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High-pressure mass spectrometry and tandem mass spectrometry have been used to study the collision 
reactions of primary ions of methane with monosilane and of primary ions of monosilane with methane. 
All primary ions of each constituent undergo at least one ion-molecule reaction with the opposite mole­
cule, but by far the most predominant such “ cross” reaction is hydride transfer from monosilane to the 
primary ions of methane, producing the SiH3+ ion. Reaction cross sections and rate constants for the 
various processes are presented.

Introduction
In a previous study2 of ion-molecule reactions in 

monosilane-methane mixtures we reported the occurrence 
of a large number of reactions of SiH2+ with CH4 and of 
CH3+ and CH4+ with SiH4 in which product ions con­
taining the Si-C bond were formed. This study was limit­
ed to ion-source pressures below 5 i± and reaction identifi­
cation was made principally on the basis of the appear­
ance potentials of the product ions. A subsequent study3 
of the electron-impact ionization and dissociation of 
methylsilane showed that several of the ion-molecule 
reactions proposed2 were quite endothermic and, there­
fore, very improbable under the experimental conditions 
obtaining. Accordingly, we initiated a further investiga­
tion of the monosilane-methane system employing consid­
erably higher ion-source pressures and tandem mass spec­
trometry. During the course of this investigation, an ion 
cyclotron resonance study by Stewart, Henis, and Gaspar4 
confirmed the incorrectness of some of the reaction identi­
fications made in the previous report.2 The results of our 
present investigation confirm a number of those of Stew­
art, Henis, and Gaspar.4 In addition, we have observed a 
large number of reactions in the monosilane-methane sys­
tem not reported by them.
Experimental Section

The tandem mass spectrometer, which consists of two 
quadrupole mass filters separated by a collision chamber 
and ion lenses, has been described previously.5 All experi­
ments described in this work were carried out with the 
mass filters mounted in the in-line configuration. Relative

reaction cross sections were measured for reactant ion 
energies in the range of 1-6 eV in the laboratory systems. 
Retarding field measurements indicate an ion-energy 
spread of about 1 eV. In all experiments the gas pressure 
in the collision chamber (nominally 10-3 Torr) was mea­
sured with a capacitance manometer.

Measurements of the dependence of ionic abundances 
on ion-source pressure up to about 0.23 Torr were carried 
out in a Nuclide Associates 12-90G sector-field mass spec­
trometer, an instrument which has been described pre­
viously.2’5-8 The energy of the ionizing electron beam was 
100 eV, the trap current was very small and not mea­
sured, and the ion-accelerating voltage was 2500 V. In all 
experiments the repeller field was 6.25 V/cm  leading to an 
ion-exit energy of 2.1 eV. The temperature of the ion 
source was 70° in all experiments.

Ion-source pressures in the Nuclide mass spectrometer 
were measured by a McCleod gauge that was connected 
via %6-in. diameter tubing to the ion source. The pres­
sure-dependent formation of CH5+, which occurs in 
CH4+-CH4 collisions with a known specific reaction 
rate,9-12 indicated the pressure readings to be accurate to 
within ± 10%.

Monosilane was purchased from the J. T. Baker Chemi­
cal Co. and was also prepared in the laboratory by the ac­
tion of lithium aluminum hydride on silicon tetrachloride 
in di-n-butyl ether solution. Research Grade methane, 
stated to have a purity of 99.54%, was obtained from the 
Phillips Petroleum Co. All gases were fractionated on a 
vacuum line and checked mass spectrometrically for satis­
factory purity before use.
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Results and Discussion
Examination of the pressure dependence of ion intensi­

ties in monosilane-methane mixtures up to ion-source 
pressure of 0.23 Torr indicates that the system is extreme­
ly complex with regard to ion-molecule reaction. In addi­
tion to the reactions that are known to occur in the 
one-component systems of methane13-16 and monosil­
ane,5-17-18 it is evident that numerous reactions between pri­
mary ions of methane with monosilane and between pri­
mary ions of monosilane with methane (called here “ cross 
reactions” ) also take place. Comparison of the primary 
ion-intensity dependence on pressure for a methane-rich 
mixture with that for a monosilane-rich mixture indicates 
that all primary ions of methane react with monosilane 
and that SiH2+, at least, reacts with methane. This com­
plexity precludes, from pressure-variation studies alone, a 
complete elucidation of the reactions occurring and would 
appear to account for the failure of the earlier low-pres­
sure investigation2 (Pso u r c e  < 0.005 Torr) to identify cor­
rectly all the processes involved. Since an understanding 
of this complex pressure dependence requires a knowledge 
of the elementary processes taking place, we discuss first 
our tandem mass-spectrometric results which permit 
unambiguous identification of the bimolecular cross reac­
tions taking place in this gaseous mixture.

1 . Tandem Mass Spectrometric Studies. With the tan­
dem mass spectrometer in the in-line configuration,5 we 
have examined the reactions of all the primary ions of 
methane with monosilane and of all the primary ions of 
monosilane with methane. In addition, the reaction of 
CH5+ with monosilane has been investigated. Relative 
reaction cross sections, computed from the ratios of secon­
dary-ion intensity to the product of primary-ion intensity 
and target gas pressure, were determined for reactant-ion 
energies in the range of 1-6 eV in the laboratory system.

Relative cross sections at 1-eV (lab) reactant-ion energy 
for all the cross sections are shown in Table I. Correction 
of the cross section fcr the reaction m je 17 —* m/e 31 for 
the isotopic contribution from 13CH4+ has been made. 
The other cross sections in Table I have not been correct­
ed for isotopic contributions. With the exceptions of pro­
cesses m/e 13 —*■ m/e 43, m/e 14 —*► 30, and m/e 31 -*  45, 
these isotopic corrections to the cross sections in Table I 
are all less than 5% and were not deemed necessary. For 
the three reactions noted, however, corrections due to iso­
topic contributions were made in the subsequent compu­
tation of reaction rate constants.

The data in Table I identify clearly the reactant ion, 
the reactant molecule, and the product ion. For a com­
plete reaction identification one needs also to know the 
neutral product(s). Thermochemical considerations are of 
considerable value in choosing among the various stoi- 
chiometrically possible sets of neutral products of a reac­
tion, particularly if one knows if the reaction producing 
the given ion is exothermic or endothermic. When plotted 
as a function of reactant-ion energy the cross sections of 
endothermic reactions generally rise from zero at the 
energy threshold to a broad maximum several eV above 
the threshold.19-23 On the other hand, the cross sections of 
exothermic ion-molecule reactions generally decrease for 
all values of the reactant ion energy.19'24-28 Exceptions to 
this general behavior are exothermic reactions in which 
symmetry and spin properties of the molecular orbitals in­
volved prevent the reaction from occurring on the lowest 
potential energy surfaces.29-30 In such cases, as exempli­
fied by the formation of NO+ from 0 +-N 2 collisions,29-31

Figure 1. Reaction cross sections for SiCh3+ formation as a 
function of relative kinetic energy: reactant ions O, SiH+ ; • ,  
CH2+; □ , Si+; A , CH3+.

exothermic reaction cross sections may show the threshold 
and broad maximum in their dependence on reactant-ion 
energy that is characteristic of endothermic processes. 
However, endothermic reactions will not exhibit typical 
exothermic behavior. Therefore, while remaining alert to 
exceptions of the sort discussed, we have used the general 
shape of the dependence of reaction cross section on rela­
tive kinetic energy of reactants as an indication of the sign 
of the reaction enthalpy change. Typical such curves for 
the formation of SiCH3+ are shown in Figure 1.

In the remainder of this section we discuss the charac­
teristics of the individual reactions whose relative cross 
sections for 1-eV (lab) ion energy are shown in Table I.

(a) C+ + SiHi. As shown in Table I, injection of 1-eV 
(lab) C+ ions, produced by the impact of 100-eV electrons 
on methane, into monosilane produces ions at m /e 28-31, 
41, and 42, which in this system can be only Si+, SiH+, 
SiH2+, SiH3+, SiCH+, and SiCH2+, respectively. The de­
pendence of the cross sections on relative kinetic energy 
indicates that all processes are exothermic, with the possi­
ble exception of SiH+ formation.

Energetic considerations3-32 show that the only exother­
mic processes forming Si+ involve complex formation or 
ionic dissociation subsequent to H2 - transfer from SiH4 to 
C+. Since, as will be seen, H2-- transfer is a very domi­
nant process, in the reactions of methane primary ions 
with monosilane, we conclude that (1) is the process pro­
ducing Si+, viz.

C+ +  SiH4 —*- Si+ + CH2 + H2 (1)
In the case of formation of SiH+, the thermochemical 

data3-32 available indicate that only a complex formation 
followed by dissociation to SiH+ and CH3 is exothermic. 
However, this reaction is so highly exothermic that one 
must expect that SiH+ so formed would be prone to disso­
ciate rapidly. Formation of SiH+ by dissociative H 
transfer and dissociative H2 transfer is indicated to be 
endothermic by 11 and 15 kcal/mol, respectively. Al­
though the dependence of cross section on kinetic energy 
that was observed suggests that SiH+ formation may be 
endothermic, this is based on only one point and is in it-

The Journal of Physical Chemistry, Vol. 77, No. 22, 1973
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TABLE I: Relative Cross Sections“ ’0 for Secondary Ion Formation

R e l a t i v e  c r o s s  s e c t i o n  f o r  f o r m a t i o n  o f  s e c o n d a r y  io n  a t  g i v e n  m / e  
R e a c t a n t  M a j o r  R e a c t a n t  — — -------------------------------- ---------------------------------------------------------------------------------------------------
ion m / e re ac tan t ion m o lecule 28 29 30 31 41 42 43 44 45

12 12C + (1 0 0 % ) S iH 4 5 .2 7 .8 1 3 .0 5 4 .6 2.7» 7 .1 6
13 12C H +  ( > 9 9 % ) S iH 4 5 .0 9 .8 9.1 4 2 .5 1 8 .6 13 .4
14 12C H 2+ ( > 9 9 % ) S iH 4 2 .3 7 .3 2 .3 4 7 .2 2 .5 15.1
15 12C H 3+ ( > 9 9 % ) S iH 4 5 2 .5 1 .7 1.6
16 12C H 4+  (9 9 % ) S iH 4 10 .9 3 5 .2 1.0 1.5
17 12C H 5+ ( 7 4 % ) S iH 4 4 9 .5

28 28S i+ (1 0 0 % ) c h 4 2 .5
29 28S iH + ( 9 6 % ) c h 4 6 .7 1 0 .4
3 0 28S iH 2+ ( 9 8 % ) c h 4 4 .4 2 .6
31 28S IH 3+ ( 9 4 % ) c h 4 0 .5

a R e a c t a n t  io n e n e r g y  o f  1 e V  ( l a b o r a t o r y )  u n l e s s  o t h e r w i s e  i n d i c a t e d .  b R e a c t a n t  io n e n e r g y  o f  1 . 5  e V  ( l a b o r a t o r y ) .  c T o  c o n v e r t  t o  u n i t s  of A 2 t h e  d a t a  
in t a b l e  s h o u l d  b e  m u l t i p l i e d  b y  1 . 2 .

self not very convincing. Actually, the combined uncer­
tainties in the enthalpies of formation3’32 of SiH+, CH2, 
CH, and SiH4, coupled with the possibility of excited 
states of C+ being present in the reactant beam, are suffi­
cient for an exothermic reaction to be occurring by disso­
ciative H -  or even H2-  transfer. Accordingly, we rather 
arbitrarily choose between the two and ascribe SiH+ for­
mation to the dissociative H -  transfer shown in (2), viz.

C+ + SiH, —  SiH+ + CH + H, (2)

Thermochemical calculations show very convincingly 
that SiH2+ and SiH3+ can be formed in C+-SiH4 colli­
sions only by H2~ transfer and H -  transfer, respectively. 
In the case of SiCH + and SiCH2+ ions, enthalpies of for­
mation are not known and we ascribe their formation to 
reactions of lowest enthalpy change possible. Thus we 
write for the remainder of the reactions of C+ with SiH4,
(3)—(6), viz.

C+ + SiH4 — ►  SiH,+ + CH, (3)

C+ + SiH, —  SiH„+ + CH (4)
C+ + SiH4 — * Si CH+ + H, + H (5)

C+ + SiH4 — ►  SiCH,+ + H2 (6)

Neither of the earlier reports of ion-molecule reactions 
in monosilane-methane mixtures2-4 reported the occur­
rence of reactions of C+.

(b) CH+ + SiHi. When CH + ions react with monosil­
ane, the product ions observed are Si+, SiH+, SiH2+, 
SiH3+, SiCH2+, and SiCH3 + . All reactions producing 
these ions appear to be exothermic as indicated by the de­
pendence of the cross sections on ion energy. Of the possi­
ble reactions producing Si+, only (1) complex formation, 
followed by dissociation to the neutral products CH4 + H; 
and (2) dissociative H2_ transfer, leading to the neutral 
products CH3 + H2, are feasible. We choose the latter and 
write (7), viz.

CH+ + SiH4 — *■  Si+ + CH;, + H, (7)

Thermochemical data3-32 indicate that SiH+ may be 
formed by either dissociative H~ transfer or dissociative 
H2_ transfer, while SiH2+ formation in an exothermic 
process is possible only by H2~ transfer and SiHV' must 
be formed in an H -  transfer process. The neutral products 
formed along with SiCH2+ have to be 3H or H2 + H and, 
since the enthalpy of formation of SiCH2+ is not known, 
we cannot choose except arbitrarily. Formation of SiCH3+ 
is exothermic3-32 whether the neutral products are H2 or

2H, and again we can here make only an arbitrary choice. 
In view of the above discussion the reactions assigned are 
given in (8)—(12).

CH+ +  SiH4 — » SiH+ +  CH, +  H (8)
CH+ + SiH4 - SiH.,+ +  CH., (9)

CH+ + SiH, -—  SÌH;;+ +  CH, (10)

CH+ +  SiH, — SiCH,+ +  H, + H (H)
CH+ + SiH, —^ SiCH„+ +  H2 (12)

Of the above reactions observed to occur in collisions of 
CH+ with monosilane, only (11) has been reported4 pre­
viously. This ion cyclotron resonance study4 reported (11) 
to be exothermic which is in accord with the cross-section 
dependence on ion energy that we have observed.

(c) CH2+ + SiHi. Although different cross sections are 
observed (Table I), reaction of CH2+ with SiH4 produces 
the same product ions as when CH+ is the reactant ion, 
namely, Si+, SiH+, SiH2+, SiH3 + , SiCH2 + , and SiCH3+. 
All reactions are found to exhibit exothermic (or thermo­
neutral) behavior with respect to cross-section dependence 
on kinetic energy. Thermochemical considerations3-32 
then lead to the conclusion that Si+ must be formed by 
dissociative H2~ transfer, SiH+ must be formed by either 
dissociative H2~ or dissociative H~ transfer (or both), 
SiH2+ must be formed by H2_ transfer, and SiH3+ must 
be formed by H~ transfer. Thus for formation of the prod­
uct ions of m/e 28-31, we have the processes shown in 
(13)—(16), viz.

CH,+ + SiH, — Si+ + CH, +  H, (13)

CH,+ -I- SiH, — SiH+ + CH, + H, (14)

CH,+ + SiH, - SiH,+ + CH, (15)

CH,+ + SiH, - -*■  SiH,+ + CH, (16)

The only exothermic reaction yielding SiCH3+ must 
produce H2 +  H as the neutral products. In the case of 
SiCH2+, we cannot compute enthalpy changes but we 
write for the reaction the neutral products that give the 
smallest AH and are thus led to the reactions shown in
(17) and (18). Only (18), of the reactions observed be­

e n /  + SiH, — ► SiCH,+ + 2H, (17)
CH,+ + SiH, —  SiCH,+ + H, + H (18)

tween CH2+ and SiH4, has been reported previously.4
{d) CHs+ + SiHi. Table I shows that 1-eV CH3+ ions 

react with monosilane to produce only three product ions,

The Journal of Physical Chemistry, Vol. 71, No. 22, 1973



2590 T. M. H. Cheng, Tung-Yang Yu, and F. W. Lampe

namely, SiH3+, SiCH3+, and SiCHs+. All reactions were 
found to exhibit exothermic dependence of cross section 
on kinetic energy. Energetic calculations show that SiH3+ 
must be formed in an H_ transfer, as shown by (19), viz.

CH:!+ + SiH4 — «- SiH,+ + CH4 (19)

Reactions 20 and 21, which describe the observed forma-

CH.+ + SiH4 —  SiCH:J+ + 2H, (20)

CH:1+ + SiH4 —  SiCH5+ + H, (21)

tion of SiCH3 + and SiCH5+ have enthalpy changes of +4 
and -48 kcal, respectively, when reported3 ’ 32 enthalpies 
of formation are used. The combined uncertainties in the 
enthalpies of formation3 -32 of SihE and SiCH3+ exceed 4 
kcal/mol and so it is possible that (2 0 ) is actually exo­
thermic for ground-state reactants. Another possibility is 
that (2 0 ) is actually endothermic as calculated but that 
the CH3+ ions contain sufficient internal energy (>4 kcal/ 
mol) for the process being observed to be exothermic or 
thermoneutral. It is noteworthy that SiH2 +, SiH+, and 
Si+ are not observed in CH3 +-SiH4 collisions at these 
energies, a fact undoubtedly due to their formation being 
endothermic by +47, +22, and +84 kcal/mol, respective­
ly-

Reaction 19 was reported by Stewart, Henis, and Gas- 
par. 4 These latter authors also reported that (2 0 ) was ob­
served as an endothermic reaction. Reaction 2 1  was not 
reported but the tandem mass spectrometric experiment 
shows clearly that this exothermic reaction occurs. Beggs 
and Lampe2 reported the occurrence of (20).

(e) C H i+ + S iH i. When C1+4 + ions collide with Si+L, 
the ionic products, as shown in Table I, are SiH2 +, 
SiH3+, SiCH4 +, and SiCH5+. All processes producing 
these ions, moreover, show exothermic dependence of 
cross section on kinetic energy. Thermochemical compu­
tations then show that the reactions responsible for for­
mation of these product ions must be those shown by
(22)—(25), viz.

CH4+ + SiH, — ■ SiH,+ + CH4 + Ho (2 2 )

CH4+ + SiH4 - -  SiH:s+ + CH3 + H2 (23)

CH4+ + SiH„ —^ SiCH4+ + 2H, (24)

CH„+ + SiH4 —-  SiCHs+ + Ho + H (25)

Reaction 22 cannot be H~ transfer from SiH4 followed by 
dissociation of SiH3+ to SiH2 + and H, because it would 
then be 85 kcal endothermic. It must be as written and is 
perhaps best pictured as H2 ~ transfer to CH4 + with disso­
ciation of the CH6 neutral intermediate to CH4 and H2 . 
Reaction 23 is clearly an transfer and although we 
have written the neutral products as CH3 + H2 , we can­
not distinguish them from CH4 + H.

Reactions 23-25 were also reported by Stewart, Henis, 
and Caspar4 in their ion cyclotron resonance study and 
(24) and (25) were reported by Beggs and Lampe2 in their 
low-pressure mass spectrometric study.

if) CHr,+ + Si7/4 . In agreement with observations from 
ion cyclotron resonance investigations, 4 Table I shows 
that only one product ion is produced in collisions of 
CH5+ with SfflL, namely, SiH3 + . The process shows exo­
thermic dependence of cross section on kinetic energy and 
therefore must be written as shown in (26), v iz.

CH5+ + SiH„ — SiH:)+ + CH4 + H, (26)

Proton transfer from CH5+ to SiH4 with formation of 
SiH5 + is an energetically feasible process, since the pro­

ton affinity of monosilane is about 30 kcal/mol greater 
than that of methane, 33 which suggests that the mecha­
nism involved in (26) might be as shown in (26a) and 
(26b), viz.

CH5+ + SiH„ — »■ (SiH5+)* + CH4 (26a)

(SiH,+)* — Sill/ + H: (26b)

We believe, however, that (26) is mere accurately de­
scribed as a direct hydride ion abstraction from SiH4 

without intermediate formation of SiH5+. The reasons for 
this conclusion are as follows.

(1) Substitution of CD5+ for CHS+ in (26) results, with­
in experimental error, in the formation of only SiH3+. No 
SiH2D+ ions were observed as products, whereas equiva­
lence of all hydrogen species in an SiH4D+ intermediate 
would lead to a statistical yield of 60% SiH2D+. This 
finding is in agreement with recent ion cyclotron reso­
nance studies of CD4-SiH4 mixtures. 34

(2) No appreciable amounts of SiHs+ were observed in 
the high-pressure mass-spectrometric studies of methane- 
rich mixtures, showing that collisional stabilization of 
(SiH5 +)* was not occurring in pressure regions in which 
collisional stabilization of more energetic ion-molecule 
association products was observed. 5

Thus while we cannot completely rule out a very rapid 
dissociation of an SiHr,! intermediate that occurs before 
randomization of hydrogenic species, we believe the evi­
dence indicates strongly that (26) proceeds by a direct hy­
dride ion transfer. Such a mechanism is in keeping with 
the polarity of the Si-H bond and the observed fact of 
predominance of hydride transfer from monosilane shown 
in Table I.

(g )  S i+ + C H i .  When 1 -eV Si+ ions react with meth­
ane, the only ion observed as a product is the SiCH3+ ion, 
as may be seen in Table I. The reaction involved can be 
only that shown in (27), viz.

Si+ + CH4 — * SiCH/ + H- (27)

The dependence of the reaction cross section on relative 
kinetic energy indicates the reaction to he an endothermic 
process with a threshold below 0.4 eV (9 kcal/mol). The 
enthalpy change of the reaction for ground-state S if 
ions3 2 -35 is +48 kcal, which is in accord w.th the qualitative 
observation of an endothermic process but not with the in­
dicated location of the threshold energy. However, it is 
probable that the Si+ beam, produced by the impact of 
100-eV electrons on SiH4 , contains a significant fraction of 
electronically excited ions. It is, therefore, plausible that 
it is the reaction of excited ions that yield the low thresh­
old value.

Although not shown in Table I because it does not occur 
at 1 -eV (lab) reactant ion energy, the reaction shown in 
(28), viz.

Si+ + CH4 - SiCH2+ + H., (28)

occurs as an endothermic process. The apparent threshold 
of 0.5 eV cannot be used to check for the presence of ex­
cited states of Si+ in the beam because the enthalpy of 
formation of SiCH2 + is not known.

