processes in pyr­
idine we have measured the fluorescence .ifetimes of 
2-AMP in different solvents, in order to establish, if possi­
ble, (1 ) the constancy of the triplet yield, (2 ) the constan­
cy of the natural radiative lifetime of the lowest excited 
singlet, and (3) whether or not radiationless processes 
occur from the singlet, triplet, or in both manifolds.

The fluorescence lifetime for vacuum degassed solutions 
were measured using the time correlated single photon 
counting technique and are tabulated in Table I, for five 
different solvents, in the order of increasing dielectric con-
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TABLE I: Fluorescence Lifetime of 2--Aminopyridine in Different Solvents (25°, Degassed)

S olven t 0 F ° t f , n s e c 6
kF X  10 - 6, 

sec _1 c
kds X  10 

s e c -1 d
\ fcisc X  10 ~c, 

s e c -1 <t>Te

Cyclohexane (2.0)7 0.04 24.2 ± 2 .5 1.7 40 KD» (0.03)
Ethyl ether (4.3) 0.10 10.8 ± 0 . 4 9 .7 83 (43) (0.47)
Ethanol (26) 0.18 5 .1  ± 0 . 3 36 161 (121) (0.61)
Acetonitrile (38) 0.25 5 ,0  ±  0 .3 50 150 (110) (0.55)
Water (80) 0.53 10.7 ± 0 .2 50 44 (4) (0.04)

a F luorescence y ields norm alized to  value o f  oF ' 0.64 for  degassed 2 -A M P  in 0.1 N I T.SCh; R . R u sakow icz and A. C . Testa , -J. Phys. Chem., 72, 2680 (1968). 
b A verage o f  three m easurem ents. c kF = ( I / tf") — (4>f / tf) . d =  klc i kisc — E(1/4*f ) — 1]&F. e o t  =  (kisc)/(kF +  hlc +  klsc). 7 D ielectric constant o f  
the solvent. » ki,c in cycloh exane is estim ated assum ing *<is ~  ~  4.0 X  10; s e c " 1. Justification for  this assum ption lines in the fa ct that the m olecule
phosphoresces on ly  in polar glasses.

stant.6 It is quite evident that the fluorescence lifetime is 
solvent dependent and is the largest in cyclohexane de­
spite the low fluorescence yield, relative to polar and hy­
drogen bonding solvents. The long lifetime in this solvent 
is consistent with our successful attempt to sensitize the 
fluorescence of biacetyl with 2-AMP in cyclohexane solu­
tions.7 The natural radiative lifetime, rp0 = ( l/ k F), for 
2-AMP is also the longest in cyclohexane, and together 
with its low fluorescent yield supports our earlier sugges­
tion that in cyclohexane the lowest excited singlet is pri­
marily 1n,7r*, whereas in polar solvents the lowest singlet 
state is 17r,x*.1 Vibronic coupling between 1ir,ir* and 1n,7r* 
should be largest in the hydrocarbon solvent, where the 
energy difference between these states is the smallest. It 
should be noted that there is no apparent correlation be­
tween the fluorescence yield and lifetime; however, the 
rate constant for fluorescence does increase with the di­
electric constant of the solvent. There is, in fact, an order 
of magnitude increase in kF in all the polar solvents, rela­
tive to cyclohexane. The calculated radiative rate con­
stants for pyridine also show an order of magnitude in­
crease in the value for the 1ir, it* state in comparison to 
the 1n,7r* state.8 In general the natural radiative lifetime 
of the lowest excited singlet is insensitive to the nature of 
the solvent; however, it is seen that this does not occur 
with 2-AMP.

The calculated rate constants in Table I for deactiva­
tion of the lowest excited singlet, kdSl either by intersys­
tem crossing or internal conversion, indicate the slowest 
relaxation in cyclohexane. The lack of phosphorescence in 
nonpolar glasses at 77°K9 suggests that slow deactivation 
is not via  intersystem crossing, but rather through inter­
nal conversion, i.e., Si — *- So-10 In contrast to its behavior 
in cyclohexane, 2-AMP does phosphoresce at 77°K with 4>v 
= 0.07 in EPA and 0.05 in acetonitrile.9 There are two 
routes by which the singlet deactivates, i.e., internal con­
version and intersystem crossing, and the effect of sol­
vents on these paths must be considered. With aromatic 
heterocyclic molecules the movement of singlet and triplet 
levels can significantly affect intersystem crossing. On the 
other hand, the internal conversion mode is generally un­
affected by solvents. Another possibility is that both k ic 
and k isc vary with solvents, but since the major effect is on 
the energy gap between the coupling singlet and triplet 
states, its effect should be much larger than between the 
lowest excited singlet and the ground state. Ermolaev11 
has presented evidence to indicate that the rate constant 
for intersystem crossing in some aromatic heterocyclics is 
solvent dependent. Accordingly, we consider the rate con­
stant Si S0, k ic, to be constant. If we assume that kds 
•*= k ic ~  4 x 107 sec“ 1 in cyclohexane, i.e., small triplet 
yield, then the rate constants for intersystem crossing can

be calculated and their values presented in Table I. Of 
particular interest is that the polar solvents show faster 
intersystem crossing rates, and exhibit more fluorescence 
and phosphorescence relative to nonpolar solvents.9 Re­
cently, we suggested a similar interpretation for the mea­
sured triplet-triplet absorption of 4-Ar-dimethylaminopyr- 
idine in EPA, which is not observed in 3-methylpentane.12 
From the rate constants in Table I, an estimate of the 
triplet yield can be made and the values shown (last col­
umn of Table I) are in qualitative agreement with the ob­
served phosphorescence behavior of this molecule at 77°K. 
Thus, it appears that the lack of phosphorescence and the 
small fluorescence yield (<pF = 0.04) in cyclohexane is the 
result of efficient (—93%) internal conversion from the 
lowest excited singlet state.

The above data provide evidence that the natural radia­
tive lifetime, triplet yield, and the intersystem crossing 
rate constant of 2-AMP are solvent dependent. Although 
this conclusion has implications for other heterocyclic 
molecules, extrapolation of these results to pyridine 
suggest that its small triplet yield (reported to be 0.03 ± 
0.02)813 is not affected sufficiently by solvents to over­
come an efficient radiationless decay Si.*"-*- So. This in­
terpretation would also account for the lack of triplet- 
triplet absorption in pyridine.
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