Neither reaction of Si+ has been reported before.
(h ) S iH + + C H i. Table I shows that SiH+ ions react 

with methane to yield two product ions, namely, SiCH3+ 
and SiCH4+. The behavior of the reaction cross sections 
with relative kinetic energy indicates both reactions to be 
exothermic. Therefore, for the formation of SiCH3+, we 
must have the reaction given in (29), viz.
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SiH+ + CH4 —  SiCH/ + H2 (29)

and stoichiometry demands that the reaction producing 
SiCH4+ be that shown in (30), namely

SiH+ + CH, — » SiCH/ + H (30)
However, available thermochemical data3 -3 2 ’ 35 indicate 
that, while (29) is exothermic by 18 kcal, (30) should be 
endothermic by 26 kcal. We can only suggest that either a 
considerable fraction of the SiH+ beam is in excited 
states or that the heat of formation of SiCH4 +, deter­
mined by electron impact on SiH3 CH3 , 3 is grossly in 
error. In view of a similar need to invoke the presence of 
excited states in the reactant ion beam in order to explain 
the low threshold observed for the endothermic reaction 
(27), and in view of the likelihood of this occurrence when 
using 100-eV electrons, we prefer the first suggestion. Of 
course, because of the fact that the energy spread of our 
ion beam is about 1 eV, we cannot rule out the possibility 
that, at energies lower than we could obtain experimen­
tally, a maximum in the cross section could occur and en­
dothermic behavior would thus be exhibited. However, 
the cross section observed is quite large for an endother­
mic process and this fact, coupled with the observed 
cross-section dependence on kinetic energy, leads us to 
conclude that the actual process producing SiCH4+ from 
SiH+ under our conditions is exothermic; this in turn 
most likely demands the participation of excited states of
SiH+.

Although (29) was reported by Stewart, Henis, and 
Gaspar, 4 these authors did not report the occurrence of 
(30).

(i) S iH 2 + +  C H i. Two product ions appear when SiH2 + 
ions are injected into methane, namely, SiCH4+ and 
SiCHg+, products which were also reported by Stewart, 
Henis, and Gaspar. 4 The reactions producing these prod­
ucts can hardly be anything except what is shown in (31) 
and (32), viz.

SiH/ + CH„ — ►  SiCH/ + H2 (31)

SiH/ + CH, — ►  SiCH./ + H (32)

Available thermochemical data3 ’ 3 2 -35 show (31) to be 
thermoneutral while (32) is endothermic by 8  kcal; the 
dependence of the cross sections on relative kinetic energy 
indicates both reactions to be exothermic. Since the com­
bined uncertainties in the reported enthalpies of forma­
tion3 ' 35 of SiCHs+ and SiH2 + exceed 8  kcal/mol, we feel 
it most probable that (32) is actually exothermic even for 
ground-state ions. This is confirmed by the observation of 
both (31) and (32) by Gaspar, Henis, and Stewart4 even at 
low electron-impact energies. Reaction 31 was also re­
ported by Beggs and Lampe. 2

O') S iH 3~ +  C H i . When ions of m / e  31 from monosilane 
are injected into methane a small product ion peak at 
m / e  45 is observed. While the major fraction of these 
product ions (0.7) is due to the interfering reactions of the 
minor isotopic constituents of the m / e  31 beam, viz.

30 SiH+ + CH, —  “ SiCH/ + H, (29')

“ SiH/ + CH, — *> “ SiCH/ + H2 (31')
extensive examination of the isotopic contributions as a 
function of energy lead us to conclude that (33) does in-

SiH/ + CH., — * SiCH/ + H2 (33)
deed occur as an exothermic process, although with very 
small cross section. This is contrary to the conclusion of 
Stewart, Henis, and Gaspar, 4 who reported that (29') and

lon-Molecjle Reactions in Monosilane-Methane Mixtures

(31') account for all of the m /e 45 produced when m /e 31 
impinges on methane.

2. H igh -P ressu re  M a ss S p ectra  o f  M o n o s ila n e -M eth a n e  
M ixtu res . It is quite clear from the data in Table I and 
from the above discussion that by far the predominant 
reaction of all methane primary ions with monosilane is 
hydride abstraction to produce SÍH3 +. Since this is also 
the principal process in pure monosilane, 5 -1 3 1 4  a rapid 
growth and large abundance of SiH3+ in both methane- 
rich and monosilane-rich mixtures is to be expected. As 
shown in Figure 2, which depicts the abundance of major 
ions as a function of ion-source pressure for a 90% meth- 
ane-1 0 % monosilane mixture, this expectation is born out. 
Thus SiH3+, produced principally in this mixture by 
reaction of methane primary ions with monosilane, rises 
from a zero-pressure limit of ~4% to a broad maximum 
near 50% abundance. The broad maximum in SiH3+ for 
this methane-rich mixture results from the fact that, as 
shown in Table I, SiH3+ reacts only very slowly if at all 
with methane; its depletion is due in this case almost ex­
clusively to the slow three-body association with monosil­
ane to form SÍ2H7 +.

The formation of CH5 + via the well-known reaction of 
CH4+ with methane13  is also to be seen in Figure 2. The 
abundance of CHg+ rises to a maximum of 22.5% at a 
source pressure of ~0.025 Torr and then decreases with 
further increase in pressure. This decrease is clearly due 
to (26), since in pure methane CH5+ is unreactive and at­
tains an abundance plateau1 6  of ~48%. Although not 
shown in Figure 2 , C2 Hg+ behaves quite similarly to 
CH5+, including reaction36 with monosilane to produce 
SiH3+.

Ion abundance vs. pressure curves for silicon-containing 
ions in a monosilane-rich mixture are very similar to those 
in pure monosilane. 5 This is quite expected because, ac­
cording to Table I, methane primary ions, which in this 
mixture react mainly with monosilane, are quickly con­
verted to predominantly SiH3 + ions. Very little CHg+ is 
formed in a monosilane-rich mixture since the precursor 
CH4+ is intercepted by monosilane via (22)—(25).

The high-pressure mass spectra of both methane-rich 
and monosilane-rich mixtures is very complex, including, 
in addition to the known reactions in the two pure gases, 
the cross reactions listed in Table I. Nonetheless, it is 
possible to account quantitatively for nearly all behavioral 
details for secondary ions in the mixtures on the basis of 
the results in Table I. Mechanistic descriptions of tertiary 
and higher ions ( i .e ., Si2CH;t+, SiC2HI+, Si3H*+) are 
still a matter of conjecture.

3. R ea ction  R a te  C on stan ts and Cross S ection s. The rel­
ative cross sections shown in Table I refer to a reactant- 
ion energy of 1 eV in the laboratory system. In the pres­
sure studies carried out in the single-source mass spec­
trometer the ion-exit energy was 2.1 eV. For the purpose 
of evaluating phenomenological rate constants (or cross 
sections) from the pressure studies we use initial slopes of 
abundance vs. source pressure. For this zero-pressure lim­
iting situation the space-average energy of the reactant 
ions in the source is 1.05 eV and their time-average energy 
in the source is 0.7 eV, both in the laboratory system. We 
thus assume that the reactant energies in the pressure 
studies, exemplified by the data of Figure 2, are compara­
ble to the 1-eV ion energy applying to the data of Table I. 
With this assumption, we may combine in itial slopes of 
pressure plots with the relative cross-section data at 1  eV 
to evaluate rate constants for all the cross-reactions found.
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TABLE II: Reaction Rate Constants in M onosilane-M ethane M ixtures

Reaction AH, kcal

C+ +  SiH4 —► Si+ +  CH2 +  H2 - 4 8
C+ +  SÌH4 —  SiH+ +  CH2 +  H +  15
C+ +  SiH4 —*■ SiH2+ +  CH2 - 6 3
C+ +  SiH4 —»• S iH3+ +  CH - 5 8
C+ +  SiH4 SÌCH+ +  H2 +  H <0
C+ +  SiH4 —» SiCH2+ +  H2 <0

CH + +  SiH4 -► Si+ +  CH3 +  H2 - 7 7
CH+ +  SiH4 — SÌH+ +  CH3 +  H - 1 4
CH+ +  SiH4 — SiH2+ +  CH3 - 9 2
CH+ +  SiH4 —*■ SiH3+ +  CH2 - 7 4
CH+ +  SiH4 —  SiCH2+ +  H2 +  H <0
CH+ +  SiH4 —*■ SiCH3+ +  H2 - 1 3 5

CH2+ +  SiH4 —  Si+ +  CH4 +  H2 - 6 2
CH2+ +  SiH4 —» SÌH+ +  CH3 +  H2 0
CH2+ +  SiH4 —  SiH2+ +  CH4 - 7 7
CH2+ +  SiH4 -*■ S iH3+ +  CH3 - 6 9
CH2+ +  SiH4 —  SiCH2+ +  2H2 <0
CH2+ +  SiH4 —► SiCH3+ +  H2 + H - 1 7

CH3+ +  SiH4 —*■ SiH3+ +  CH4 - 4 7
CH3+ +  SiH4 —  SiCH3+ +  2H2 +  4
CH3+ +  SiH4 —► SÌCH5+ +  H2 - 4 8

CH4+ +  SiH4 —  SiH2+ +  CH4 + h 2 - 1 8
CH4+ +  SiH4 —  SiH3+ +  CH3 + h 2 - 1 0
CH4+ +  SiH4 —  SiCH4+ +  2H2 - 1 8
CH4+ +  S iH 4 —  SiCH5+ +  H2 + H - 1 0

CHS+ +  SiH4 — SiH 3+ +  CH4 + h 2 - 8

Si+ +  CH4 — SiCH3+ +  H + 4 8

SiH+ +  CH4 — SiCH3+ +  H2 - 1 8
SiH+ +  CH4 —► SiCH4+ +  H +  26

SiH2+ +  CH4 —■ SiCH4+ +  H2 0

SiH2+ +  CH4 — SiCH5+ +  H +  8

SiH3+ +  CH4 ->■ SiCH6+ +  H2 - 1

1010/(, cm 3/sec

Ref 2 Ref 4 This work

2 .5  ±  0.5 
3 .7  ±  0.7
6 .3  ±  1.2

2 3 .4  ±  5 .3
1.3 ±  0 .2
3.4 ±  0 .7

1.56 ±  0 .4

2 .3  ±  0 .5
4 .6  ±  0 .9
4 .2  ±  0 .7 

19 .7  ±  3 .9
3 .6  ±  1.7
6 .2  ±  1.2

2.91 ±  0 .53

1 .0  ±  0 .2  
3 .3  ±  0 .7  
1 .0 ±  0 .2 

2 1 .6  ±  45 
1.1 ±  0 .3  
6 .9  ±  1.4

0.12
11.1 ±  1.8

a
22 .5  ±  4 .5  

9 .73 ±  0 .15 
9.69 ±  0 .14

7.47
2.20

25 ±  10 
0.35 ±  0 .23 
0 .30 ±  0 .18

4 .6  ±  1.1 
14 .7  ±  3 .0  

0 .42  ±  0.08 
0 .63  ±  0 .12

17.8 ±  2 .5 19.9 ±  4 .0

0 .7 7  ±  0.15

0.82  ±  0 .28 2.1 ±  0 .4  
3 .5  ±  0 .8

0.18
3 .07  ±  0.61 
0 .52 ±  0.15

' . 3  ±  0 .3  
0 .8 0  ±  0.17

0 .05  ±  0 .03

a Reported as endothermic reaction with no rate constant or cross section given.

ION-SOURCE PRESSURE IN TORR

Figure 2. Pressure dependence of relative intensities ot major 
ions in a 90% CH4-10 %  SiH4 m ixture: • ,  CH4+ ; A , C H 5 +  ; O, 
SiH3+ ; □ , Si2H7+.

For example, we may from ion abundance us. pressure 
data in the single mass spectrometer evaluate an in itial 
slope for SiCH5+ formation, e.g ., ( d X s ic n 4 + /d P )p = o - 
Since the precursors to SiCH4+ are known from Table I to

be CH4+, SiH+, and SiH2 +, it is easily shown that this 
initial slope is given by

lim (dXSiCH4+/dP) = 2.83 X 1016L{XCH4+V 47 sìh., + 
D-> 0

-XsiH+ °3oT cH.i -^S iH p  °3 l7 c H ,l (34)

where L  is the travel distance of the ions in the source, 
X i°  is the zero-pressure limit of the percentage of the rth 
ion, ai the cross section of reaction i, 7 ; is the mole frac­
tion of neutral substance i, and 2.83 x  101 6  is the conver­
sion factor between molecular number censity and pres­
sure in Torr. Since the relative cross sections are known 
from Table I we may use (34) and the pressure data to 
evaluate the absolute phenomenological cross sections 0-2 4 , 
1T30, and (T3 1 . We obtain phenomenological rate constants 
by the general relationship (35), where k, is the rate con-

k ,tj = a ,L  (35)

stant corresponding to the cross section at and f, is the 
residence time of the reactant ion in the source. Since we 
deal only with slopes in the limit of zero pressure, the res­
idence time f; is well defined. Knowing any one absolute
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Figure 3. Pressure dependence of re la tve  intensities of SiCH4+ 
and SiCH5+ in m onosilane-m ethane m ixtures: O , SiCH4+ in 
90% CH4-10 %  S iH 4; A ,  SiCH5+ in 90% CH4-10 %  SiH4; □ , 
SiCHs+ in 12% CH4- 88% SiH4.

cross section or rate constant we may further use the data 
in Table I and eq 35 to evaluate the rate constants of all 
secondary reactions observed.

We have evaluated all the rate constants using the pres­
sure data in the manner just described for (1 ) the forma­
tion of SiH3 + in the methane-rich mixture; (2 ) the forma­
tion of S:CH4 + in both mixtures; (3) the formation of 
SiCH5+ in both mixtures. Figure 2 shows the pressure 
data for SiH3 + while typical data for SiCH4+ and SiCHs+ 
are depicted in Figure 3. From these data and the treat­
ment described we obtained a value of 14.9 ± 3.2 X 10- 1 0  

cm3/sec for reaction 23, the hydride abstraction from 
monosilane by CH4+. To compare this result with an in­
dependent measurement in the tandem mass spectrome­
ter we measured the cross section for reaction 23 relative 
to that for the well-known reaction, viz.

CH,+ + CH4 —  CH5+ + CH3 (36)
by simply interchanging methane and monosilane in the 
collision chamber. Taking the accepted value9 - 1 2  of 12.0 X 
10- 1 0  cm3/sec for the rate constant of (27), we obtain fc2a 
= 13.3 ± 1.0 x  10-1°, a value in excellent agreement with 
the average obtained from Table I and the pressure data.

Rate constants for all reactions observed are collected in 
Table II, where the uncertainties indicated are average 
deviations from the average. Also shown in Table II are 
the enthalpy changes for the reactions and the rate con­
stants reported by Stewart, Henis, and Gaspar4 in their 
ion cyclotron resonance study and by Beggs and Lampe2 

in their low-pressure mass-spectrometric study. In com­
puting enthalpy changes, standard enthalpies of formation 
were taken from the general tabulation of Franklin, e t  
al.,32 and from recent electron-impact studies in this lab­
oratory. 3 ' s 5

The use of tandem mass spectrometry in our work has 
permitted us to identify unambiguously many more ele­
mentary reactions in this complex system than was possi­
ble in the ion cyclotron resonance studies of Stewart, 
Henis, and Gaspar, 4 particularly reactions of the low-in­
tensity primary ions, C+, CH+, CH2+, Si+, and SiH+. 
For the ten reactions shown in Table II in which compari­
son of the rate constants determined in this study with

those from ion cyclotron resonance4 is possible, all but one 
agree within a factor of ~2.5, with our values generally 
being the larger. The agreement is somewhat better for 
the major reactions, namely, those involving H- transfer. 
Considering the different ionizing electron energies, differ­
ent relative kinetic energies of reactants, and different 
pressures involved in the two studies the agreement be­
tween rate constants from our work and those of Stewart, 
Henis, and Gaspar4 should be considered as satisfactory. 
On the other hand the agreement with the low-pressure 
studies of Beggs and Lampe2 is quite poor, which no 
doubt is a result of the complete inadequacy of low-pres­
sure, single mass spectrometer studies (using appearance 
potentials for reactant identification) as a method for the 
detailed elucidation of such a complex system of ion-mol­
ecule reactions.
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A comprehensive study on the formation of negative ions in nitric oxide, primary as well as secondary, 
has been made. Three ions, O- , NO- , and N 02- , were observed. The appearance potential of O - is 7.0 
eV. A maximum cross section of 1.2 x  10-1S cm2 molecule- 1  was observed at 8.0 eV. The ions N O - and 
N 02- are produced by termolecular reactions of the type (NO)2  + e —»• NO- + NO and O - + (NO) 2 —1- 
N 02- + NO. An unusually large rate constant of 7.6 x 10- 2 7  cc3 sec- 1  was observed for the termolecu­
lar reaction producing N 02- . Mixtures of NO and H20 were studied to determine the mechanism of the 
action of NO in radiolysis reactions. In addition to the 0 -NO reaction, a charge transfer reaction H - + 
NO —* H + NO- was observed with a rate constant of k  =  4.0 x 10- 9  cc molecule- 1  sec-1 . The experi­
mental value of the rate constant is in excellent agreement with the theoretical value derived on the as­
sumption of locked-dipole ion-molecule interactions. This study shows that the scavenger NO is actually 
a source of H atoms produced by the reaction of NO with H - .

Introduction
Small quantities of nitric oxide have been known for 

many years to change the yield of chemical reactions pro­
duced by ionizing radiation. The theory for the effect was 
almost always interpreted from a phenomenological or 
semiphenomenological point of view. Specifically the mol­
ecule was assumed to scavenge some intermediate in the 
reaction. The effect of a scavenger can be interpreted on 
the basis of three different elementary processes. They are
(1 ) a reduction or increase in the population of a specific 
positive ion, (2 ) a reduction or increase in the population 
of specific free radicals, and (3) a reduction or increase in 
the population of specific negative ions produced in the 
system.

One purpose of this study was to determine the effect of 
small quantities of NO on the elementary reactions in 
water subjected to ionizing radiation.

In the study, we planned to restrict our attention to 
process 3 the effect of NO on the population of negative 
ions produced in water by ionizing radiation (electrons). 
Positive ions in the N0-H 20 system have been studied by 
other investigators. 23

Before investigating the effect of a system, the behavior 
of each of the one component systems must be known ac­
curately. In a series of papers2*5-4 we have described the 
formation and subsequent reactions of negative ions pro­
duced in water by ionizing electrons. The negative ions 
formed in nitric oxide, on the other hand, have not been 
studied in detail. Some aspects of the formation of pri­
mary negative ions have been studied, 5 - 7  but the subse­
quent reactions of these ions with the system has not been 
reported. Consequently, a detailed study of negative ion­
ization in NO was necessary for a proper interpretation of 
the results.

Locht and Momigny7 have reported two possible pro­
cesses leading to the production of O- from NO. Other 
workers4 -5 have indicated only one process. In view of 
these different interpretations, a careful study of the ion­
ization efficiency curve for O- from NO might tend to re­
solve the differences.

In a study of the total ionization cross section, Rapp 
and Briglia8 observe two maxima of about equal magni­
tude in the ionization efficiency curve for O- from NO. 
Since mass analysis was not made by these investigators, 
the results are suspect. Furthermore, all other investiga­
tors7 reporting two maxima indicate the second maxima 
has a much lower intensity than the first. Thus, another 
purpose of the present study was to determine using mass 
analysis the absolute cross section for the dissociative at­
tachment process in NO for comparison with the results 
reported by Rapp and Briglia.

Experimental Section
The experiments were carried out with a 6 -in. radius, 

90° sector type research mass spectrometer constructed at 
this laboratory. The instrument, 3 experimental technique, 
and necessary calibration procedures have been described 
elsewhere. 4 A 3-1. borosilicate glass expansion reservoir 
was used as a sample holder for pure NO and for mixtures 
of NO and H20. The reservoir was connected to the ion­
ization chamber by a molecular leak 0 . 0 0 1  in. in diameter 
which maintained a constant pressure in the ionization 
chamber over fairly long periods of time. The pressure in 
the ionization chamber was determined by an MKS Bara- 
tron pressure gauge. The gauge was calibrated by intro­
ducing argon into the system and comparing the mea­
sured pressure with the calculated value. The calculated 
value was obtained from a knowledge of experimental pa­
rameters and the relationship

N + =  a N 0N ex  (1 )

where N +  and N e are the ion  and electron currents, re­
spectively, No is the density of neutral molecules, x is the 
path length for the electrons, and tr is the cross section for 
ionization. A value of 2.79 X 10- 1 6  cm2 was used for the 
cross section for the production of 40Ar+ with 100-eV elec­
trons. 9 -1 0  The agreement between the measured and the 
calculated pressures was within ±10%. To further test the 
apparatus and the pressure determination, the cross sec­
tion for dissociative electron capture by 0 2 to form O-
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was measured with 6 .6 -eV electrons. A measured value of
1.32 X  10- 1 8  cm2 molecule- 1  was obtained. The value is 
in excellent agreement with some recent experimental 
values of 1.3 X  10 18  cm2 molecule_1. The electron ener­
gy scale was calibrated with 0 - from CO, AP (0 _/C0) =
9.5 eV7, and O” from O2 , AP (0 ~/0 2 ) = 4.5 eV . 1 1

Absolute cross sections for the production of 0 from 
NO by dissociatiative electron capture were obtained with 
the high transmission ion source described in ref 4. Ion- 
molecule reactions were studied with a high-pressure ion 
source described elsewhere. 12  By using a “ tight” ioniza­
tion chamber with circular apertures of 0.007 in. diameter 
for admission of the electron beam and exit of the ions, 
pressures as high as 1.0 Torr could be maintained in the 
chamber. However, the normal operation pressure was in 
the range of from 0.01 to 0.5 Torr.

Ions were detected by means of either a Faraday cup or 
a 14-stage electron multiplier used in conjunction with a 
vibrating capacitor amplifier. The detector circuit was 
checked for linearity by measuring the isotopic abundance 
of neon or three different scales and comparing the experi­
mental values with the known values. 1 3 - 1 5  The linearity 
was better than 0.25% over all ranges.

The nitric oxide gas used in these experiments was ob­
tained from Matheson Company, Inc. It was further puri­
fied to remove H2 O, O2 , and other oxides of nitrogen. To 
remove H2 O, N2 O, NO2 , and higher oxides of nitrogen by 
condensation, a sample of NO was submerged in a Dry 
Ice-acetone bath (-90°) for several hours. The uncon­
densed sample was then transferred to another sample 
bottle immersed in liquid N2 whence pure NO liquified in 
the second sample bottle. Finally, the liquid NO was 
pumped for a short while to remove possible uncondensed 
gases such as N2 and O2 . A positive ion mass spectrum of 
the purified NO showed no impurities with an abundance 
greater than a few ppm. For experiments involving H2 O, a 
triply distilled1 6  sample of water was used.

Ion-molecule reactions were identified by “ standard” 
appearance potential and pressure techniques. 1 7  The cross 
section, Q, for the ion-molecule reactions were computed 
by substituting experimental data in the expression

Q =  (UlMNopV (2)

where 7P and I s are the mass spectral currents of the pri­
mary and the secondary ions respectively, d is the length 
of the path of the primary ions through the reactant gas at 
the pressure, p, and N 0 is the ideal gas number density of 
the neutral molecules at 1-Torr pressure and at 87°, the 
ion source temperature. This expression for Q is based on 
the assumption of (a) equal ion collection efficiencies of 
the primary and the secondary ions, and, (b) that the 
fraction of the primary ions lost by reaction is negligibly 
small. The conditions are approximately fulfilled in a 
well-designed ion source operated at relatively low pres­
sure.

Results and Discussion

P u re N itr ic  O xide. At low pressures ( ~10 - 4  Torr) of 
NO in the ion source and low-energy ionizing electrons, 
the only negative ion detected was O- probably formed by 
the dissociative attachment reaction

NO +  e-  — *- N +  CT (3)
The ionization efficiency curve for this process is shown in 
Figure 1 where the intensity of O - is shown as a function 
of electron energy. The maximum of the cross section oc­
curs at 8.0 ± 0.2 eV. This value of the position of the

CROSS SECTION OF 0 7 NO 
VS. ELECTRON BEAM ENERGY

Figure 1. Ionization e ffic iency curve for the production of O 
from  NO by electron im pact. Pressure in the ion cham ber was 
4.4 X  10-4  Torr.

maximum is in very good agreement with a recently de­
termined value of 8.1 ± 0.2 eV by Locht and Momigny. 7 

The threshold of the dissociative attachment process de­
termined by linear extrapolation of the low-energy side of 
the ionization efficiency curve, 7.0 ± 0.2 eV, is somewhat 
lower than the value of 7.43 ± 0.2 eV obtained by the 
same workers. 7 The value for the threshold energy of 0~ 
observed in the present study agrees well, however, with 
an earlier determination of 6.99 ± 0.05 eV by Frost and 
McDowell. 18  The present value of 7.0 eV is about 2 eV 
higher than the calculated value of 5.01 eV. No excess ki­
netic energy is permitted in the calculation using electron 
affinity of O = 1.48 eV1 9  and D(NO) = 6.49 eV . 20

Heirl and Franklin, on the other hand, report an experi­
mental value of appearance potential O - from NO in 
agreement with the calculated value. We have no conclu­
sive explanation for the much lower value reported by 
these workers. We did observe, however, that the value 
obtained in the present study was a strong function of the 
purity of the sample. A trace of NO2 in the sample caused 
a marked decrease in the appearance potential of O- .

If O - is produced by two different processes, one with a 
maximum cross section at 8.0 eV and the other with a 
maximum at about 8 . 8  eV, the cross section for the higher 
energy process is about 50% lower than that for the lower 
energy process. This observation is qualitatively in agree­
ment with the results reported by Locht and Momigny, 7 

but in complete disagreement with the results reported by 
Rapp and Briglia. 8 These workers reported about equal 
cross sections for the two processes. It should be pointed 
out, however, that the work of Rapp and Briglia was done 
without mass analysis. Consequently, negative ions pro­
duced from any possible impurity would have been inter­
preted as O - ions from NO. The absolute value of the 
cross section for the process with a maximum at about 8 . 0  

eV is in good agreement with that reported by Rapp and 
Briglia, 8 1.2 us. 1.3 X 10- 1 8  cm2 molecule-1 .

The results from this study have been combined to give 
the hypothetical potential energy diagram shown in Fig­
ure 2. Intercepts of the potential curves with the Frank- 
Condon region are obtained from appearance potential 
data, Figure 1. Ionization may actually occur from the 
X 3Z~ state with an electronic configuration21 of
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HYPOTHETICAL POTENTIAL ENERGY DIAGRAM FOR NO

Figure 2. Qualitative dissociation curves for N O - . The inter­
cepts of the potential curves with the F rank-C ondon region are 
obtained from  the data of Figure 1. These results suggest that 
O-  from  NO is formed with excess kinetic energy.

KK-"-(5<r)2(l7r)4(27r)2(6<j). This mechanism assumes a 
transition to the excited state of NO during the electron 
capture process. 2 1 These curves indicate that the O" ion 
would have about 1  eV excess kinetic energy.

At ion source pressures <10” 3 Torr in addition to 0 ", 
ion currents corresponding to the species NO” and NO2 ” 
were also observed. Experimental plots of the intensities 
of the three ions, 0 _, NO” , and NO2 ” , as function of the 
NO pressure in the source are shown in Figure 2. The data 
were taken at an electron beam energy of 8.0 eV. The ion­
ization efficiency curve for NO2 ” has the same shape as 
that for 0 “ (Figure 1), with the maximum occurring at 
identical position (8.0 eV). Thus 0 “ is the precursor for 
NO2 ” . Since no NO2 ” ion current could be detected at 
NO pressures <10- 3  Torr, NO2 “ must be produced by the 
termolecular reaction

0~ + (NO), — ► NO + NO," (4)
the second molecule of NO being needed to remove the 
excess energy.

Smoothed data from Figure 3 are tabulated in Table I. 
From these data the termolecular rate constant for the 
reaction 4 can be calculated. The relationship is

[J no2' ]6.95 X 105.
[J o - ]  lN„0fx \ M o - J

(5)

where E  is the repeller field in volts cm” 1, x  is the reac­
tion path length in cm, N ^ o  is the number density of the 
neutral NO molecules, and M o  is the mass of 0 ” in 
atomic mass units. The termolecular rate constants calcu­
lated with above expression are also listed in Table I. It is 
seen from Table I that, except for the lowest pressure, the 
rate constants for the reaction 4 at various pressures are 
practically identical, giving an average value of ftterm =
7.6 x  10” 2 7  cc3 sec-1 . The low value of &term = 6.5 x 
10- 2 7  cc3 sec” 1 at 2  x 10“ 2 Torr NO pressure indicates 
probably the effect of decreased probability of termolecu­
lar collisions at this pressure. On the other hand, it just 
may reflect the scatter of the experimental data. In any 
case, the rate constant for the reaction 4 is relatively

Figure 3. Intensities of the ions, 0 ” , N O ", and NO2”  as a func­
tion of NO pressure in the ion chamber. The e lectron beam 
energy was 8.0 eV.

TABLE I: Intensities of 0 ” , N O ” , and NO a: Various NO 
Pressures and Termolecular Rate Constants tor the Reaction 
N O - F O ”  +  NO —* NO +  N 0 2”

NO pres­
sure, mm 

X 102 10- ! NO- 1n 02

k termolecu­
lar, cc3 sec- 1 

X 1027

4.0 3210 1.31 23 1 0.77
3.5 3060 1.03 17.1 0.78
3.0 2865 0.76 1 1 7 0.77
2.5 2610 0.52 7 05 0.74
2.0 2250 0.35 3 45 0.65

large, suggesting that this process may be playing an im­
portant role in the chemistry of NO in the atmosphere.

The small ion current due to NO" was found to be in­
dependent of the energy of the electron beam through a 
wide range and no discrete process could be assigned to 
explain the production of NO". The plot of the variation 
of NO" ion current with NO pressure is very similar to 
that for N 02". Also, since NO" current is not detected at 
lower pressures, we believe that NO" is formed by the 
scattered electrons in a termolecular collision represented 
by

e" +  (NO), — *- NO +  NO“  ( 6 )

It was not possible to calculate the rate constants for this 
reaction from the data contained in Table I.

N O -H 2 O M ix tu res . In NO H2 O mixtures of composi­
tions ranging from a few per cent up to 50% of H2 O, sig­
nificantly large ion currents corresponding to the species 
NO" were observed. In H2 0, three primary ions, H", 0 ", 
and OH” , are formed by dissociative attachment pro­
cesses at 6.4, 8.4, and 11.2 eV energy. 3 The NO" ion cur­
rent shows a maximum at 6.4-eV energy and its ionization 
efficiency curve is identical in shape with that for H" pro­
duced by dissociative attachment in H20. The cross sec­
tions for 0 "  and OH” formation by dissociative attach­
ment in H20 are smaller than that for H“ by about 2 and 
4 orders of magnitude, respectively. It is apparent thus, 
that in N0-H20 mixture, N O “ is produced by the 
charge-transfer reaction

NO + H“ — *■ H + NO" (7)

The Journal of Physical Chemistry, Voi. 77, No. 22, 1973



Interaction of NO with H-  and 0 “  from Water 2597

TABLE II: Cross Sections and Rate Constants for the 
Reaction H-  +  NO —>• H +  N O -

Rate constant

Repeller field 
E, V cm - 1 H ion energy, eV

Cross section 
Q, cm2 mole­

cu le-1 X 1018

k,n cm 3 mole­
cu le -  1 see- 1 

x  109
1.25 0.25 4 .18 2.50
2 .50 0.50 3.99 3.38
3.75 0.75 3 4 3 3.56
5.00 1.00 3 90 4.19
7.50 1.50 2 90 4.26

10.00 2.00 2 35 3.98
12.50 2.50 2.13 4 .04
15.00 3.00 1 88 3.90
17.50 3.50 1.80 4.04
20 .00 4.00 1 48 3.55
22 .50 4.50 1 60 4.07
25 .00 5.00 1 32 3.54
30 .00 6.00 1.50 4.40

a Average rate constant (excluding first two values) =  3.96 X 10-9 
cm3 m olecule-  1 sec-

In order for this reaction to proceed, the electron affinity 
of NO must be greater than that of H. In the past various 
values have been assigned to the lower limit for the elec­
tron affinity of NO . 22 -2 4 From the above charge transfer 
reaction the lower limit to the electron affinity of NO 
would be set at 0.75 eV, the electron affinity of H . 25

The experimental cross sections, Q, for the reaction 7 at 
a series of repeller field strengths, E, are listed in Table
II. These cross sections are plotted as a function of £ ' - 1 / 2  

in Figure 4. According to theory, 26 the phenomenological 
cross section for the ion-molecule reaction is given by

Q  =  2 7 r ( 2 ^ y
(e E d ) 1/2 (8)

where M  is the mass of the ion, e  is the electronic charge, 
fi is the reduced mass, a  is the average electric polarizabi­
lity of the neutral molecule, and a  is the reaction path 
length. This expression predicts an E ~ 1 / 2  dependence for 
the reaction cross section. From Figure 3 it is seen that, 
except for very low potential fields, the cross sections for 
the reaction indeed shows an U - 1 / 2  dependence. The 
small cross sections at low repeller fields can be accounted 
for by the fact that at low repeller potentials the ion col­
lection efficiency for N O - is low; consequently, the exper­
imental ratio /(NO- )//(H- ) (eq 2) is too small. No data 
on the reaction 7 could be found in literature, to compare 
with the present results.

The Langevin rate constant26 for an ion molecule reac­
tion is given by

k = 2 ir (e 2a/ii) V 2 (9)
so that the relationship between the rate constant and the 
cross section is expressed, by combining eq 8  and 9, as

k = (e E d / 2 M )m Q  (10)

The rate constants for reaction 7, calculated from the ex­
perimental cross sections by the above expression, are list­
ed in Table II. Within experimental errors, it is seen from 
Table II that the rate constant is independent of the re­
peller field strength. Neglecting the first two values at 
very low repeller fields, the average value of k is obtained 
as 3.96 X  10- 9  cm3 molecule- 1  sec-1 . Using a value of
1.86 X  10- 2 4  cc for the electric polarizability, 2 7  «, of NO 
in eq 10, the theoretical value of k for reaction 7 is calcu-

0  ___________________ I___________________ I___________________ 1___________________ 1___________________ I
0 05  10 15 2 0  25

CE"^

Figure 4. Cross sections for the reaction H -  +  NO —*• H +  
NO-  as a function of cE -1 /2 , E  being the repeller fie ld and c is 
a constant.

lated to be 2.99 X 10- 9  cm3 molecule- 1  sec-1 . This is 
about 25% smaller than the experimental average value. 
However, the expression (9) for k is derived on the as­
sumption that the reactant molecule is nonpolar. The di­
pole moment of 0.16 esu28 for NO is small but not insig­
nificant. Gupta and coworkers29 have derived the fol­
lowing expression for the rate constant for reaction be­
tween an ion and a dipolar molecule

k]d = 2ir̂ f )  + 2irê { jm )  (11)
where is the dipole moment of the neutral molecule, k 
is the Boltzmann constant, and T  is the temperature; 
other symbols have the same meaning as before. In deriv­
ing this expression it was assumed that the molecular di­
pole “ lock-in” as the reacting ion approaches. 30 The 
“ locked-dipole” rate constant for the charge transfer reac­
tion between H- and NO- is calculated to be 4.30 X 10- 9  

cm3 molecule- 1  sec- 1  at 360°K, the temperature of the 
ion source. This value is only about 10% larger than the 
average experimental rate constant.

In conclusion, the species NO2 - is produced by a 
termolecular collision between O- and two NO molecules 
with a very large rate constant. Although NO has an un­
paired electron, it does not form NO- by the direct cap­
ture of an electron. It, however, does attract an electron 
from H - to produce molecular negative ion, NO- . The 
experimental rate constant for this charge transfer reac­
tion compares very well with the theoretical rate constant 
base upon locked-dipole interaction between the ion and 
the molecule.

This study shows also that NO reacts with H - to pro­
duce H atoms and is thus a source of free radicals.
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On Abstraction or Stripping of CH2 as a Route to Acetylene 

Formation in Hot Carbon Atom Reactions

Timothy Rose*
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and Colin MacKay
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The yields of acetylene and the C4 fragmentation products resulting from the reaction of carbon atoms 
with cyclopentene and cyclopentane show very different effects with changes in the experimental param­
eters. Analysis of the results shows that more than half of the acetylene is formed by a direct reaction of 
a hot atom rather than through an energy equilibrated intermediate which can lead to both acetylene 
and the C4 products. These conclusions are consistent with the acetylene double tracer work reported 
previously.

Introduction
Studies of the hot atom chemistry of the monovalent 

tritium and halogen atoms have revealed completely new 
modes of reaction unavailable to species limited to ther­
mal energies. 1 - 3  By contrast, for some time the multiva­
lent carbon atom was thought to undergo the same pri­
mary modes of reaction as the thermal atom, with only 
the relative importance of these being altered. 4 However, 
recently Lemmon, e t  a l., have pointed out that the exper­
imental observations on acetylene formation in hot C 
atom systems do not rule out a contribution from a high- 
energy stripping mechanism, 5 and Wolf, e t  a l ,  have dis­
cussed formation of C2 and C2Hn analogs by a stripping 
process as a possible source of the isotopically mixed acet­
ylene fraction found in reactions with mixtures of hydro­
genated and deuterated hydrocarbons.6 We wish to report 
evidence indicating that hot C atoms remove groups such 
as CH2 as a single unit in a rapid reaction which does not 
involve formation of an equilibrated intermediate, and 
may well be a direct reaction such as stripping.7

Acetylene is produced from hydrocarbons by both hot 
and thermal atoms. 6 ’3 ' 9 Flash photolytic experiments pro­

vide strong evidence that it is produced by the reaction of 
a C(1 D) atom with methane, 9 and the production of acet­
ylene in hot systems by two paths, one of which involves a 
single molecule, is well documented. 4 -6 This latter path 
has usually been explained as involving insertion of a C 
atom into a C-H bond followed by unimolecular decay of 
the resulting adduct. 4

H H

! IR— C— H + C ->■ R— C— C— H*
I I
R' R'

CH=CH + R + R' (1)

Evidence that the reaction may be more complex than in­
dicated by this simple equation has been presented by 
Welch and Wolf. 10

Reactions 2-4 represent some of the unimolecular decay 
processes expected to follow insertion of a C atom into 
C-H bonds of cyclopentene, and reaction 5 represents the 
sequence initiated by the ir-bond attack which is also ex­
pected.4 ’ 1 1  Reactions 2, 3, and 4 are particularly signifi-
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6

“CH

CH
HnC = C H — CH,— CH,— CH=CH*

( 2 )

X O

or"

H C=CH— CH,— CH, + CH=CH 

HnC=CH + CH,— CH,— CH=CH

UCH=CH— CH,— CH=CH— CH,* —  

HuC=CH + CH,=CH— CH=CH, (3 )

UCH=C— CH— CH,— CH,— CH,* —- 

nCH=C—  CH=CH, +  CH,=CH2 (4)

C H = nC— CH— CH,— CH2— CH,* —

C H = UC— CH=CH, +  CH,=CH, (5)

cant since they yield both 1 :1C-acetylene and labeled C4 

compounds from a set of very similar primary intermedi­
ates. Consequently in experiments such as those involving 
comparison of gas and condensed phase results in which 
the energy distribution of reacting n C atoms is un­
changed, it seems required that with such energy equili­
brated intermediates the yields of both 1 1 C-acetylene and 
labeled C 4 molecules be affected to about the same de­
gree. For example, a reduction in the yield of labeled C4 

molecules from reaction 2  by a given factor should be ac­
companied by a reduction in the 1 :lCH=CH  yield from 
this reaction by about the same factor. Similarly, since
(3) and (4) are quite similar, a reduction in the yield of 
labeled vinylacetylene from (4) should be accompanied by 
a roughly comparable reduction of 1 :1C-acetylene from (3).

Cyclopentane represents an even more straightforward 
situation. Here there is only a single primary intermedi­
ate. 1 1  Quenching of this intermediate should affect both

UC H =CH — CH,— CH2— CH,— CH,* """"
'

H“C =C H  +  CH,— CH,— CH,— CH, 
HnC =C H — CH—  CH, +  CH,=CH, (

yields to about the same degree. Thus the rela tiv e  yields 
of acetylene and C4 ’s from (6 ) should not be greatly differ­
ent in the gas and condensed phases.

Experimental Section
Standard nuclear recoil methods were used for genera­

tion of the radioactive carbon-11 atoms (20.5 min half- 
life) . 4 ' 12  The details of the procedure are described else­
where. All irradiations were done on the Yale electron ac­
celerator (EAL) except those samples containing neon 
which were done on the Yale heavy ion accelerator 
(HILAC). The radiation damage on both accelerators has 
been determined to be less than 10- 2  eV/molecule.

Cyclopentene and cyclopentane were obtained commer­
cially and had specified purities of 95-99%. Gas chromato­
graphic analysis showed the principal impurity in the cy­
clopentane was cyclopentene (2-4%). Both hydrocarbons 
were degassed on the vacuum line before use. Matheson 
research grade neon and extra dry grade oxygen were used 
directly from the cyclinders.

The separation and analysis of the labeled products of 
interest were carried out by standard techniques of radio 
gas chromatography using columns described previously. 12  

Absolute yields of the gas-phase irradiations were deter­
mined using ethane as a monitor on the EAL1 3  and oxy­
gen on the HILAC . 14

Results

In Table I we show our results for gas-phase reactions of 
nucleogenic 14C with cyclopentane and cyclopentene and 
compare them to the liquid-phase results of Jewett and 
Voigt. 1 5  Since the addition of oxygen as scavenger has no 
effect on any yield, 1 6  these data reflect primary processes 
which are not significantly modified by secondary reac­
tions such as loss of C4 radicals by reaction with radicals 
produced by the general radiation field.

First of all we call attention to the 95% neon moderator 
results. These represent a lower average energy of reaction 
than in the unmoderated system as is illustrated by the 
reduction in the yield of diacetylene relative to the unmo­
derated system. This is expected to be a high-energy 
product presumably formed by elimination of H2 either 
from excited C4H4 formed in reactions 2, 4, and 5, or from 
the corresponding primary intermediates. More significant 
for the purposes of this paper is the marked decrease in 
the acetylene yield in the moderated samples relative to 
the unmoderated ones, indicating that most of the acety­
lene yield is formed in a hot reaction.

Comparison of the gas- and liquid-phase results is strik­
ing, particularly for cyclopentane. Contrary to our expec­
tation based on formation of the energy equilibrated inter­
mediate of (6 ) that in the gas and liquid phases the ratio 
of acetylene to butadiene should be about the same, we 
find it changing by a factor of about 1 0  in favor of acety­
lene. Examination of the cyclopentene data reveals the 
same general pattern. The yield of acetylene is barely 
quenched in the liquid, while that of butadiene is notice­
ably reduced.

Discussion

Qualitatively it seems clear from our results that most 
of the acetylene comes from a process or processes other 
than those involving the energy equilibrated intermediates 
of (2)-(6) . 1 7  Moreover, the process leading to acetylene 
must be sufficiently different from those leading to the 
C4 ’s that it is barely quenched in the liquid phase whereas 
C4 pathways are very effectively quenched. The interme­
diates of reactions 2 - 6  do not seem to meet these require­
ments.

The most plausible explanation of these results is that 
there are at least two important paths to acetylene forma­
tion. One involves unimolecular decay of energy equili­
brated intermediates to either acetylene or C4 compounds 
depending upon which is favored by the structure of a 
given intermediate. This route is effectively quenched in 
the liquid phase. The second type leads exclusively to 
acetylene formation via  a reaction occurring on a time 
scale comparable to or faster than the time between colli­
sions in solution ( ~ 1 0 ~ 1 2  sec) and, therefore, is almost to­
tally unaffected on going from gas to condensed phase. 
Such a reaction might better be described as a hot ab­
straction of CH2 or as a stripping reaction1 ’ 3 -5 ’6 rather 
than as an insertion into a C-H bond followed by unimo­
lecular decay.1 9  As such, the mechanism resembles the 
type of rapid reaction at a single site which is such a
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TABLE I: Yields of 11C Labeled Fragmentation Products from 11C Reactions with Cyclopentene and Cyclopentane

Cyclopentene Cvclopentane

4 cm,
Product 30 err\a 76 cm Nea Liquid6 30 cm a Liquid6

Ethylene 1.6 ± 0 .2 nd 1.2 ±  0.07 3.8 ± 1.3 3.22 ±  0.13
Acetylene 15.2 ± 2 .6 5 .8 14.3 ±  0.3 22.0 ± 2 .5 16.4 ±  0.5
Methylacetylene
Aliene } 0.9 ± 0.1 1 0 .6

0.56 ±  0.02 
0.86 ±  0.01 I 1’6 ± 0 .6

1.15 ±  0.05 
1.59 ±  0.08

1,3-Butadiene 2.9 ± 0 .2 1 ,5  ±  1 .0 1.79 ±  0.02 7.4 ± 0 .3 0.53 ±  0 .07
Vinylacetylene 11.6 ± 0 .8 15.3 ±  1.4 nr 5.7 ± 0 .2 n r

Diacetylene 3.4 ± 0 .5 1.4 nr 0.8 ± 0 .2 n r

° Yields are per cent total " C  atoms available for reaction, nd means not determined. Errors indicate the standard deviation of several measurements. 
Where no error is indicated only a single measurement'was made and the estimated error is less than ±20% . b Data from ref 15. Yields are per cent of 
total ” C atoms available for reaction, nr means not reported.

prominent feature of the chemistry of hot hydrogen atoms 
and which Wolfgang has classified as a direct reaction. 1

R ela tiv e  Im p orta n ce  o f  th e T w o R ou tes . A natural ques­
tion involves the relative importance of the two routes 
leading to acetylene formation. A rough estimate can be 
made for cyclopentane on the basis of two reasonable as­
sumptions: (1 ) the yield, D, of acetylene from the fast, di­
rect reaction is the same in the gas and liquid phases; (2 ) 
for the energy equilibrated intermediates the ratio  of the 
yield of 1 :lC-acetylene to labeled butadiene, Y a / Y b , is the 
same in the two phases, which allows us to calculate from 
the butadiene yield the acetylene yield for this route. The 
first assumption seems justified by the small phase effect 
on the acetylene yield. The second seems consistent with 
the nature of reaction 6  as discussed above. These as­
sumptions and the data lead to the following two equa­
tions

Y (; = D  +  (7.4 ± 0.3)( Y a/ Y b) = 22.0 ±  2.5 (7)

Y, = D  +  (0.53 ± 0.07)(Ya/ Y h) = 16.4 ± 0.5 (8 )

where YG and Yi, are -he total gas- and liquid-phase yields 
of acetylene, and 7.4 ± 0.3 and 0.53 ± 0.7 are the butadi­
ene yields in the two phases. These equations yield the 
values D  = 16.0 ± 1.4 and YA/YB = 0.8 ± 0.4 which 
means that 73 ± 10% of the acetylene comes from direct 
reaction in the gas phase.20 It thus appears that in the hot 
1:LC reaction with cyclopentane most of the acetylene 
formed arises from nonequilibrated intermediates.

The cyclopentene system is more complex than cyclo­
pentane, and the data are not as tractable. Nevertheless 
we can use the above method in calculating the direct 
yield if we make an additional assumption. In addition, 
by using a previously developed empirical equation for 
correlating acetylene production in the C5 molecules to 
the number and types of bonds, we will use the calculated 
direct yield from cyclopentane to estimate a value for cy­
clopentene. We will find that the results of the two calcu­
lations taken together imply strongly that most of the 
acetylene formed from cyclopentene also comes from the 
direct reaction.

In order to apply the cyclopentane method to cyclopen­
tene we must make the additional assumption that the 
relative importance of reactions 2, 3, and 4 is not altered 
on going from gas to condensed phase. With this assump­
tion we calculate D  = 12.9 ±  4.2, and 85 ± 30% of the 
acetylene is formed directly in the gas phase. While the 
error limits are large, this calculation does indicate that

direct production of acetylene is important in cyclopen­
tene.

That the cyclopentane and cyclopentene results are 
consistent is shown by a different computation based on 
cyclopentane. The direct yield of acetylene from cyclopen­
tane is 3.3 ± 0.3% per CH2 group. Rose1 6  has shown for 
cyclopentane, cyclopentene, cyclopentadiene, and benzene 
that the yield of acetylene can be directly related to the 
number of CH2 and HC= CH- groups, with the yield 
from the CH2 group being 1.8 times from the -H G =CH - 
group. The predicted direct yield of acetylene from cyclo­
pentene on this basis is 11.7 ± 0.8%, in good agreement 
with the value of D  calculated above.

In summary, while we cannot make as reliable an esti­
mate of the importance of the direct reaction from cyclo­
pentene as we can for cyclopentane, estimates by two 
methods indicate strongly that for cyclopentene as for cy­
clopentane the direct reaction should account for at least 
half of the acetylene in the unmoderated systems.

N a tu re  o f  the D ire c t  R ea ction . It seems reasonable to 
speculate on the identity of the group or groups removed 
in the direct reaction. Work with deuterium-labeled hy­
drocarbons indicates that characteristically 15-20% of the 
acetylene observed comes from an intermolecular reac­
tion. 6 For cyclopropane and benzene this rises to 35-40%, 
but no higher percentage of intermolecular reaction has 
been reported. The fact that more than half of the acety­
lene from cyclopentane and cyclopentene is formed direct­
ly implies that the direct reaction must have a significant 
intramolecular component. In other words, the CH2 group 
must be removed as an entity at least part of the time. 
Conversion of translational energy to internal energy on. 
subsequent collision by this translationally hot C-CH 2 en­
tity can lead to bond rupture and account, at least in 
part, for formation of C2 and C2H fragments of the type 
discussed by Lemmon, e t  a l , , 5 and Wolf, e t  a l . 6 If a CH2 

group can be removed in a direct reaction it seems likely 
that a CH3 group can be as well, and this provides an ad­
ditional route to be considered in hot formation of ethyl­
ene from these groups. 2 1 2 3
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A mass spectrometer study of the loss of gas-phase carbon monosulfide is presented; the principal loss 
mechanism is found to be a heterogeneous wall reaction producing carbon disulfide and a carbon-rich 
wall deposit. Carbon monosulfide lifetimes are found to be of the order of minutes in a clean vessel but 
are reduced to seconds once a surface layer of the deposit is formed. The loss of gas-phase CS at room 
temperature does not appear to be accompanied by formation of a solid CS polymer as has been widely 
assumed.

Introduction
Carbon monosulfide (CS) can be produced in the gas 

phase from the electrical discharge23  or thermal dissocia­
tion26 of carbon disulfide (CS2 ) vapor. The CS molecule is 
not a reactive free radical in that it has a singlet ground 
state3 and has been observed to persist at low pressures 
for times ranging from a few seconds to many minutes. 4

The mechanism for CS disappearance involves reaction at 
the vessel surface; hence, the lifetime depends on surface 
to volume ratio.

Dewar and Jones23 postulated that the principal surface 
reaction responsible for CS loss is a simple polymerization 
at the wall. In a later investigation, Hogg and Spice5 pre­
sented a qualitative argument that the formation of a 
(CS)n polymer from CS would be exothermic. Although

The Journal of Physical Chemistry, Vol. 71, No. 22, 1973



2602 R. J. Richardson, H. T. Powell, and J. D. Kelley

reference to this polymer appears throughout the litera­
ture in studies of CS2 , 5- 8 the experimental evidence sup­
porting polymer formation is inconclusive. Both Dewar 
and Jones and Hogg and Spice studied the behavior of 
solid CS condensed at 77 K. Upon warming, this conden­
sate undergoes a rapid and sometimes explosive reaction 
leaving a nonvolatile solid residue. This residue was found 
to contain carbon and sulfur in the ratio of 3:1 by Hogg 
and Spice and 1:1 by Dewar and Jones; no attempt was 
made to identify any volatile products.

We have studied the loss of gaseous CS at room temper­
ature using a mass spectrometer to monitor the contents 
of a closed CS sample bulb. Our results indicate that the 
loss of CS proceeds at the wall by a reaction which pro­
duces CS2 and a carbon-rich solid rather than a CS poly­
mer. In addition, we have studied the effect of various 
wall coatings on the CS loss rate.

Experimental Section
The apparatus used in this investigation is depicted 

schematically in Figure 1 . The CS2 vapor was introduced 
into the glass flow system through a needle valve; the 
backing pressure was supplied by degassed liquid CS2 (re­
agent grade, Matheson Coleman and Bell) immersed in a 
water bath at room temperature. An Evenson microwave 
cavity9 was operated with about 40 W of incident power to 
decompose the CS2 .

Typically the CS2 pressure at the microwave discharge 
was approximately 1 Torr and the CS2 flow rate about 15 
pmol/sec. A trap was placed between the discharge and 
the CS collection bulb and maintained at a temperature 
of 156 K by an ethanol slurry. Without the microwave dis­
charge, the trap reduced the downstream CS2 pressure to 
a few mTorr as measured with a capacitance manometer 
pressure gauge (MKS 90M-XRP Baratron equipped with 
a 90H-1SP head). A quadrupole mass spectrometer (Uthe 
Technology 100C) was used to monitor the CS and CS2 

concentrations in the glass sample bulb through a 0.05 
mm diameter hole in the closed end of a glass tube.

With the discharge, a pressure rise was observed in the 
sample bulb accompanied by a rise in the mass 44 intensi­
ty which was attributed to the production of CS in the 
discharge. A search for other gaseous products in the sam­
ple bulb indicated that only CS and CS2 were present 
downstream from the trap. When the sample bulb was 
valved off, the CS mass peak was observed to decay and 
the CS2 peak to rise in direct correspondence to the CS 
decay. During subsequent runs the CS decay time de­
creased and the sample bulb darkened with an homoge­
neous solid deposit which could be removed by baking the 
glassware at 900 K in an annealing oven.

The carbon to sulfur ratio of the solid material deposit­
ed during the CS loss was determined in the following 
manner. A sealed Pyrex sample bulb containing the de­
posit from several runs plus 60 Torr of oxygen was heated 
in a furnace at 900 K. The end products of this oxidation 
procedure were found to be carbon dioxide and sulfur 
dioxide, and they were separated from the remaining oxy­
gen with a liquid nitrogen trap. Their concentration was 
then measured by the previously calibrated mass spec­
trometer to determine the molar carbon to sulfur ratio of 
the original deposit.

Results and Interpretation
Experimental curves for a 5-1. sample bulb which had 

been twice previously filled with CS are shown in Figure

Figure 1. Apparatus used to study CS loss in a closed system. 
The CS2 is removed from  the flow  stream by the trap at 156 K 
and the contents of the reaction bulb are m onitored by the mass 
spectrom eter.

2 . The mass 76 peak is proportional to CS2 concentration, 
and the mass 44 peak is proportional to CS concentration 
plus a cracking peak from CS2 . When the microwave dis­
charge was initiated at time A, the discharge extended on 
either side of the cavity for several centimeters. At time B  
the discharge collapsed to the size of the microwave cavity 
and produced a sharp rise in the CS production. At time 
C the sample bulb was valved off with a total pressure of 
6 8  mTorr above the background level, 10 64mTorr of CS 
and 4 mTorr of CS2 . The CS2 contribution to the total 
pressure at point C was calculated from the 76 peak 
height and the measured sensitivity of the mass spectrom­
eter to CS2 .

These data show the CS concentration decaying expo­
nentially in the isolated bulb. This decay was accompa­
nied by an increase in CS2 pressure and a decrease in the 
total pressure, both with the same time constant as the 
CS decay. The bulb leak rate and the pump-out rate re­
sulting from the mass spectrometer sampling hole were 
negligible on the time scale of Figure 2. The portion of the 
final CS2 pressure attributable to the decay of CS was 24 
mTorr. During successive runs the decay constant for the 
CS loss became progressively shorter and was accompa­
nied by the formation of the homogeneous solid deposit on 
the walls mentioned previously. However, the conversion 
ratio of original CS pressure to final CS2 pressure re­
mained at about 35% for each run.

Previous investigators have generally attributed the pri­
mary removal mechanism of CS from the gas phase to a 
wall reaction

wall
raCS(gas phase)----*■ (CS)„(solid) (1 )

in which energy is released. Since we have observed the 
decay of CS to be accompanied by the production of CS2 , 
we propose the simplest alternative reaction that produces 
CS2 . The stoichiometry of this reaction at the deposited 
carbon surface is

__  _ wall
2CS + C„(solid) ----* CS2 + C„ + 1(solid) (2)

This reaction as written is exothermic by 50 to 100 kcal/ 
mol. The upper limit of 100 kcal/mol can be obtained 
from the following A ifr°o values: CS, 65 kcal/mol; 1 1  CS2 , 
28 kcal/mol; 1 2  C5, 230 kcal/mol; 12 C6, 230 kcal/mol. 12 

The values used for C5 and Ce are those for the molecules 
in the gas phase; their use is equivalent to assuming that 
a C-C„ bond energy of about 170 kcal/mol is appropriate 
in reaction 2. If a C-C„ bond energy as low as 120 kcal/ 
mol is assumed, the lower limit of 50 kcal/mol is obtained 
for the exothermicity of reaction 2 .
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Time (30 sec/div)

Figure 2. The upper figure  illustrates the loss of mass 44 and 
increase of mass 76 as a function of tim e. The total pressure is 
plotted on the same tim e scale in the lower figure. At tim e A  the 
discharge is turned on, collapses (see text) at tim e B , and is 
isolated frcm  the sample bulb at tim e C.

Since the stoichiometry of the reaction is such that one 
CS2 molecule is created for every two CS molecules de­
stroyed, the final total pressure attained in a closed sys­
tem containing pure CS should be 50% of the starting 
pressure. The observed final percentage is about 35%. 
Part of the missing CS2 is likely adsorbed by the carbon 
deposited on the walls by the reaction itself; in a separate 
experiment a small amount of CS2 was released from this 
deposit when the evacuated sample bulb was warmed.

The observed ratio of the final pressure of CS2 , pro­
duced by the decay, to the initial pressure of CS requires 
by stoichiometry that the carbon to sulfur ratio of the wall 
deposit for a single run be about 2 to 1. Numerous analy­
ses of the wall coatings produced by several runs yielded 
molar carbon to sulfur ratios from 1.5:1 to 5:1. This vari­
ability in the carbon to sulfur ratio is probably caused by 
absorption and desorption of CS2 as the deposits were al­
ternately exposed to CS2 vapor and vacuum in the deposi­
tion procedure. Nevertheless, the carbon to sulfur ratio is 
always appreciably greater than unity and is, therefore, 
like the gas-phase data, inconsistent with simple CS poly­
merization.

These experiments do not reveal the nature of the in­
duction process by which the first carbonaceous layer is 
deposited on a clean surface. A calculation of the quantity 
of material available indicates that approximately one 
monolayer is deposited during each run. At the beginning 
of the first run in a clean vessel the CS loss proceeded 
quite slowly with an apparent decay time of many min­
utes. However, the loss rate increased markedly during 
the run and a clear deviation from exponential decay was

observed. After the first three or four runs, simple expo­
nential decays with decay constants of about 2 0  sec were 
observed. A possible mechanism consistent with the stoi­
chiometry of reaction 2  and the apparent first-order kinet­
ics is a reaction at the carbon surface between gas-phase 
CS and previously adsorbed CS.

To investigate the reactivity of CS with carbon surfaces, 
a 1 -1 . side bulb was attached to the main bulb and coated 
with charcoal powder. After the main bulb was filled with 
CS and isolated, the side arm was opened and the effect 
of the powder on decay time and gaseous end products 
was observed. The charcoal powder reduced the decay 
time to about 1 0  sec, and a negligible amount of CS2 was 
released. However, when the charcoal-covered side bulb 
was filled with CS2 vapor at about 1 Torr and the experi­
ment repeated, the CS2 was produced as the CS decayed 
in approximately the same proportion as in a clean bulb. 
In addition to the increased surface area, the same mech­
anism appears to be operating here as in the case of a 
“ dirty” system except that fresh charcoal is able to adsorb 
all of the CS2 released by the reaction.

The effect of coating the surfaces exposed to CS in the 
sample bulb with various oils was also investigated. In the 
case of the highly viscous Santovac 5 (a polyphenyl ether 
diffusion pump fluid, manufactured by Monsanto Co.) the 
decay constant changed slowly from 1 min to 30 sec dur­
ing many successive runs. The liquid surface coating ap­
parently retards the surface reaction and should have 
practical application for maintaining substantial CS con­
centrations.

Conclusion
This investigation indicates that CS loss from the gas 

phase proceeds by a wall reaction which produces CS2 and 
a carbon-rich solid. The observed rate depends upon sur­
face condition and is markedly slower in a clean glass 
bulb than in one with walls coated by the carbon deposit. 
The data are not consistent with the assumption of simple 
CS polymerization as the loss mechanism although the 
chemical incorporation of some sulfur in the solid reaction 
product cannot be excluded. The polymerization mecha­
nism, mentioned previously, was suggested by Dewar and 
Jones and supported by Hogg and Spice on the basis of 
studies of CS condensed at 77 K and subsequently 
warmed, while our experiments were performed at room 
temperature. However, their observations can also be in­
terpreted in terms of reaction 2  accompanied by adsorp­
tion of CS2 and/or chemical incorporation of some sulfur 
in the residue.
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The photolysis of low concentrations (0.9-100 ppm) of nitrogen dioxide in air was investigated using 
-NO/O3 chemiluminescence detectors. The rate constants of three of the elementary reactions were di­
rectly determined at 298°K: 2NO + O2 -*■  2 NO2 , k 1 0  =  4.0 ± 0.2 X  10- 3 8  cm6 sec-1 ; NO2 + 0 3 -^ NO3 + 
O2 , kt. = 6.5 ± 0.8 x 10- 1 7  cm3 sec-1 ; NO + O3 —>• NO2 + O2 , kz = 1.73 ± 0.1 x 10- 1 4  cm3 sec-1 . The rate 
constant ratio for O + NO2 —►  O2 + NO to 0 + O2 + M —►  O3 + M was also determined.

Introduction
The reactions occurring in the photolysis of low concen­

trations of NO2 in air are important in the chemistry of 
both photochemical smog and the upper atmosphere. Pre­
vious investigations of reactions occurring in this system 
are summarized in recent reviews. 2-4 There is general 
agreement that the following reactions are involved in the
mechanism of the photolysis of N 0 2 in dry air.

NO + hv -»-NO + O (1)
O + 02 + M —*■ 0 3 + M (2)

NO + 03 — w N02 + 02 (3)
N02 + 03 — *• NO3 + 0 2 (4),
Ò + N02 — *■ NO + 02 (5)

O + NC2 + M — *■  NO, + M (6 )
N02 + NO, 5=t N20 5 (7) (-7)
NO + NO, — >- 2NO, (8 )

O + NO + M — » N02 + M (9)

2NO + 02 — * 2N02 (10)

In the present report, this system of reactions was stud­
ied using the high sensitivity and fast response speed of 
chemiluminescent NO/O3 detectors. s ’ 6 The results have 
provided some new rate constants for the individual reac­
tions and a rapid method of measuring the effective light 
intensity {ky) in a photochemical smog reactor. 7

Experimental Section
In these experiments the concentration/time profiles of

NO, NO2 , and O3 in a photochemical reactor were deter­
mined at atmospheric pressure and room temperature, 298 
±2°K.

The gases used to make up the bulk of the air were 
ultra-high-purity nitrogen (American Cryogenics) and 
ultra-high-purity oxygen (Matheson), without further pu­
rification. The only hydrocarbon impurity detected was
4.2 ppm of methane. The relative humicity in these sam­
ple gases was less than 1.5%, which was the lowest detec­
tion limit of the electrical sensors used ^Hewlett-Packard 
and Phys. Chem. Research Corp.). For the reactant gases, 
nitric oxide was trapped over liquid N2 from cylinder gas 
(Matheson) and then distilled from liquid O2 to liquid N2 , 
rejecting the first and last fractions. Nitrogen dioxide was 
prepared from this nitric oxide by adding an excess of 
oxygen in a 2 -1 . flask at room temperature and then trap­
ping the product at 77°K. These oxides of nitrogen were 
stored as solids at 77°K. Known concentrations of ozone in 
oxygen were prepared by irradiating the O2 by a mercury 
penlight in a flow system.

Nitric oxide and nitrogen dioxide were introduced into 
transfer vessels of known volume (1 0 - 1 0 0 0  cc) by warming 
the traps to obtain the required vapor pressure, which was 
read using a pressure transducer (Pace Whittaker). The 
contents of the transfer vessels were then flushed first 
with nitrogen and then with oxygen, into the photochemi­
cal reactor, which was a 44-1. Pyrex bell jar. The first 
flush with N2 was to minimize oxidation of NO to NO2 in 
the transfer process. Most experiments were carried out at 
760 Torr total pressure with 150 Torr of O2 . Mixing of the 
reactant gases was achieved in less than 1  min with a

The Journal of Physical Chemistry, Voi. 77, No. 22, 1973



Kinetics and Mechanism for the Photolysis of N02  in Air 2605

multiperforated Pyrex inlet tube designed so as to direct 
incoming gas tangentially throughout the height of the 
bell jar.

The bell jar rested on the Teflon-coated stainless steel 
plate with Viton gasket. The vessel surface was 93% Pyrex 
and 7% Teflon with the surface-to-volume ratio 0.2 cm“ 1. 
The vessel was pumped down between runs to 7-10 a 
pressure by means of a liquid N2 foreline trap and a me­
chanical pump.

Illumination was provided by a single air-cooled F40 
BLHO black-light fluorescent tube mounted on the axis of 
the bell jar, or externally by twelve air-cooled black-light 
fluorescent lamps. The ultraviolet light intensity was 
qualitatively measured by a sodium salycilate-sensitized 
Cd/Se photocell which was mounted behind a Corning 
glass 7-60, 3000-4000 A filter and diffuser. This light mon­
itoring device indicated that it could take as long as 6  sec 
for the twelve lamps to all switch on. Furthermore, the 
total light output reached a stable level only after 20-30 
min of warm-up. Therefore, in order to conduct experi­
ments in a constant light intensity the lamps were 
warmed up for a period of 30-60 min, and the bell jar was 
covered with a black cloth shutter. This shutter could be 
lifted off in less than 1  sec for the purpose of observing the 
transient behavior of NO and O3 under constant-illumina­
tion conditions. This arrangement was used for the major­
ity of the experiments.

Two movable 10-a diameter, 5-cm long capillaries in­
side the reaction vessel were used to sample nitric oxide 
and ozone into the chemiluminescent analyzers with flow 
rates of 35 cc min“ 1 each. The chemiluminescent analyz­
ers have been described previously. 5 These analyzers were 
operated with a noise level ~ 1  ppb and overall response 
time <1 sec. The detector for NO was fitted with a con­
verter which could be placed in the incoming sample 
stream. This converter consisted of a molybdenum im­
pregnated carbon tube operated at 475°. In this device 
NO2 was reduced to NO such that a total [NO*] reading 
could be made. By reading [NO] independently, [NO2 ] 
was obtained by subtraction. The construction and cali­
bration of this converter have been described elsewhere. 8 

Some experimental results suggested that this converter 
might be sensitive to higher oxides of nitrogen and per­
haps to HNO3 . A sample of N2 O5 was prepared by the 
method described by Schott and Davidson.9 When 2 ppm 
of N2 O5 was introduced into the vessel, a signal corre­
sponding to <0.2 ppm NO* was observed; but on repeat­
ing the experiment several times, a response comparable 
to [NOJ equal to twice the initial [N2O5 ] was obtained. 
However, the reading tended to wander ±20% over a peri­
od of 3-4 min. A similarly variable response was observed 
for HNO3 , although the signal never exceeded one half 
that for a comparable [NO*]. This effect made it impossi­
ble to measure the decay of N02 in excess O3 .

The NO detector was calibrated with 52 ppm of NO in 
N2 (Scott Research Labs). A standard photolytic ozone 
source was constructed and calibrated by the titration 
with nitric oxide described elsewhere. 5 The ozone detector 
was calibrated against this standard source.

Results
2 N O  + 02. In this experiment the rate constant for 

reaction 10 was measured directly. The concentration of 
NO was followed as a function of time in the presence of 
known concentrations of 0 2. Second-order decay of [NO]

Figure 1. The effect of [ 0 2] on the second-order decay rate of 
NO at 298°K and 1 atm pressure of N2.

was observed for the range between 1000 and 5 ppm, 5 with 
no observable effect of [H2 0] between 1.5 and 60% humid­
ity. Figure 1 shows the slopes of these second-order decays 
as a function of the oxygen concentration. From this fig­
ure a rate constant h1 0 (-d[NO]/di = /?io]NO]2 [02]) was de­
termined to be 4.0 ± 0.2 x 10- 3 8  cm6 sec- 1  (fc[02] = 2.8 
X 10“ 4 ppm- 1  min-1 ) under atmospheric conditions.

When the vessel was illuminated in the presence of 30 
ppm of NO, the observed rate of NO oxidation was slower 
than the dark reaction 10. This was expected from the 
mechanism, since the product N 0 2 is photolyzed back to 
NO. However, the dark reaction of 1 ppm of NO in air, 
which is very slow, was accelerated by uv illumination, 
such that a typical loss of 0.15 ppm was observed in the 
first 2 hr. The decay due to the dark reaction was ~0.04 
ppm. Similar results have been described previously by 
Bufalini and Stephens. 10 This observation cannot be ex­
plained on the basis of the earlier mechanism and is dis­
cussed later.

N O 2  + O3. In an attempt to measure a rate constant for 
reaction 4, the experiments were carried out by adding 
small concentrations of O3 in oxygen together with excess 
N 0 2 and monitoring the decay of [O3]. Figure 2 shows 
typical behavior of first-order decays of O3 as a function of 
[N02]. The first-order decay slopes are plotted against 
[N02] in Figure 3, from which is derived a rate constant 
/?4 of 6.5 ± 0.8 x 10“ 1 7  cm3 sec“ 1, or 9.5 x 10“ 2 ppm- 1  

min“ 1. The major sources of the measured uncertainty 
appear to be the measurement of [N02] and possible fluc­
tuations of room temperature, since this reaction might 
have an activation energy1 1  of as high as 7 kcal mol“ 1.

Although these experiments were intentionally carried 
out in such a manner that the change in [O3] should be 
« [ N 0 2]o, some change in NO* reading would be expect­
ed. No change was observed. An attempt was made to 
study the decay of N 02 in excess [O3 ]. However, the NO* 
detector signal did not decay, but remained at the same 
magnitude as the initial signal with a slowly wandering 
intensity. This suggested that the converter could reduce 
the reaction product N2 Os to NO and hence give a signal. 
Such an effect was observed with pure N2Os in separate 
experiments. Thus the overall stoichiometry of the N 02 + 
O3 system (AN02 /AOa) could not be determined by these 
experiments.

N O  + O3 . Reaction 3 between NO and O3 was too fast 
to be studied by mixing the gases in the reaction vessel. 
However, the reaction times of the order of 5-20. sec were 
easily within the response speed of the detector. There-
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Time, min

Figure 2. Some experim ental logarithm ic decays of 0 3 in the 
presence of d ifferent concentrations of NO2 at 298°K in 1 atm 
of air.

Figure 3. The effect of [N 0 2] on the firs t-order decay slopes of 
[0 3] at 298°K in 1 atm of air. The least-squares slope of this 
line gives a rate constant k =  6.5 ±  0.8 X 10" 17 cm 3 sec" 1 
(9.5 X 1 0 " 2 ppm _1 m in " 1).

fore, NO and O3 were generated simultaneously in the re­
actor by photolyzing NO2 in the presence of air. Subse­
quently, the reaction between NO and O3 could be moni­
tored by shutting off the light source. It was observed that 
in this photolysis, which is described later, there is an ini­
tial buildup of nearly equal concentrations of NO and O3, 
followed by a slow increase in [NO] and corresponding de­
crease in [O3]. When NO reached >10 X [O3], the lights 
were shut off and the decay of [O3] was measured. Typical 
logarithmic decays of [O3] are shown in Figure 4. After 
subtracting a correction (<3%) for the previously deter­
mined rate of NO2 + O3, these rates were plotted in Fig­
ure 5 against the average [NO] during the decay. Another 
method was possible when NO2 was photolyzed in the 
presence of olefinic hydrocarbons. In this [O3] increased 
over [NO]. Thus again by shutting off the lights with [O3] 
> 10 X  [NO], first-order decay of NO could be observed. 
The slopes of these lines are shown as a function of the

Figure 4. Some experim ental logarithm ic cecays of [ 0 3] after 
shutting off the lights during the photolysis of N 0 2. The concen­
trations of NO were 270, 180, and 88 ppb.

Figure 5. The effect of [NO] on the firs t-order decay slopes of 
[0 3] in excess [NO]. The least-squares slope of the line gives a 
rate constant 1.76 ±  0.08 X 10" 14 cm 3 sec" 1 (26 ppm " 1 
m in- 1 ).

Figure 6 . The e ffect of [O3] on the firs t-o rcer decay slopes of 
[NO] in excess [ 0 3], The point indicated was measured as a 
second-order decay [NO]o =  [0 3]. The least-squares slope of 
the line gives a rate constant of 1.69 ±  0.13 X 10" 14 cm 3 
sec- 1  (25 ppm - 1  m in - 1 ).

average [O3 ] in Figure 6 . The reaction was also measured 
when [O3]o = [NO]o. In this case [NO] - 1  was linear with 
time, and the observed rate is indicated in Figure 6 . Thus 
the reaction was shown to follow a bimolecular rate law, 
and the rate constant obtained was 1.73 ± 0.1 X 10" 14  

cm3 sec" 1 or 25.5 ppm" 1  min-1 .
P h oto ly s is  o f  N O 2 in A ir. The experimental NO and 0 3 

traces shown in Figure 7 were obtained during the photol­
ysis of NO2 between 0.9 and 8  ppm. The parallel rise of 
equal concentration of 0 3 and NO in the first 30 sec is fol­
lowed by an increase in [NO] and decrease in [03], The
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Time

F igure  7. Experimental concen tra tion /tim e  profiles of NO and 
0 3 from  the photolysis of N 0 2 in air. The solid lines indicate 
[NO], dashed line [ ¿ 3 ] .  The points are computed concentrations 
using the rate coe ffic ients in Table II w ith k-\ =  0.14 min: ▲, A  
[N 0 2] o =  8.0 ppm, • ,  O [N 0 2] o =  3.7 ppm, ■ ,  □  [N 0 2]o =  
0.9 ppm. The breaks halfway along are a change in chart speed 
from  0.1 in ./s e c  to 0.5 in ./m in . The break at the end of the 3.7 
ppm trace is the e ffect of turning off the lights.

points in Figure 7 are calculated from the mechanism anc 
will be discussed later. The rate at which [NO] and [O3] 
separated (d[NO]/df -  d[Os]/d£) in the later stages of the 
reaction was investigated as a function of [NO2 ]. The 
values of this parameter were plotted in Figure 8  against 
[NO2 ] on a log-log scale. The data fall on a line of slope 2 .

The initial parallel rise of [NO] and [03] shown in Fig­
ure 7 gives a direct method of estimating the light intensi­
ty; the details are discussed in a separate paper. 7

Discussion
2 N O  +  02. The rate constant of 4.0 ± 0.2 X 10- 3 8  cm6 

sec- 1  has been determined over a wider range of oxygen 
concentrations and down to lower concentrations of NO 
than previous work. The observed kinetics were always 
second order in [NO] and were first order in [O2 ], as 
shown in Figure 1. This value is in agreement with previ­
ous studies. 2 4

The result that the thermal oxidation of high concen­
trations of NO is inhibited by uv irradiation is expected 
on the basis of the mechanism. However, at low [NO] ~ 1 
ppm the thermal oxidation was enhanced by uv light. 
This can only be accounted for in terms of a photochemi­
cal chain oxidation process for NO —►  N 0 2 conversion. 
This implies the presence of some unobserved impurity. 
This behavior has been commonly observed; 1 2  however, it 
is not frequently reported. This is a very important fea­
ture if one is to obtain reliable smog chamber data. 
Therefore, the decay of 1 ppm NO under illumination in 
clean air is a useful indicator of the state of contamina­
tion of either the surface or the inlet air of a photochemi­
cal smog reactor. We were unable to completely remove 
this effect by prolonged heating of the chamber to 50° 
under vacuum.

Figure 8 . The dependence of (d [N O ]/d f -  d [0 3] /d f )  on [N 0 2] 
In the photolysis of N 0 2 in air on a log-log  chart. A line of slope 
2 is drawn over the data points.

NO2  + O3 . In this study a rate constant of 6.5 ± 0.8 X 
1 0 - 1 7  cm3 molecule 1  sec- 1  was obtained for this reac­
tion. The most extensive previous data on the rate con­
stant are by Johnston and Yost. 1 1  Using [N02] ~  [03] =
1-10 Torr, they obtained a rate constant of 6.3 ± 1.7 X 
10- 1 7  cm3 sec- 1  at 25° and an activation energy of 7.0 ± 
0.6 kcal mol-1 . Johnston and Yost1 1  did not determine 
the stoichiometry of the reaction but used a previous 
value of 2N02 removed per 0 3 . 1 3  Ford, Doyle, and 
Endow1 4  determined a rate constant in a flow reactor at 
concentration ~ 1  ppm. Their average rate constant is 2.98 
X 10-17, but their data spread over a factor of 2. Their 
stoichiometry AN02 /A03 varies between 4.75 and 0.88 
N 02 removed per 0 3 removed. In our system the stoichi­
ometry could not be determined, for reasons mentioned 
earlier. However, the calculated rate constant is based on 
the equation —d[03]/di = fe[N02 ][03], since [N02] »
[0 3] the stoichiometry does not enter directly into the 
evaluation of the rate constant. The expected second- 
order nature of the reaction is shown in Figures 2 and 3.

Wulf, Daniels, and Karrer in 192213 showed that the 
stepwise addition of 2.3-7.3% [03] in ozonized oxygen to 
NO2-N2O4 removed 2.04 ± 0.05 equivalents of NO2. At
8.15, 11.89, and 17.04% [03] their stoichiometry increased 
to 2.5, 3.1, and 2.8, respectively. They suggested that this 
might have been caused by errors in their analytical pro­
cedure for determining the larger [03]. If the stoichiome­
try of 2  is accepted, then the mechanism would seem to 
be

N02 + 03 — *- N03 + 02 (4)

NO3 + N02 + M 3=±N20 5 (7)

as suggested by Johnston and Yost. 1 1  Reaction 4 is 25.5 
kcal mol- 1  exothermic. 9 Another possible exothermic 
pathway is N 0 2 + 0 3 —* NO + 2 O2 , which is exothermic 
by 20.4 kcal mol-1 . This reaction would be followed by 
NO + 0 3 —1► NO2 + O2 and would result in lowering of 
the stoichiometry. This second mechanism may be related 
to the first in terms of the fact that two possible struc­
tures for N 0 3 exist, and that some of the N 0 3 produced in 
reaction 4 may decompose before being sufficiently stabi­
lized. In order to determine if this mechanism is impor­
tant, a study of the stoichiometry of the NO2 + 0 3 reac­
tion under varying conditions is necessary. It is worth not­
ing that reaction O +  NO2 going v i a  some form of N 03, 
which is 45.9 kcal mol- 1  exothermic, leads to stabilized 
N 03 at atmospheric pressure at V3 of the rate at which it 
decomposes to NO and 0 2 -2a
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TABLE I: Rate Constants at 298°K for the Reaction NO ±  0 3 —*• N 0 2 +  0 2

Author Ret Excess Concn range, ppm

Rate constant, 
cm 3 sec " 1 

X 1014 Estimated errors

Activation 
energy, 

kcal m o l" 1

Johnston, et al. 
Phillips, et al. 
Marte, et al. 
Clyne, et al. 
This work

15
16
17
18

0 3
0 3
NO
NO
Both

5 0 -5 0 0
4 -1 1
1000
2 -4

0 .0 5 -0 .2 7

2.0
2.1
2.9
1.56
1.73

Factor of 2 
±0.5

Factor of 2.5 
±0.16 
± 0.1

2.5

2.46

TABLE II: Mechanism of Photolysis of N 0 2 in Air

Figure 9. A computed fit to the 0 3 and NO data in the photolysis 
of 4.2 ppm N02 in air using the reaction mechanism of Table II:
(—) experimental; ( • )  calculated. Note the break in the time 
axis at 0.5 min.

N O  +  O 3 . The dependence of In [O3] on time and on 
[NO] is shown in Figures 4 and 5. Figure 6  shows the de­
termination with O3 in excess, and one data point at 
which [NO] = [O3] decayed as [NO]"1 time. This is one 
of the three fast reactions setting up the photostationary 
state. 2 a ’ 4 - 1  An accurate value for its rate constant is im­
portant for the determination of light intensity in photo­
chemical reactors, or in the atmosphere. The largest sys­
tematic error in this rate determination is in the calibra­
tion of the NO and 0 3 detectors. These are both calibrat­
ed using tanks of NO in N2, checked against standard 
mixtures in this laboratory and in the Analytical Services 
group at Ford by the Saltzmann technique. The error 
from this source is estimated to be less than 3%. The lim­
its of error are derived from the least-squares analysis of 
the slopes of Figures 5 and 6 , which combined with the 
calibration error lead to an overall value of ks = 1.73 ± 
0 . 1  x 1 0 - 1 4  cm3 sec-1 .

Table I 1 5 - 1 8  shows that the present constant falls be­
tween the two most accurate previous studies. 1 6 ’ 18  There 
is general agreement on an activation energy of 2.5 kcal 
mol- 1  over the range from 198 to 330°K. Thus the expres­
sion /?3 = 1.13 x  10- 1 2  exp( — 25Q0/RT) can be used to 
good accuracy over the range of temperatures likely to be 
encountered in the atmosphere. The O3 detector was rou­
tinely calibrated against NO assuming a unit stoichiome­
try. This has been established in other studies. 1 5 ’ 16

T he P h o to ly s is  o f  N 0 2 in A ir. This reaction was carried 
out at 10 ppm of N 02 in air by Ripperton and Lillian, 19 as 
a baseline experiment for a photochemical smog study. 
They observed rapid increase of NO and 0 3, as expected; 
but then [03] increased slowly, and [NO] decreased. This 
contrasts with the behavior observed here between 1  and 
10 ppm NO2 , shown in Figure 7. Ripperton and Lillian 
suggest that their observations may be indicative of the 
presence of an organic impurity.

Rate constant, Rate constant,
Reaction ppm-1 m in-1 cm 3 sec-1 Ref

1 0.15 This work“
2 20 1.37 X  1 0 " 14

•OCMCM

3 25.5 1.73 X  1 0 -14 This work
4 9.5 X 1 0 -2 6.5 X  1 0 -17 Th is work
5 1.25 X 104 8.3 X  1 0 -12 24
6 3.8 X 1 0 3 2.6 X 1 0 -12 l b
7 4.5 X  103 3 .06  X  1 0 -12 25

- 7 14 25
8 3.2 X  104 2.2 X  1 0 -11 25
9 2.5 X  1 0 3 1.7 X 1 0 -12 23*

10 2.8 X  1e r 4 1.9 X  1 0 -19 This work*

“ Units m in " '.  b Expressed as a biomolecular rate constant in 1 atm
of air.

TABLE III: Ratio of Rate Constants 0  +  0 2 +  M —► '0 3 +  M
(k2 [M]> and O +  N 0 2 ^ 0 2 +  NO (k5)

Author k2[M ]/k 5 Ref

This work 1.08 ±  0 .12 X  1 0 " 3
Schuck, e t  at. 1.15 ±  0.08 X  1 0 -3 21
Ford, et al. 1 .33  X 1 0 -3 14
B u fa lin i, et al. ~ 6  X  1 0 -4 10
From Table 11 1.6 ±  0 .4  X  1 0 -3
Davis, et al. 1.1 X 1 0 " 3 26“
Clyne, et al. 2.2 X 1 0 -3 27“

“  Using the author’s new values for k5, and [Wf from Table II.

Experiments such as those shown in Figure 7 were con­
ducted for the purpose of: (a) demonstrating that an anal­
ysis of [NO] and [03] in the first 30 sec of photolysis of 
NO2 can lead to a direct measurement of the light inten­
sity; and (b) understanding the details of the reactions in 
the NO2 photolysis system.

The rapid buildup of equal concentrations of NO and 
0 3 is predicted by the first three equations in the mecha­
nism. The slower increase of [NO] and decrease of [O3] in 
the later stages, such that (d[NO]/dt -  d[03 ]/dt) 
[N02 ] 2 as shown in Figure 8  can only be interpreted with 
a more extensive mechanism. The best available rate con­
stants were assigned to each step in the mechanism in 
Table II.

Assuming steady-state [N03], [03], [O], and [N20 5] in 
equilibrium, an analytical solution can be derived from 
the mechanism

(d[NO]/di —d[03]/df) = 2 A ^ 5 [N 0 2]2/^2[0 2][M] (I)

Equation I has the correct functional dependence on 
[NO]2 shown in Figure 8 . A value of /?2 [M]/fc5 = 1.08 ± 
0.12 X  10- 3  is derived from the position of the line in Fig­
ure 8 . This is compared with literature data in Table III.

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 7 , N o .  2 2 ,  1 9 7 3
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The data of Table III are good evidence that the abso­
lute rate constants are correct, and that the mechanism of 
Table II gives an adequate understanding of the photolysis 
of 1 - 1 0  ppm of NO2 . Further verification is provided by 
computer modeling using the experimental initial concen­
trations and the rate constants of Table II.20 The points in 
Figure 8  show the results of these calculations over the 
first 30 sec of reaction. Figure 9 shows as solid circles the 
results of this calculation applied to 5 min of data from 
the photolysis of 4.2 ppm of NO2 . The agreement is within 
the errors of the absolute rate constants.
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discussions with Dr. E. E. Daby and other members of the 
Fuel Sciences Department at Ford Motor Co., where the 
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Photochemistry of Phenylcyclobutane. I I1
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The products of the photolysis of phenylcyclobutane have been confirmed but yields of styrene and of 
ethylene are somewhat higher than previously found as are yields of cis- and frans-l-methyl-2 -phenylcy- 
clopropane. The reason is probably to be ascribed to wall effects. Since fluorescence yields agree with 
earlier values, the effect is probably on the excited triplet state. The external heavy atom effect of added 
xenon is to increase somewhat the yields of styrene and of ethylene but to decrease markedly the yields 
of the cyclopropanes at 266 nm. Triplet sensitizers with high fluorescence yields tend to decrease product 
yields but others with high crossovers to triplet states have little effect. Without question styrene and 
ethylene must come partially but perhaps not solely from the triplet state. The source of the cyclopro­
panes is either the high vibrational levels of the ground state or of the triplet state. Neither state can be 
excluded or confirmed as the sole precursor of isomerization.

Recently Autard2 has shown that phenylcyclobutane 
gives four principal products upon photolysis: (a) styrene;
(b) ethylene; (c) cis-l-methyl-2 -phenylcyclopropane; (d) 
trans-l-methyl-2-phenylcyclopropane. Styrene yields were 
always lower than ethylene yields and this was ascribed to 
polymerization of the styrene. All yields decreased with 
decrease in wavelength of the incident radiation as did

also the yield of fluorescent emission. Even at the longest 
wavelength used (266 nm) an energy balance was not 
achieved and only about 0.76 of the absorbed photons 
could be accounted for either by product formation or by 
light emission. By use of cis-2-butene which presumably 
quenches triplet but has little effect on singlet states, 
some evidence relating product formation to the triplet
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state was adduced. Autard did not feel, however, that 
conclusions could be drawn with certainty which would 
relate the multiplicity of the excited state to a definite 
mode of reaction.

The present work was undertaken with a view to estab­
lishing more completely the detailed mechanism of the 
photochemistry of phenylcyclobutane. The external heavy 
atom effect to enhance crossover to the triplet state and 
photosensitization by other aromatic molecules have been 
used as aids to attempt to relate the various reactions to 
definite energy states. It is now apparent that either an 
impurity or the condition of the walls is responsible for 
the polymerization of the styrene and possibly also for re­
duction in the yields of c and d above. The photon 
accountability is brought up to about 0.90. The cause of 
the yield reduction is probably the walls since yields of 
fluorescence are little affected and the lifetime of the sin­
glet excited state (probably about 50 nsec) 3 is undoubted­
ly much shorter than that of the triplet. The present work 
was performed solely in the neighborhood of the (0 ,0 ) 
band at 266 nm. For many molecules both fluorescence 
and crossover to the triplet state are maxima under such 
conditions.

Experimental Section
Phenylcyclobutane was prepared by the reaction of 

phenylmagnesium bromide with cyclobutanone to give 1 - 
phenylcyclobutan-l-ol which was subsequently reduced 
with sodium in liquid ammonia to give the phenylcyclo­
butane. 4 The phenylcyclobutane was purified by vapor- 
phase chromatography on a 20% FFAP (free fatty acid 
phthalate) Chromasorb P column 6  m in length and 1.0 
cm in diameter at 125°. The product was shown by vpc to 
be better than 99.95% pure.

Benzene, toluene, o- and p-xylene, n-hexane (all Phil­
lips Research Grade), n-heptane (Matheson Spectroqual- 
ity), and xenon (Union Carbide Research Grade) were 
used without further purification except for thorough de­
gassing on the vacuum line.

A grease-free, mercury-free system was used for all ex­
periments. A cold cathode vacuum gauge showed the 
pressure upon prolonged evacuation to be less than 3 X 
HU7 Torr. The quartz photolysis cell was the same as 
used by Autard.2 The cell and connecting Teflon stopcock 
(Delmar with Viton O-rings) were housed in an electrical­
ly heated asbestos oven with front and rear Supracil win­
dows.

The light source was a Hanovia 977B-1 1000-W mer­
cury-xenon high-pressure lamp. The light was focused on 
the entrance slit of a Bausch and Lomb Model 33-86-45 
monochromator with a reciprocal linear dispersion of 1 . 6  

nm per mm. The entrance slit was 2 mm in width and the 
exit slit 1  mm. A parallel beam about 2 cm2 in cross sec­
tion was passed centrally through the axis of the cell for 
the photochemical experiments. For measurements of flu­
orescence the diameter of the beam was about 5 mm. The 
incident light was monitored by placing a Supracil plate 
at 45° to the light path outside of the oven, thus reflecting 
part of the beam on an RCA 935 phototube. The trans­
mitted light was also monitored by an RCA 935 phototube 
placed at the rear of the cell. The light entering the cell 
had an integrated intensity of about 3.49 X 101 4  photons 
sec“ 1. Fluorescence was measured by an IP28 photomulti­
plier tube operated on 700 V. The method of measure­
ment of fluorescence has been described. 2 The integrated

intensity was measured by use of hydrogen iodide as an 
internal actinometer.5

Yields of fluorescence were made by use of benzene ($f 
= 0.19 at 253 nm) 6 and toluene (4>t = 0.30 at 266 nm) 7 as 
standards. Light intensities were corrected for change in 
phototube sensitivity with wavelength. 8

Butylcyclohexane (1%) was added to the phenylcyclo­
butane to serve as a convenient internal standard for the 
product analysis by gas ch rom a tog ra p h y . It was show n to  
have no effect either on the fluorescence or on the photo­
chemistry. The use of butylcyclohexane tended to cancel 
out errors due to incomplete condensation of products.

A microliter syringe was used to introduce the phenyl­
cyclobutane and other liquid reactants, following which 
they were thoroughly degassed.

The normal irradiation time was 30 min. Incident, 
transmitted, and emitted intensities were measured every 
5 min.

Ethylene was determined as described previously. 2 The 
remainder of the mixture was condensed at —196° and 
then analyzed on a Perkin-Elmer gas chromatograph with 
a 15.2 m  column of m -b is (m -p h e n o x y p h e n o x y )b e n z e n e -  
Apiezon L (MBMA) column at 70°. The three products 
(excluding ethylene) and the butylcyclohexane were well 
resolved. A planimeter was used to measure peak areas.

Xenon was expanded into the cell onto the phenylcyclo­
butane from a Wallace-Tiernan pressure gauge. After pho­
tolysis the mixture was cooled to —78° and the xenon 
pumped off. The rest of the mixture was analyzed as be­
fore.

Photopolymerization of the styrene formed during pho­
tolysis was shown to be unimportant under the present 
conditions by photolyzing 5 Torr of a mixture of styrene 
(2%), butylcyclohexane (2%), and benzene (96%) at 266 
nm at 40°. Styrene reco v ery  e x ce ed ed  98% . Ethylene was 
not normally determined because analysis for the styrene 
was more accurate.

The 30 min irradiations resulted in about 1% conversion 
of the phenylcyclobutane, except for the phenylcyclobu- 
tane-toluene mixtures where conversion may have 
reached 2 %.

Results
Yields of. fluorescence for pure phenylcyclobutane were 

determined and agree well with those obtained by Au­
tard. 2 They are included in column 2  of Table I for com­
pleteness. The value obtained by Autard at 4.5 Torr at 40° 
was 0.28 ± 0.07 at 266 nm. The average deviation from 
the mean is given in Table I. It shows that there is no sig­
nificant trend with pressure over the range studied.

Table II shows that xenon quenches significantly the 
fluorescence of phenylcyclobutane. The linear Stem-Vol- 
mer plot leads to the following equation

l/<f>, = 3.65 + 0.0201PXt, (1)

where PXe is in Torr. The slope is slightly greater than 
found by Autard, but agreement is good. Other foreign 
gases studied were n-hexane and n-heptane which give the 
following equations

l/ $ f = 3.70 + 0.0034Phex (2)

l/ $ f = 3.67 + 0,0092Phep (3)

The cross sections for quenching are about 0.05 and 0.14 
X 10~ 1 6  cm2, respectively. Since the data in Table III 
show that n -hexane causes a slight decrease in styrene 
yields while xenon causes a slight increase the quenching
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TABLE I: Product Quantum Yields in the Photolysis of 
Phenylcyclobutane at 266 nm and 40°

[PCB]0,°
Torr 4>f° 4>(C2H4) ^styrene ^cis ^trans

0.5 0 .260 0.472 0.048 0.071
1.0 0 .267 0 .520 0.503 0.060 0.077
1.0 0.261 0.509 0.497 0.053 0.070
1.0 0.271 0.499 0.480 0.052 0.068
1.0 0 .266 0 .518 0.505 0.048 0.068
2.0 0 .270 0 .5 12 0.498 0.050 0.061
Av 0 .266 0.512 0.494 0.052 0.069

± 0 .0 0 4 0 .006 0.002 0.003 0.004

0 [PCB]o =  initial pressure of phenylcyclobutane.

TABLE II: Product Quantum Yields in the Photolysis of 
Phenylcyclobutane-Xenon Mixtures at 266 nm and 40°

[PCB]0,
Torr

[Xe],
Torr ^styrene 4>cls ^trans

1.0 0 0.270 0.494 0.052 0.069
1.0 50 0.205 0 .504 0.012 0 .0 14
1.0 110 0.173 0.533 0.009 0.012
1.0 216 0.132 0.566 0.005 0.007
1.0 423 0.081 0 .534

TABLE III: Product Quantum Yields in the Photolysis of
Phenylcyclobutane -n-Hexane Mixtures at 266 nm and 40°

[PCB]o
Torr

, [n-Hexane], 
Torr i f ^styrene

1.0 0 0.27C 0.434
1.0 25 0.263 0.465
1.0 50 0.26C 0.452
1.0 100 0.247 0.461

steps presumably are not identical. One might suggest 
that rc-hexane and n-heptane cause a small amount of vi­
brational “ heating” of molecules excited near the (0 ,0 ) 
band. 9 Such small quenching effects are being actively 
studied in other laboratories and a better explanation may 
be forthcoming in the future.

Quenching by xenon is ascribed to an external heavy 
atom effect in promoting cross-over to the triplet state. 7 

No new products were identified, however. Yields are 
given in Table I for pure phenylcyclobutane and show no 
trend with pressure over the range studied.

Table II shows that the styrene yield increases by more 
than experimental error and may even go through a maxi­
mum. More data on this point are needed. Xenon is inef­
ficient in causing vibrational relaxation and the hexane 
results (Table III) show that styrene yields are only slight­
ly affected by vibrational relaxation. Thus the effect of 
the xenon on the styrene yields is best ascribed to en­
hanced intersystem crossing to the triplet state. This 
should be a near adiabatic process.

It should be noted from the data ir_ Table I that fluores­
cence and products yields in these experiments conducted 
near the (0 ,0 ) band of phenylcyclobutane add as follows: 
0.266 + 0.512 + 0.052 + 0.069 = 0.9C and 0.266 + 0.494 + 
0.052 + 0.069 = 0.88. These sums differ from unity by 
about the limit of experimental error. In many mecha­
nisms of photochemical isomerization it can be reasonable 
to postulate an intermediate which may either revert to 
the parent molecule or go over to ar. isomer. The data in

TABLE IV: Product Quantum Yields in the Photolysis of 
Phenylcyclobutane with Other Aromatic Molecules at 
266 nm and 40°

[PCBjo, [A),
Torr Torr a 4>r7 <f>styrene ic i»  4>tra,

A. B enzene (253 nm )

1.0 0 .0 1.000 0.118 0 .530 0.028 0.036
1.0 5.0 0 .477 0.156 0.517
1.0 10.0 0 .314 0.162 0.521
0.5 10.0 0.186 0.171 0.521
0.5 20 .0 0 .103 0.178 0.492

B. To luene

1.0 0.0 1.000 0.270 0 .494 0.052 0.069
1.0 2.0 0 .383 0.285 0.499 0.017 0.019
1.0 5 .0 0 .197 0.289 0.482 0.007 0.008
1.0 10.0 0 .110 0.284 0 .440

C. o -X y lene

1.0 0 .0 1.000 0.270 0 .494 0.052 0.069
1.0 1.1 0.366 0.320 0 .430 0.016 0.017
1.0 3.2 0 .164 0.385 0 .370
1.0 5.4 0 .104 0.401 0 .330

D. p -X y lene

1.0 0.0 1.000 0.270 0.494 0.052 0.069
1.0 1.1 0 .258 0.430 0.301 0.008 0.010
1.0 3 .2 0 .109 0.480 0 .2 20 0.002 0.003
1.0 5 .0 0.069 0.496 0.173
1.0° 0.0 1.000 0.190 0.499 0.053 0.070
1 .0a 5.3 0.065 0.365 0 .178
1 .0“ 5.3 0.065 0.370 0.174

“ Temperature =  60°.

the present experiments are not accurate enough to pro­
vide evidence for or against such an intermediate but it is 
quite possible that the fates of molecules of phenylcyclo­
butane excited to the first upper singlet state could be 
quantitatively accounted for in this way.

Benzene, toluene, and the three xylenes when excited 
near their (0 ,0 ) bands seem either to fluoresce or to cross 
over to their triplet states. 10  Benzene may be a slight ex­
ception. 10 Any of these molecules might be used as triplet 
sensitizers for phenylcyclobutane. Table IV shows results 
obtained with benzene, with toluene, with o-xylene, and 
with p-xylene, respectively. The fraction of the light ab­
sorbed by the phenylcyclobutane (a )  is calculated from 
the equation

a  -  a i P j i a i P , ,  + a 2P 2) (4)

and the fluorescence yields were found to follow the rela­
tionship

$ fT =  a $ f° +  (1 -  a ) $ f'  (5 )

where a j and « 2  are the absorption coefficients of phenyl­
cyclobutane and of the sensitizer, respectively, and P i  and 
P 2 are their corresponding pressures. The absorption coef­
ficients were obtained experimentally using the equation 
I tr = / 0 e x p ia ,P i). The 4>fT, 4>f°, and $f' are respectively 
the fluorescence yields of the mixture, of the pure phenyl­
cyclobutane, and of the pure sensitizer.

With benzene and with toluene as the added gases 
(Table IV) styrene yields did not change much more than 
experimental error. Triplet yields for the two molecules 
seem to be about the same.10  With the two xylenes fluo­
rescence increases because fluorescence yields for these
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two molecules are higher than for phenylcyclobutane, but 
styrene yields are lowered possibly because triplet yields 
are lower.

Discussion

The results with added xenon indicate that since fluo­
rescence of phenylcyclobutane is quenched, triplet yields 
should increase. If the principle products (styrene and 
ethylene) come from the singlet state their yields in the 
presence of xenon should decrease parallel to the fluores­
cence. If these products arise from the triplet state their 
yields should increase in the presence of xenon. The fluo­
rescence yield of phenylcyclobutane drops from 0.27 to 
0.081 with the addition of 423 Torr of xenon. Superficially 
the triplet yield might change from 0.73 to 0.92 and the 
styrene yield might change from 0.49 to 0.49 X 0.92/0.73 
= 0.62. It actually increases to at most about 0.56.

Adiabatic collision-induced intersystem crossing from 
excited singlet to the excited triplet state could also be 
accompanied by a secondary process of induced intersys­
tem crossing from the triplet state to the upper levels of 
the ground singlet state. Therefore the net effect of high 
xenon pressures would be an apparent induced internal 
conversion from the excited singlet state to the ground- 
state singlet. This type of an effect would explain both the' 
failure of the styrene yield to reach the theoretical value 
of 0.62 as well as the possible maximum in the styrene 
yield as the xenon pressure is increased.

Since the addition of n-hexane has very little effect on 
the styrene yield, it appears that vibrational energy in the 
triplet state plays only a minor role in the dissociation to 
give styrene and ethylene. Alternatively the dissociation 
from the triplet state may be very rapid (e .g ., the cross 
over might be to a repulsive triplet state most of the time, 
in which case dissociation would occur prior to bimolecu- 
lar collisions).

The yields of the cyclopropanes decrease in the presence 
of xenon. They are also quenched totally in the presence 
of other gases. Earlier data showed these yields to de­
crease at short wavelengths where by analogy with other 
molecules cross over should be very low. It is evident that 
the cyclopropanes are formed from a vibrationaily excited 
state such that rapid vibrational relaxation inhibits the 
isomerization reaction. Photolysis near the (0,0) band pro­
duces a singlet state with little or no vibrational energy 
content. The relative change in the dissociation yields to 
the isomerization yields in going from 266 to 254 nm 
(Table IV, lines 1 and 6 ) seems to indicate that these pro­
cesses are occurring from different states. Alternatively 
this could be due to the onset of a contribution of the vi­
brationaily excited singlet state to the dissociation pro­
cess. The cyclopropanes are therefore most likely formed 
from vibrationaily excited levels of the triplet state or the 
upper levels of the ground state populated from the trip­
let. There are some other cases1 1  in which conclusions of 
this type appear to be necessary but they are put forward 
here only tentatively.

The results with the triplet sensitizers require a more 
detailed treatment. The following mechanism is proposed 
and justification for the various steps will be made later.

I. Steps necessary to explain the photochemistry of 
phenylcyclobutane at 266 nm (near the (0 ,0 ) band) are

PCB„ + hv = ‘PCB (6 )
PCB = PCB„ + hv, k~ (7)
PCB = ‘PCB* fes (8 )

PCB* = Po fe9 (9)
PCB* + M = PCB + M fe,o (1 0 )
PCB* (or 'PCB,,*) = P, feu (1 1 )

where PCBo, ^CBo*, P C B , P C B , and P C B *  represent 
phenylcyclobutane in the normal ground state, in the vi­
brationaily excited ground state, in the first excited sin­
glet state, in the relaxed triplet state, and in the vibra­
tionaily excited triplet state, respectively. P2 represents 
the dissociation products, styrene and ethylene, and Pi 
represents the isomerization products, cis- and tra n s - 1 - 
methyl-2 -phenylcyclopropane. M is anything capable of 
removing vibrational excitation on collision. The reaction 
3PCB = P2 is also a probable process. The PCBo* could 
be formed either in a low yield internal conversion process 
from 1PCB or by an intersystem crossing from 3PCB. 
Reaction 11 indicates the uncertainty as to which vibra­
tionaily excited molecule is the main precursor to the 
isomerization process.

II. Additional steps necessary at shorter wavelengths are

PCB* = ? kvl (12)
PCB* = ? ka (13)

The primary products of these two states are not known 
but presumably both lead ultimately to ground state mol­
ecules.

III. In the presence of xenon additional steps must be 
introduced

lPCB + Xe = 3PCB* + Xe k u (14)
PCB + Xe = ‘PCB,,* + Xe klb (15)

IV. In the presence of aromatic sensitizers the following 
steps must be added

‘A + h v  = ‘A (1 -  a ) l „ (16)
'A = 'A0 + h v , ' fen (17)
‘A = 3A feis (18)
'A = 7 fel9 (19)
3A + ‘PCB„ = PCB +  ‘A„ fe9o (20)
'A + M = ‘A0 + M k - l l (21)

where A is a molecule of aromatic sensitizer and M is any 
molecule capable of producing relaxation electronically.

The nonproductive loss of singlet sensitizer molecules 
by (19) may only be necessary for benzene where the 
yields of fluorescence and of crossover to the triplet state 
do not seem to add to unity1 0  within the probable experi­
mental error. Isomerization to benzvalene and possibly to 
other molecules could conceivably be responsible for this 
failure. 12 Collisional loss of electronic energy by (21) 
seems to be important in the case of the xylenes. This 
could lead to an excimer or to an exciplex. In any case for 
benzene and toluene it appears to be unimportant com­
pared to triplet quenching by phenylcyclobutane. Triplet 
quenching in the case of the xylenes may be slow because 
of steric hindrance due to the methyl groups.

The styrene yield in pure cyclobutane is given by the 
product of the triplet yield, <Pr°, and the fraction of the 
triplet state which dissociates by (9) to give P2

V  = [fe 8/ ( * 7  + h ) I  V ( * i  + k n )]  (22)

The triplet yield is at least approximately 1 -  <t>f° = 0.73 
and k 9/(kg +  fen) is approximately 0.494/(0.494 + 0.052 
+ 0.069) = 0.80 or fen = 0.25feg. This simple calculation 
neglects any possible reversion of an intermediate to the
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[M], T O R  R

F igure  1. Plot of inverse quenching e ffic iency vs . total pressure 
for phenylcyclobutane sensitization by benzene (O ), toluene 
( □ ) ,  o-xylene ( • ) ,  and p-xylene (A ) . is defined as the 
fraction of trip le t sensitizer quenched by phenylcyclobutane. 
Curve A: 1 / $ Q =  1.000; curve B: 1/<j?Q =  0 .92  +  0.061 [M l; 
curve C: 1 / $ Q =  1.04 +  0 .1 9 2 [M ]; PPCB =  1.0 Torr.

parent molecule. The styrene yield is independent of k 1 0  
because it is formed with equal efficiency from either 
3PCB or from 3PCB*.

In the presence of a sensitizer the styrene yields are 
given by (see Table IV)

$P2 = [*,/(*, +  &n)][(l -  a)<f>Q<i>Ts + a$t°] (23)

where 4>q :s defined as the fraction of triplet sensitizer 
quenched by phenylcyclobutane. 3>q = [ft2o(1 PCBo)/ 
fe2o(xPCBo) + fe2i(M)] and $TS is the triplet yield of the 
sensitize = feig/(fei7 + fcis + 1̂ 9 ) • The triplet yields used 
are as follows: benzene (0.72); toluene (0.70); o-xylene 
(0.60); p-xylene (0.50). From observed styrene yields and 
values of a  from (4), the values of $q have been calculat­
ed. The results are plotted in Figure 1. Within experimen­
tal error = 1 for benzene and for toluene. Thus for 
these two molecules all of the triplet state molecules are 
quenched by phenylcyclobutane, and /?2o(1 PCB) is much 
greater than fe2i(M) for all pressures studied. For the two 
xylenes <f>q is observed to be a function of pressure. Plots 
of 1/4>q v s . (M) give k i i/ k 2 o =  0.061 and 0.192 for 0 - and 
p-xylene, respectively. In a system of 1  Torr of PCB and 
10 Torr of sensitizer 38% of the o-xylene and 6 6 % of the

p-xylene triplets are lost by bimolecular quenching, i.e., 
these amounts do not form 3PCB. As stated above this 
may be due to a steric interaction between the methyls 
and the cyclobutyl ring. The validity of this assumption 
will be tested by CNDO-INDO calculations.

For all of the sensitizers the intercept of the plot of 
1 /$q vs. concentration is unity, thus verifying that uni- 
molecular loss of the triplet sensitizer is unimportant 
under the present conditions.

Conclusion
The data indicate that the photochemical formation of 

styrene and ethylene at 40° in the gaseous phase from 
phenylcyclobutane occurs from the triplet manifold and 
that the l-methyl-2 -phenylcyclopropanes are formed from 
a readily quenched vibrationally excited molecule which 
may be either the triplet state or the ground state of 
phenylcyclobutane. The results agree qualitatively with 
those of Autard. No other products are found and fluores­
cence is the only emission observed. .

Ground-state phenylcyclobutane quenches the triplet 
states of benzene and of toluene quantitatively but the 
xylenes are quenched much less effectively. A tentative 
explanation for the difference is proposed.
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The intensity and lifetime quenchings of the Cr(en)33+ phosphorescence have been investigated in aque­
ous solution at room temperature. It has been found that Mnaq2+, whose lowest excited state is at 18.9 
kK, does not exhibit any quenching effect, whereas Feaq2 + and Coaq2+, which have very low lying excit­
ed states ( <10 kK), do quench the Cr(en)33+ phosphorescence. The quenching action of C0 CI2 has been 
investigated under various experimental conditions. It has been found that (i) the emission intensity and 
lifetime are quenched in parallel, (ii) the Stern-Volmer plots (P / l  or t°/t against [C0 CI2 ]) show a posi­
tive curvature, and (iii) the quenching effect increases with increasing Cl concentration. The results ob­
tained are quantitatively accounted for considering the relative abundances and the different quenching 
abilities of the various Co(II) species (e .g ., Co(H20)62+, Co(H20)5C1+, etc.) that are present in aqueous 
solutions containing Co2+ and C l- ions.

Introduction

The quenching of the luminescence emission of coordi­
nation compounds in fluid solutions has been scarcely in­
vestigated. However, recent studies have pointed out that 
the nature of the ligands,2 the charges of the complex and 
the quencher,2~5 and several parameters of the medium 
(ionic strength, viscosity, etc.5’6) play important roles in 
determining the value of the quenching constants. The 
possibility of carrying out systematic investigations in this 
field is somewhat limited because of the difficulty of find­
ing suitable quenchers. This is particularly true in the 
case of the Cr(III) complexes which have low absorption 
bands and emit at very low energies (12-15 kK). In this 
paper, we wish to report the results of an investigation on 
the quenching of the Cr(en)33+ phosphorescence by some 
transition metal ions in aqueous solution, under various 
experimental conditions. Some of these ions are very suit­
able for quenching experiments since they have low lying 
(< 10 kK) excited states, low absorption, and high solubil­
ity in aqueous solutions. However, it will be shown that 
the quenching ability of these ions strongly depends on 
the actual nature of the species {e .g ., M(H2 0 )62+, 
M(H2 0 )5C1 +, etc.) that they are incorporated in.

Experimental Section

M ateria ls. Tris(ethylenediamine)chromium(III) chloride 
dihydrate, [Cr(en)3]Cl3-2H20, was prepared following the 
procedure indicated in the literature.7 The corresponding 
perchlorate salt was obtained by adding concentrated per­
chloric acid to an aqueous solution of the chloride salt. 
FeCl2-3H20, CoCl2-6H20, MnCl2-4H20, and all the other 
chemicals used were of reagent grade.

A pp a ra tu s. The emission spectra were recorded by 
means of a Hitachi-Perkin-Elmer MPF-3 spectrofluori- 
meter equipped with a high sensitivity cell assembly and 
a red sensitive (R-446) photomultiplier. Luminescence 
lifetimes were obtained by exciting with a frequency dou­
bled ruby laser (104 TRG/Control Data Corp.). The ar­
rangement used has been described elsewhere.8

P rocedu res . A weighed amount o f  the complex was dis­
solved in the selected medium so as to obtain a 2.5 X  
10~2 M  solution. This operation was carried out in red 
light. The media used were as follows: (i) aqueous solu­
tions which contained the desired concentration of the 
quencher and which had been slightly acidified with HC1 
so as to have a pH of about 2.5; (ii) the same solutions as 
above, except that their total CD concentration9 was ad­
justed to 2.0, 4.0, or 5.2 M  by adding KC1 or MgCl2 ; (iii) 
aqueous solutions which contained the desired concentra­
tion of the quencher and whose total CD concentration 
was adjusted to 2.0, 4.0, or 5.2 M  by adding HC1. For the 
study of the intensity quenching, the excitation was car­
ried out at 365 nm when using CoCl2 or MnCl2 and at 464 
nm when using FeC^, in order to minimize the fraction of 
exciting light absorbed by the quencher (see Figure 1). 
Because of the low phosphorescence quantum yield, large 
excitation and emission slits (~30 nm) had to be used. In 
order to obtain reliable 7°//values (see Results), the mea­
sured emission intensities had to be corrected for each one 
of the following factors: (a) the fraction of the exciting 
light absorbed by the quencher (maximum values: 8% for 
C0 CI2 , 4% for FeCU, and 5% for MnCU); (b) the change 
in the emission intensity due to the change of the total 
absorbance of the solution at the wavelength of irradiation 
(maximum changes of absorbance for 1 cm of optical 
path: from 1.16 to 1.26 for CoCl2, to 1.21 for FeCl2, and to
1.22 for MnCl2 ); (c) the “trivial” reabsorption of the 
emission by the quencher (minimum transmittance for
1-cm optical path: 0.42 for CoCl2, 0.68 for FeCl2 , and 0.94 
for MnCL). The correction for point a is a simple one. 
The other corrections are much more complicated since 
they also depend on the optical geometry of the spec- 
trofluorimeter. The methods used for such corrections 
were based on experimental calibration plots and they will 
be fully described elsewhere.10 No correction had to be 
made for the lifetime measurements since absorption by 
the quencher reduces the luminescence intensity but, ob­
viously, does not affect the luminescence lifetime. All ex­
periments were performed at room temperature (~20°).
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■ FeC I2 
A  C oC I2

X (n m)

Figure 1. Molar extinction coeff ic ients (solid line) and relative 
emission Intensity (dotted line) of Cr (en ) 33 * . The absorbances 
of 1.7 M FeCIo, 1.6 M CoCI3. and 2.0 M MnClj  are also shown.

Since it is known that under these conditions neither the 
intensity1 1  nor the lifetime2 of the Cr(en)33* phosphores­
cence are affected by oxygen, all experiments were carried 
out in air equilibrated solutions.

Results

Quenching of the Phosphorescence Intensity. We found 
that the luminescence intensity of Cr(en)33* in aqueous 
solution was not affected by the presence of KC1 (up to 4 
M) and MgCU (up to 5.2 M), whereas HC1 exhibited some 
quenching action (I°/I = 1.2 for [HC1] = 4). We also 
found that MnCl2 did not quench the Cr(en)33 ' lumines­
cence (see Figure 2 ). In contrast, C0 CI2 and FeCU were 
found to exhibit a quenching effect. The Stern-Volmer 
plot for the quenching by C-0 CI2 is shown in Figure 2 . The 
quenching by FeCl2 showed a very similar behavior.

Using C0 CI2 as a quencher, other experiments were car­
ried out in order to find the reason for the positive curva­
ture of the Stern-Volmer plot of Figure 2. It was found 
that the addition of Cl ions to solutions containing a 
fixed amount of [Co2  ̂ ,,i9 strongly enhanced the intensity 
quenching. As is shown in Figure 3, for [CU]nu = 2  or 49 

this effect was the same regardless of whether HC1, KC1, or 
MgClo was used for adjusting the Cl concentration. 
Some experiments were also carried out in solutions con­
taining [Cl-]t„l = 5.2 (adjusted with MgCU). Under these 
conditions, P/I was 1.9 and 4.1 for [Co2 + ]t,,i = 0 . 1  or 0.3, 
respectively.

Quenching of the Phosphorescence Lifetime. The emis­
sion lifetime of Cr(en)33 ,̂ r°, was found to be 1.33 ± 0.03 
psec in aqueous solution at room temperature. This value 
is in agreement with a previously reported one12 and is 
also similar to the values obtained in different media. 2 -8 

We found that the presence of 1 . 1  M  MnClo or MgCU (up 
to 5.2 M) did not affect the emission lifetime of 
Cr(en)33*. When the complex was dissolved in concen­
trated HC1 solutions, only a very small decrease in life­
time was observed (r = 1.26 ^sec for HC1 5.2 M). We 
found that the emission lifetime of Cr(en)33* was 
quenched by C0 CI2 . The most important results obtained 
are shown in Figures 2 and 3. As one can see from Figure 
2, the Stern-Volmer plot for the lifetime quenching coin­
cided with that of' the intensity quenching. Moreover, the 
effect of CM addition was the same as that found for the

F igure 2. Quenching of the C r(en)33*  phosphorescence intensi­
ty (O) and l ifetime (□ )  by CoCM The curve represents the 
values calculated on the basis of eq 2 (see text). The lack of 
quenching by MnCb ( •  and ■ )  is also shown.

F igure  3. Quenching of the C r(en)33*  phosphorescence Intensi­
ty (O) and lifetime (□ )  by Co2*  for solutions having constant 
CM concentration. Open symbols refer to solutions whose CO 
concentration was adjusted with MgCU or KCI: solid symbols 
refer to solutions whose C l“ concentration was adjusted with 
HCI. The curves represent the values calculated on the basis of 
eq 2 (see tex t ) .

intensity quenching, at least for [CM]lot = 2  or 4 (Figure 
3). A few experiments were also carried out at [Cl ]t, t = 
5.2. Using MgCU to adjust the Cl concentration, the 
t° / t values were 2.2 and 4.15 for [Co2 + ]t()t =0.1 and 0.3, 
respectively. Using HCI, t°/r was 2.4 for [Co2 : ]i„t = 0.1.

Discussion

The results obtained may be summarized as follows: (i) 
KCI. MgCl2, and MnClp do not quench the Cr(en)33* 
emission, whereas C0 CI2 and FeCU exhibit a quenching 
effect; (ii) the Stern-Volmer plots for the quenching by 
C0 CI2 or FeCU show a positive curvature; (iii) the 
quenching effect of C0 CI2 increases with increasing CU 
concentration; (iv) at least for [Co2 + )i,,t < 1.0, and
[CU]tot )£ 4.0, the effect due to the increase in [Cl ] does 
not depend on whether MgCU or HC! are used for adjust­
ing the chloride ion concentration; (v) at least under the
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Cr Mn
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F igure 4. Energy level diagram for Cr(en)33r and the hexaaquo 
Ions used as quenchers. The Co(II)  and Fe( l l )  species which 
are present in concentrated Cl solutions are also expected to 
exhibit energy levels lo w e r th a n th e 2Ef f o fC r (e n )33 + .

experimental conditions given above, the emission inten­
sity and lifetime are quenched in parallel.

The results mentioned in point i seem to indicate that 
the quenching of Cr(en)33+ emission involves electronic 
energy transfer to the low lying excited states of Coaq2+ 
and Fea q 2 + (or to some other Co(II) or Fe(II) species, see 
later). As shown in Figure 4, Mnaq2+ has no excited state 
lying at lower energy than that of the Cr(en>33+ emitting 
state. Of course, the same is true for KCl and MgCl2. It 
does not seem likely that the quenching by Coaq2+ and 
Feaq2+ is due to electron transfer. The doublet state of 
Cr(en>33+ is not expected to exhibit remarkable redox 
properties. Moreover, if Coaq2+ acted as an electron donor 
toward excited Cr(en)33 t, Mnaq2+ would exhibit a similar 
quenching action since the ionization and oxidation po­
tential of Coaq2+ and Mnaq2+ are practically equal. The 
lack of quenching by Mnaq2+ also shows that the presence 
of a paramagnetic ion does not enhance the 2Eg —► 4A2k 
intersystem crossing of Cr(en)33+. As far as the small 
quenching action of HC1 is concerned (see Results), the 
most plausible explanation is that of an acid catalysis on 
the Cr(en)33+ photolysis which is known to take place, at 
least in part, from the lowest quartet excited state. 13

The positive curvature of the Stern-Volmer plots of 
Figure 2 cannot be due to the quenching of two excited 
states or to some static quenching. 14 Such phenomena, in 
fact, could account for the curvature in the plot of the in ­
ten sity  quenching, but they cannot account for the non­
linearity of the lifetim e  plot and for the fact that intensity 
and lifetime are quenched in parallel. For a dynamic 
quenching, when the excited state and the quencher have 
ionic charge of the same sign, a positive curvature of the 
Stern-Volmer plot is expected because of the ionic 
strength influence. 1 5  However, for high ionic strengths 
(0.4 < /u < 3.4, for the experiments plotted in Figure 2) 
this effect is expected to be very small, 1 5  in agreement 
with the experimental results mentioned in point iv. 
Therefore, the most important cause for the observed be­
havior (Figure 2) seems to be a change in the nature of 
the quenching species with increasing C0 CI2 concentra­
tion. Actually, it is well known that different species may 
be present in C0 CI2 solutions, depending on its concentra­
tion and on the addition of other compounds which con­
tain Co2+ or CR ions. To our knowledge, the most com­
plete investigation on this problem was that carried out 
by Zeltmann, et a/ . . 16  who identified the following impor­

F igure 5. Quenching of the Cr(en)33+ phosphorescence by 
Co(II)  species. Open and solid c i r ce s  refer to the experiments 
previously shown in Figures 2 and 3, respectively. For the 
meaning of k ', see text.

tant species for Co2+ in hydrochloric acid solutions: 
Co(H2 0 ) 62 + , Co(H2 0)5 CR, Co(H2 0)2 C12, Co(H2 0)C13-, 
and CoCU2 - . 1 7  In diluted aqueous solutions of C0 CI2 , 
Co(H20)62+ is the dominant species. When the concen­
tration of CoCl2 or of added CR increases, the chloride 
containing species become important. Then, the positive 
curvature of the plot in Figure 2 and the positive effect of 
added Cl “ on the quenching constant (Figure 3) may be 
qualitatively accounted for assuming that the Stern-Vol­
mer quenching constant increases with increasing the 
number of CR present in the Oo(II) species. Since the 
substitution of water by CR, which is a weaker ligand, is 
expected to decrease the reducing ability of Coa q 2 + , the 
positive effect of added CR is another evidence against an 
electron-transfer quenching mechanism.

In order to consider the problem from a quantitative 
point of view, let us assume that all the above-mentioned 
Co(II) species can act as quenchers. The Stern-Volmer 
equation for the emission quencning can thus be written 
as follows

I«/1 = T"/r = 1+  /?1[Co(H30)a-+] + R[Co(H30)3Cl+] + 

/z3[Co(H.30)2C y  + /t4[Co(H30)Cl:r ]  + RICoClp-J (1) 

o r

1{) / 1 =  r ° / r  =  1 +  (kYa{ +  k2a2 +  k3a:i +  k4aA +

fc5«5)[Co3+]lol (2)

where a s  are the relative abundances of the various Co(II) 
species. By means of a nmr study, Zeltmann, et a l . , 1 6  
were able to obtain the a  values for hydrochloric acid so­
lutions. The results in point iv suggest that Zeltmann’s de­
values can be used to discuss our experiments, at least for 
[Co2 + ]tm 5 1.0 and [CR]tot < 4.0. Under such conditions, 
only Co(H20)62 r, Co(H2 0)5 CR, and Co(H20)2 C12 are 
present, i.e. n4 and a 5 are practically zero. By means of 
the least-squares method, we found that our experimental 
results are best explained by the following Stern-Volmer 
quenching constants: ky = 0.2 A/-1 , k 2 = 7 M  \  and k 3 
= 1 X 102 M _1. Using these values and eq 2, the curves 
shown in Figures 2 and 3 were obtained. As one can see,
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the agreement with the experimental values is excellent. 
A more direct comparison between the results obtained 
under various experimental conditions and the proposed 
interpretation is given in Figure 5, where the line with 
unitary slope and intercept represents the plot of the first 
member of eq 2  against fe'[Co2+]tot (where k ' =  feicn + 
k.2 a.2 + k 3 a 3). As one can see, the agreement with the ex­
perimental values (which are all those previously shown in 
Figures 2 and 3) is again excellent.1 9

For [Cl-]tot = 5.2, is still very small (0.005 for 
[Co2+]tot = 0 .1 ) but, in eq 2 , the term k 4 a 4 can no longer 
be neglected. By using the few results of the experiments 
carried out under such conditions, we obtained a value of 
about 3 X 102 M  1 for k 4.

Dividing each one of the above Stern-Volmer quenching 
constants by the lifetime of Cr(en)33+ in the absence of 
Co(II) (r° = 1.33 ^sec), one may obtain the following 
values for the bimolecular quenching rate constants of the 
various Co(II) species: fcqi = 1 . 5  x 10® M - 1  sec-1, k q 2 = 
5 x  10® M - 1  sec-1 , & q 3 = 8  X 107 M - 1  sec-1 , and k ^ 4  ~  
2 x 108 M _ 1  sec 1. As is expected for the quenching of a 
cationic species, 3 - 5  these constants increase as the positive 
charge of the quencher is decreased. It can be noted that 
all these values are much lower than the diffusion rate 
constants calculated by means of the Debye equation.20 

As already observed, the energy transfer between complex 
ions seems to have a scarce efficiency especially when the 
ions have electric charge of the same sign. 3-5  In this re­
gard, it is to be noted that the ratio between the calculat­
ed diffusion rate constant20 and the experimental quench­
ing rate constant for our system progressively decreases as 
the charge of the quencher passes from + 2  to - 1  (e .g . ,  
such a ratio is 3000 for Co(H2 0 )62+ and about 90 for Co- 
(H20)Chr). In line with this trend, it has recently been 
found® that the Ru(bipy)32+ phosphorescence is quenched 
by Cr(CN)63- with a rate constant very close to the diffu­
sion controlled one. 2 1  It should be noted, however, that 
the role played by the ionic charge in determining the 
quenching ability cannot be unequivocally established, 
since the change in the ionic charge is accompanied by a 
change in the nature of the ligands, which is also known 
to play an important role in this regard.2 -23
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Absolute rate constants have been determined, by the pulse radiolysis method, for electron transfer from 
naphthalenide and biphenylide ions to n-butyl bromide and n-butyl iodide in tetrahydrofuran solution. 
The sodium cation-paired form of the radical anion, (Na+, A -- ), exhibits reactivity that is roughly two 
orders of magnitude lower than that of the free-radical anion, A-~. The temperature coefficient for the 
reaction was interpreted in terms of an equilibrium of loose and tight ion pairs, the former exhibiting 
greater reactivity. A small effect of added salts upon the rate constants was observed.

Introduction

We have determined, by the pulse radiolysis method, 
the effect of sodium cation pairing on the rate constants 
for electron transfer from aromatic radical anions as do­
nors to alkyl halides in tetrahydrofuran solution. Effects 
of metal cation pairing on the reactivity of aromatic radi­
cal anions in several types of reaction have been estab­
lished2 7 earlier, although limited data pertaining to elec­
tron transfer are available. 8 The pulse radiolysis method, 
which has been used extensively in the study of electron 
transfer kinetics, 9 -10  provides a convenient means of 
studying such cation-pairing effects since the reaction 
may be observed with metal cations present or absent, as 
one chooses.

Pulse radiolysis of solutions of aromatic molecules in 
liquids such as tetrahydrofuran yields the radical 
anion9 - 1 1  by attachment of the solvated electron

es~ + A = A-~ (1)

In the presence of free excess Na+, the ion pair1 1  with the 
solvated electron, (Na+, es ), is formed (k 2 = 7.9 X  101 1  

M - 1  sec- 1  in THF)

e," + Na+ = (Na + , e8")  (2)

This species will also attach, with a high rate constant, 1 1  

to aromatic hydrocarbons to yield the ion-paired radical 
anion

(Na + , es~) + A = (Na + , A - ' )  (3)

Observation of either A- - or (Na+, A -- ), by fast optical 
absorption spectrophotometry, with nanosecond time res­
olution when necessary, permits comparative kinetic stud­
ies of the two species to be easily made. We have obtained 
such data for naphthalene and biphenyl radical anions 
reacting with n-butyl bromide and n-butyl iodide in THF

A-' + n -C 4H9X = A + n-C4H9- + X~ (4a)
(Na + , A- ) +  n-C4H9X = A + n -C 4H9- + Na + X (4b)

Experimental Section

The source of the electron pulse, as in our earlier stud­
ies, 1 2  was a Varian V-7715A electron linear accelerator, 
delivering 3-4-MeV electrons at a pulse current of about 
350 mA for pulse duration of 100-1500 nsec and about 600 
mA for pulse duration less than 80 nsec. Electron pulses

for 20-80-nsec duration were used in this work. The tran­
sient optical absorptions were observed using an H.T.V. 
196 detector with an S-l response. A Bausch and Lomb 
grating monochromator, type 33-86-25, //3.5 was used. 
Corning filters were used to eliminate second-order com­
ponents from the analyzing light beam.

Our standard reaction cells, 12  with high-purity silica 
windows and a cell length of 2 0 . 0  mm, were used in most 
runs with a double pass of the analyzing light beam. Ac­
cordingly the optical path length was 40.0 mm. Tempera­
ture coefficients of the rate constants were obtained with 
a thermostatic box heated or cooled by a stream of nitro­
gen gas.

The THF was purified first by refluxing under argon, 
for several hours, a solution containing benzophenone and 
excess sodium metal. This was followed by distillation 
through a glass bead-packed column, the middle fraction 
being retained. It was then degassed and vacuum trans­
ferred into a bulb containing a mirror of freshly triple-dis­
tilled potassium. It was vacuum transferred from this 
bulb into the reaction cells just prior to the runs.

The aromatic compounds used were zone refined, com­
mercially supplied, with a nominal purity of at least 
99.9%. «-Butyl bromide (Fisher reagent grade) and n- 
butyl iodide (Matheson Coleman and Bell) were purified 
by washing with several portions of concentrated H2SO4, 
followed by several portions of 1 0 % sodium carbonate, and 
finally distilled water. The washed materials were dried 
and distilled through a glass bead-packed column, and the 
middle fraction was retained. «-Butyl iodide was stored in 
the dark over mercury.

Sodium tetraphenylboron (Fisher reagent grade) was re­
crystallized as recommended, 13  and stored in va cu o  until 
used. Sodium iodide (either Baker analyzed grade, 
99.08%, or Alfa Inorganics optronic grade) and sodium 
perchlorate (G. Fredrick Smith reagent) were used with­
out further purification.

Results and Discussion

The reactions were observed by monitoring the decay of 
the aromatic radical anion at the maximum of the long 
wavelength absorption bands. Naphthalenide was moni­
tored at 775 nm, biphenylide at 630 nm. The differential 
rate equation for the observed process, reaction 4a or 4b, 
is

— d[A-_]/di = ¿ 4[A--][»-C4H9X] (5)
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Under our experimental conditions, with [n-CéHgXJo 3> 
[A-~]o or [u-CiHgXJo »  [(Na+, A -_)]o, the reaction fol­
lows a first-order rate law, and k± is readily obtained by 
linearization of the data in accord with the integrated 
form of (5).

In a typical series of experiments, the decay of A-~ or 
(Na+, A-- ) was monitored in the absence and in the 
presence of alkyl halide. In the absence of alkyl halide the 
decay of A -- followed second-order kinetics, while that of 
(Na+, A - - ) followed either second-order or, in some 
cases, mixed first- and second-order kinetics. With alkyl 
halide present the decay was shown to follow a first-order 
rate law over a range of alkyl halide concentrations of 
about one order of magnitude. The initial condition [n - 
C4H9X]0/[A.-]o was such that the half-life of the radical 
anion in the absence of «-C4H9X was at least ten times its 
half-life in the presence of the electron acceptor. The 
pseudo-first-order rate constants, k \ a or k 'ib , obtained 
from first-order plots under these conditions, were then 
plotted against [n-C4H9X] to determine kia or fe4b.

The data exhibited no dependency of rhe rates on the 
concentration of the aromatic molecule, indicating that 
there was no measurable back reaction. The kinetic order 
in butyl halide was unity, the slopes from plots of log k± 
vs. log [n-C4H9X] falling in the range 0.94-1.08. As indi­
cated, the rate of reaction of the donor anion with the sol­
vent counterion was, in most cases, negligible relative to 
the rate of reaction 4. Where this was not the case it was 
taken into account in determining k 4 .

In the case of reactions involving biphenylide ion as 
donor, the following complication necessitated a modifica­
tion in the method of determining k 4 from the observed 
rate curves. In the biphenylide systems the absorption at 
630 nm did not decay to zero, but reached, instead, a 
weak residual plateau after the initial decay.

At 630 nm the residual plateau was typically about 5% 
of the absorption measured at time zero. Time resolved 
absorption spectra, Figure 1, taken at time zero and at 
the plateau region, show the absorption remaining after 
the decay of the aromatic radical anion. Several species 
might reasonably contribute to the residual absorption. 
The biphenyl radical cation, 1 4  the biphenyl triplet, 1 8  and 
the phenylcyclohexadienyl radical1 6  all have uv absorp­
tions that could contribute to a composite spectrum. The 
long wavelength component may possibly be due to the 
radical cation, while the short wavelength component 
could be due to any one or a mixture of the three species.

Where such a plateau is formed, the pseudo-first-order 
rate constants, k ' ia , were obtained from plots of In (D t 
— D œ) vs. time. This method is valid if the residual ab­
sorption, D ,., does not change during the course of the 
reaction with butyl halide.

The plateau shows negligible decay on the time 
scale of observation of reaction 4a. The possibility that 
the species responsible for the D«, absorption grows in 
during reaction 4a was also ruled out because plots of In 
(D t -  1 1 J  were always linear and values of k ia were 
constant over a wide range of butyl halide concentration. 
As a further check, values of fc4a obtained at 400 nm, 
where the residual absorption constitutes a higher per­
centage of the initial absorption, were found to be equal 
to those determined at 630 nm. Furthermore, there is no 
growth of absorption at these wavelengths after the end of 
a pulse in solutions of biphenyl without added butyl ha­
lide. The formation of the D „  absorption is therefore most 
likely complete by the end of pulse.

WAVELENGTH ( nanometers)

Figure 1. Spectra of THF solution 5.5 X 10~ 2 M  in biphenyl and 
2.2 X 10“ 3 M  in n-butyl iodide showing absorption due to bi­
phenylide and the residual absorption plateau after reaction 4a 
is complete. Curve A taken at tim e zero fo llow ing an 80-nsec 
electron pulse. Curve B taken 300 nsec fo llow ing the electron 
pulse at the plateau of residual absorption.

TABLE I: Rate Constants for Reaction 4a with n-Butyl 
Iodide and n-Butyl Bromide in THF

Rate constant, M ~ 1 * 3 * * * sec-1 at 298°K 

n-Butyl iodide“  n-Butyl bromide“

Biphenylide (9.6 ±  1.4) X  109 (3.4 ±  0.6) X  107
Naphthalenide (7.4 ±  1.1) X 10® (3.3 ±  0.6) X  107

“ The range of concentration used in determining k ta was 5 X 10-4 -
3 X 10~ 3 M forn-butyl iodide and 0.02-0.2 M for n-butyl bromide.

It was necessary to use In (D t -  D ,„) plots only for the
reactions of free biphenylide ion. In other cases, D „  is a
negligible fraction of the initial absorption. In the former
cases, a relatively high biphenyl concentration (0.06 to 0.3 
M )  was used in order to overcome the competition for es 
by the added butyl halide, whose electron-scavenging rate 
constants are very high. 1 1  This would undoubtedly favor a 
higher fractional yield of the intermediates responsible for 
the D a absorption.

Rate Constants for Free Aromatic Radical Anion
Values for k ia  with both n-butyl iodide and n-butyl 

bromide as acceptor are shown in Table I. It is interesting 
to note that, whereas the electron transfer to n-butyl io­
dide is perhaps only slightly lower than the diffusion-con- 
trolled limit, the reaction with n-butyl bromide is some 
two orders of magnitude slower than diffusion controlled. 
Earlier studies10 of electron transfer from aromatic radical 
anions to a different neutral aromatic molecule, in sol­
vents such as 2 -propanol and ethylenediamine, had shown 
that the rate constants approached the diffusion-con­
trolled limit when the reduction potential of the donor ex­
ceeded that of the acceptor by roughly 0.2 V. The results 
for the reaction with n-butyl bromide, which very likely 
involves a dissociative attachment, implies qualitatively 
that n-butyl bromide is more difficult to reduce than ei­
ther biphenyl or naphthalene.

Rate Constants for the Cation-Paired Radical Anion
Values for fe4b were determined by monitoring the 

decay of (Na+, A - - ) for naphthalenide and biphenylide 
in the presence of butyl halide in a THF solution contain­
ing sufficient free sodium ion to maintain the aromatic
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radical anion in .the cation-paired form. This was achieved 
by addition of dissociative sodium salts to the solution. 
Three salts were used in separate experiments: sodium 
tetraphenylboron (for which the dissociation constant in 
THF is known13), sodium iodide, and sodium perchlorate. 
The concentration of sodium ion was well in excess of the 
amount required to maintain the equilibrium1 7

(Na+, A-“) ^  Na+ + A-~ (6 )
overwhelmingly in the cation-paired form.

The decay of the ion-paired aromatic radical anion was 
monitored in the absence as well as the presence of butyl 
halide. In the absence of butyl halide the decay was of 
second order or under some conditions of mixed order, and 
presumably consisted mainly of reaction with the solvent 
counterion. This rate of decay was roughly an order of 
magnitude slower than in the case of the free aromatic 
radical anions, indicating a counterion recombination rate 
constant of about 1C10  M  1  sec" 1  for the cation-paired 
radical anion and 101 1  M  1 sec- 1  for the free aromatic 
radical anion. This seems reasonable since the counterion 
recombination for (Na+, A-_) is an ion-dipole reaction 
rather than an ion-ion reaction.

The values obtained for k ib in THF solutions contain­
ing 1-2 X 10 ~ 2 F  sodium tetraphenylboron are shown in 
Table H. Comparison of these values with the correspond­
ing data in Table I reveals that the reactivity of the sodi­
um cation paired aromatic ion in these electron transfers 
is fully one to two orders of magnitude lower than the re­
activity of the free anion.

It is also interesting to compare our values of fe4b with 
the rate constant of 4.3 x 10- 4 Af_ 1  sec- 1  measured by 
Garst and Barton18  for the reaction of sodium naphthalen- 
ide with either hexyl or octyl fluoride in DME. The reac­
tivity of the alkyl halides thus spans more than 1 2  orders 
of magnitude over the series from iodide to fluoride.

In presenting the data in Table II, it was essential to 
cite the particular added salt used, as well as its concen­
tration, for the following reason. The value of the rate 
constant, as it turns out, is dependent upon both the 
choice of added salt and its concentration, showing an in­
crease with increasing concentration. This may be seen 
very clearly in Figure 2 which shows the value of the ob­
served rate constant for the electron transfer from sodium 
biphenylide to rc-butyl iodide as a function of concentra­
tion for all three added salts.

The increase in the observed rate constant with increase 
in added salt concentration is not due to reaction of the 
donor radical anion with the added salt. This was shown 
by determining the lifetime of (Na+, A-~) in the absence 
of butyl halide, at an increased concentration of added 
salt. It was found that the rate of decay of sodium biphen­
ylide increased to the extent of only 50% for an increase in 
sodium perchlorate concentration from 0.025 to 0.31 F. 
Since the half-time for this decay is always more than ten 
times the half-time in the presence of butyl iodide (at all 
concentrations used), direct reaction of (Na+, A-~) with 
the perchlorate, if it occurs at all, cannot be the cause of 
the increased rate constant in Figure 2.

The concentration of added salt does, however, affect 
the value of fe4b, as may be seen in Figure 2 which shows 
a nonlinear increase in the observed rate constant with in­
crease in salt concentration. The sensitivity to salt con­
centration depends strongly on the nature of the anion of 
the salt, perchlorate showing the largest effect and tetra­
phenylboron a very small effect. The solid curves in this

Figure 2. Effect of added salts on Ac4b. Solid lines pertain to 
concentrations of added sodium salts suffic ient to assure bi­
phenylide is com pletely associated with sodium cation. Dashed 
lines represent extrapolation of k 4b to infin ite dilution of added 
salt. The rate constant for reaction of free biphenylide, /c4a, 
has been added for comparison: A , sodium perchlorate; □ , so­
dium  iodide; O , sodium tetraphenylboron; O , k 4a fo r reaction 
of free biphenylide w ithout added salt.

TABLE II: Rate Constants for Reaction 4b withn-Butyl Iodide 
and n-Butyl Bromide in THF Solution Containing 1-2 X 10-2  F 
of Sodium Tetraphenylboron

Rate constant, M 'se c  \a t2 9 8 °K  

n-Butyl iodide“  n-Butyl bromide“

N a+, biphenylide (4.3 ±  0.2) X 10s (1.3 ±  0.1) X  106
N a+, naphthalenide (9.3 ±  0.5) X 107 < 4  X 105

“ The range of concentration used in determining k 4b was 8 X 10-4 -  
2 X 1 0  ~2 M fo re-butyl iodide, and 0.13-0.58 M for e-butyl bromide.

figure represent values for the rate constant for the sodi­
um cation-paired species only, since concentrations of salt 
above about 0.01-0.02 F  are high enough, in view of the 
value of K e  to ensure that the aromatic ion is in the form 
(Na+, A--).’

The increase in fe4b cannot be due to participation of 
the more reactive free aromatic anion, A - - , since the di­
rection of the effect is opposite to expectations. Nor can 
the increase be attributed to any role of triple ions, 
(Na2 +, Ar-_), since the most highly dissociative of the 
added salts, sodium tetraphenylboron, is least effective in 
changing fe4b.

It can be attributed to the effect of the added salt in 
producing, at increased concentration, deviation of the 
reacting species from ideal behavior in these solutions in 
THF, a solvent of low dielectric strength. The approxima­
tion, in equating nominal concentrations of the reactants 
with their activities, is not valid except, perhaps, at infi­
nite dilution of the added salt. For the case of nonideal 
solutions, the rate constant, in terms cf transition state 
theory, is given1 9  by

k T  C+ r ( Na + , A - - ) y BuI

kih = T  c(Na+- A->cBuI (7)
where C represents the concentration and y  the activity

T h e  J o u r n a l  o f  P h y s i c a l  C h e m i s t r y ,  V o i. 77, N o .  2 2 ,  1 9 7 3
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coefficient. Our results indicate that Y(Na+,A- -)7BuI/7l 
increases with increasing salt concentration, and that the 
extent of this increase depends on the nature of added 
salt.

Our data are not sufficient to form the basis for any 
considerations of a molecular model for such effects, but 
it is interesting to note that salt effects upon the rate con­
stants for ionic dissociation of organic solutes in THF so­
lutions have been reported. 2 0 -2 1  These effects also depend 
strongly upon the nature of the added salt used in such 
solvolysis and rearrangement reactions. Specific interac­
tions covering as much as six orders of magnitude have 
been observed2 1  for lithium perchlorate. These effects 
have been attributed to interaction of the ion pairs of the 
added salt with the transition state. 2 1 -22 Similarly, salt- 
induced effects upon activity coefficients of organic sub­
strates in solution have been measured. 23 In reaction 4b, 
dipolar species are involved in the formation of the transi­
tion state, which must itself be dipolar. Such an effect of 
the added salt (the larger portion of which is in the ion 
paired form) must exist for the transition state and the 
sodium biphenylide itself, and to a lesser extent for the 
butyl iodide. It should be noted that there may, in gener­
al, be such kinetic effects even in the absence of added 
salts if the concentrations of the ion-paired aromatic radi­
cal anions are sufficiently high.

It would seem useful, in the face of such salt effects 
upon k 4b, to define to the extent that the data in Figure 
2  permit a rate constant at infinite dilution of the added 
salt. The curves for all three salts appear to extrapolate to 
approximately the same value at infinite dilution, fe°4b 
= (4.0 ± 0.2) x  108 M ~ 1 sec-1 . For sodium tetraphenyl- 
boron, in the concentration range used, k ib is only very 
slightly larger than h°4b, and the comparison we have 
made of data in Table II with those in Table I is justifi­
able.

Temperature Coefficient of the Rate Constants
The temperature coefficient for two of the foregoing 

reactions with ft-butyl iodide as acceptor and two differ­
ent added salts was determined in an attempt to obtain 
the activation energy. The most striking aspect of the 
data, shown in Figure 3, is the distinct nonlinear behavior 
of the plots of log k ib  as a function of 1 /T. Temperature 
dependence of this general form has been reported by 
Hirota7 for the electron exchange reaction of sodium naph- 
thalenide with naphthalene in' THF. Our interpretation 
of these observations for the reactions we have studied is 
the same as Hirota suggested for the electron exchange 
reactions. There is independent evidence2 -3 -2 4 -25 that the 
sodium cation-aromatic anion pairs exist in different 
forms, exhibiting a different extent of pairing in the form 
of loose and tight ion pairs. The equilibrium

(Na+, A O tight^ ( N a +, A--)i„„s. (8 )

is temperature dependent, with lower temperatures favor­
ing the loose ion pair. The loose ion pair exhibits the 
greater reactivity. Consequently, the shift in equilibrium 
with increasing temperature leads eventually to the de­
crease in the observed rate constant shown in Figure 3.

These effects lead to some curious results. For example, 
the observed rate constant for reaction of sodium biphen­
ylide with n-butyl iodide has the same value at +60° as at 
-65°. Determination of an activation energy from the 
data in Figure 3 is valid only for that portion of the plot 
which clearly represents the reaction of one particular

1/ T x IO3 , °K-1

Figure 3. Log fc4b vs. reciprocal tem perature for reaction with 
n-butyl iodide: curve A, sodium biphenylide with 4.5 X  10-2  F  
sodium iodide added; curve B, sodium biphenylide with 7.3 X 
1 0 -3  F  sodium tetraphenylboron added; curve C, sodium 
naphthalenide with 1.4 X  10-3  F  sodium tetraphenylboron added.

type of ion pair. It seems legitimate to conclude that the 
low-temperature portion of the curve for sodium biphenyl­
ide and n-butyl iodide, curve A, leads to A E a >2.1  kcal/ 
mol, A H *  > 1.6 kcal/mol, and AS* > —8.9 eu. These pa­
rameters pertain to the loose ion pairs. We, as well as 
Hirota, 7 have been unable to determine the analogous 
data for the tight ion pairs by using the extrapolated por­
tion from the low-temperature region together with the 
known value for K$. The physical nature of either of the 
two types of ion pairs may be modified by change in tem­
perature over an extended range.

It should be noted, in Figure 3, that the salt effect is 
manifested over the entire temperature range in which the 
equilibrium of reaction 8  has been examined. It would 
therefore seem that the kinetic effect of the added salt is 
not to be attributed to its influence on this equilibrium.

The data obtained in the determination of both k ia 
and k 4b permit us to draw the following conclusion 
about any equilibrium involving a metastable alkyl halide 
radical anion and the reactants

A-~ + re-BuX A + rc-BuX (9)
Since the observed rates for the decay of A- - [or of (Na+, 
A - - )] were in all cases independent of the concentration 
of aromatic molecule, it is clear that this equilibrium 
plays no role in our kinetics, and that the values obtained 
for k 4a must therefore represent the rate constants for 
the forward reaction. The lifetime of n-BuX- with respect 
to dissociation is undoubtedly very short.

Summary
The relative order of reactivity for reaction 4 is free ion 

> loose ion pair > tight ion pair. This order is identical 
with that found for the electron exchange reaction of sodium 
naphthalenide and naphthalene, 7 but opposite to the 
order found for protonation of sodium naphthalenide or 
anthracenide by water. 4 Our results draw further atten­
tion to the importance of the relative ability of the reac­
tant to enter the solvation shell of the metal cation of the 
ion pair. The relative order of reactivity seems dependent 
upon the extent to which reactant may displace solvent 
from this solvation shell. Obviously, theoretical treat­
ments of such reactions must take these factors into ac­
count. For example, application of Marcus theory to such 
ion pairs may have to include an evaluation of W, the
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work necessary to bring the reactants together, which may
be important even if one of the reactants is uncharged.
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An Electron Paramagnetic Resonance Study of Hydrogen Atoms 
Trapped in 7 -lrradiated Lithium Phosphates
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Epr studies were carried out on trapped H atoms (Ht) in 60Co 7 -irradiated lithium ortho-, meta-, and 
pyrophosphate polycrystals at room temperature. The radiation yields of Ht varied from G(Ht) = 0.08 for 
lithium orthophosphate to G(Ht) = 0.01 for lithium meta- and pyrophosphate. The Ht decayed slowly at 
room temperature with initial halftimes which varied from 14 hr for lithium orthophosphate to 48 hr for 
lithium pyrophosphate. The widths of the epr lines of Ht varied from 0.74 G for lithium orthophosphate 
to 3.2 G for lithium metaphosphate. Two sets of satellite lines were observed in the epr spectra of the Ht 
doublet in lithium orthophosphate and lithium pyrophosphate. These satellites were attributed to for­
bidden spin flips of adjacent H and P nuclei which populate the H atom traps. Paramagnetic relaxation 
time measurements vs. radiation dose were made on the Ht epr lines in lithium orthophosphate. These 
data when correlated with thermal decay and dose saturation data supported the hypothesis that the Ht 
are distributed uniformly in the polycrystalline matrix.

I. Introduction
The 7-radiolysis of acidic glasses and polycrystalline

ices which contain oxyanion salts at 77°K produces hydro­
gen atom radicals (H-) which become trapped (Ht) and
can be detected by epr.1 The epr and radiation chemical
properties of Ht in these matrices have been well summa­
rized by Kevan2 and by Ershov and Pikaev.3 The only 
materials reported thus far, in which Ht can be produced 
by 7-irradiation at room temperature, are calcium and 
lithium phosphates.4’5 We recently carried out a detailed 
study on the radiation yields, epr line widths, dose satura­
tion, and paramagnetic relaxation characteristics of Ht in

irradiated calcium phosphate.6 In the present work we 
have extended these studies to Ht in irradiated lithium 
orthophosphate (Li3P 0 4), lithium metaphosphate 
(LiP03), and lithium pyrophosphate (Li4P20 7). The re­
sults support the hypothesis that the Ht are located in 
shallow traps near hydrated phosphate anions and are dis­
tributed uniformly in the crystalline matrix.

II. Experimental Section
Reagent grade Li3P 0 4, LiP03, and Li4P20 7 as polycrys­

talline powders were obtained from K & K Laboratories 
Inc. and they were examined without further purification.
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The concentration of water in each of the above samples 
was measured by differential thermal analysis techniques. 
The results indicated that the water content in all the 
samples is essentially the same within experimental error.

Samples were irradiated in Pyrex vials at ambient tem­
peratures in an Atomic Energy of Canada Model 200 80Co 
7 cell at a dose rate of 105 rads/hr as calibrated by ferrous 
sulfate dosimetry.

Epr analysis was carried out in a Varian V-4502 spec­
trometer system equipped with audio and 100 kHz modu­
lation, and operated in the low-power bridge configura­
tion. The slow passage power saturation measurements 
were done with a modulation frequency of 200 Hz. Fast 
passage measurement utilized a modulation frequency of 
100 kHz. The modulation amplitude, Hm, was set at a 
value of 0.25 G for the Ht lines in LÍ3PO4 and LÍ4P2O7 be­
cause of the small line widths of Ht doublet (0.74 and 0.96 
G, respectively).

The microwave magnetic field, Hi, in the Varian TE102 
single cavity was calculated from measurement of the mi­
crowave power entering the cavity by a formula recently 
developed by Bales and Kevan7 and adjusted to our ex­
perimental conditions. Microwave power measurements 
were made with a Hewlett-Packard X-487B thermistor 
connected to a Microline 31A1 power meter and attached 
to the low-power sample cavity arm through a Hewlett- 
Packard precision attenuator.

G values for Ht production in the phosphate samples 
(no. of Ht produced per 100 eV radiation energy absorbed) 
were obtained by comparison of the area of the doubly in­
tegrated Ht high-field line with that obtained from glassy
8.7 M  H2SO4 ice at 77°K irradiated and analyzed in the 
same fashion. The G(Ht) in glassy 8.7 M  H2SO4 was 
taken to be 1.66.8

III. Results and Discussion
A. Epr Spectral Characteristics of Irradiated Lithium 

Phosphates. The epr spectra of irradiated LÍ3PO4, LiP0 3, 
and LÍ4P2O7 (60Co 7 dose = 1.4 X 10® rads) are shown in 
Figure 1. The doublet lines marked H, and split by 503 G, 
are attributed to Ht and closely resemble those attributed 
to Ht in 7-irradiated calcium phosphate4-6 [Caio- 
(P04)6(0 H)2] and acidic glasses.8’9 The width between 
points of maximum slope of the high-field Ht line for each 
phosphate studied is given in Table I. The line width for 
Ht in LÍPO3 is 3.2 G which is comparable with the line 
width observed in acidic glasses.8’9 However the line 
width of Ht in LÍ3PO4 and LÍ4P2O7 is much smaller than 
in acidic ices but is larger than the line width of Ht in 7- 
irradiated calcium phosphate [Caio(P04)6(OH)2].6

The line shape parameter of any epr line determined by 
the derivative curve slope method10 is 2.2 for an ideal 
gaussian line and 4.0 for an ideal Lorentzian line. The line 
shape parameter values are also given in Table I. The 
values of this parameter are 3.4 for the high-field Ht line 
in LÍ3PO4 and 3.5 for the corresponding line in LÍPO3 
which indicates that the line shapes are intermediate be­
tween Gaussian and Lorentzian. This line shape parame­
ter for the high-field Ht line in LÍ4P2O7 is approximately 9 
which is extra-Lorentzian.

The effects of variations in radiation dose on the Ht line 
shape parameter and line width for Ht in 7 -irradiated 
LiP0 3, LÍ3PO4, and LÍ4P2O7 were studied. It was found 
that the line widths and line shape parameters of the Ht 
lines in LÍPO3 and LÍ3PO4 do not change significantly 
throughout the entire 7 dose range studied of 0-14 Mrad.

Figure 1. Epr spectra of Ht in irradiated lithium phosphates at 
room temperature: top spectrum, LiPC>3; center spectrum, 
Li4P207 ; lower spectrum, U 3 P O 4 ; 60Co 7  dose =  1.4 X 106 
rads; Hi =  0.011 G; Hm =  0.25 G.

A  Li P03 

O  Li 3 P04

0 -------1------- .-------1------- 1-------■------- ‘-------‘-------1------- 1----
0 . 02 . 04 . 06 . 08 .1 0  .1 2  .1 4  .1 6  .18

Hi, MICROWAVE MAGNETIC FIELD, GAUSS

Figure 2. Variation of epr peak-to-peak line width of Ht . High- 
field line in LiPCL and U 3 P O 4  with increasing microwave mag­
netic field, Hi: 60Co 7 -dose = 1.4 X 106 rads; Hm = 0.25 G.

TABLE I

Compound Line width, G
Line shape 
parameter

Lithium phosphate (Li3P 04) 0.74 3.4
Lithium pyrophosphate 

(Li4P2C>7) 0.96 10.0
Lithium metaphosphate 

(UP03) 3.2 3.5
Calcium phosphate 

[Ca10(PO4)6(OH)2] 0.35“ 3.1°

0 R e fe re n c e  6 .

However, as shown in Figure 2, the high-field Ht line 
width in LiPC>3 and LisPCL increases with increasing mi­
crowave magnetic field, Hi. The intensity of this Ht line 
saturates readily with increasing Hi; a representative slow 
passage progressive saturation curve is shown in Figure 3. 
After the onset of saturation the Ht signal intensity de­
creases sharply which is characteristic of an epr line 
broadened by significant homogeneous contributions. The 
line shape parameter of 3.4 and the broadening of Ht line 
with increasing Hi also suggest that these lines are broad­
ened predominantly by homogeneous mechanisms, with a 
much smaller contribution from inhomogeneous mecha­
nisms.
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Figure 3 . S lo w -p a s s a g e  ( 2 0 0  H z )  m ic r o w a v e  p o w e r  s a tu ra t io n  o f th e  h ig h -f ie ld  e p r  lin e  o f H t  in U 3 P O 4 : 60C o  7 -d o s e  =  1 .4  X  1 0 6 

ra d s ; H m  =  0 .2 5  G .

The line broadening characteristics of Ht in 7-irradiated 
L44P2O7 are different from those described above for 
LiaPOi and LiPOa. The Ht line shape in L14P2O7 remains 
extra-Lorentzian up to the highest radiation dose studied. 
The unsaturated line width slowly increases from 0.96 G 
at low 7 doses to 1.20 G at a dose of 14 Mrads. The line 
broadens significantly with increasing Hi, and the shape 
of the microwave power saturation curve is very similar to 
that shown in Figure 3 for Ht in LisPCL. These data are 
consistent with the hypothesis that the Ht lines in 
Li4P2C>7 are broadened almost completely by homoge­
neous mechanisms and that inhomogeneous broadening 
mechanisms are negligible. Thus the increasing Ht con­
centrations produced by increasing radiation doses result 
in increased spin-spin relaxation which is observed as an 
increasing Ht line width at low values of Hi. The in­
creases in spin-spin relaxation with increasing Ht concen­
tration suggest that the Ht are homogeneously distributed 
in the crystalline matrix; such interpretations have been 
described in detail previously by Zimbrick and Kevan1 
and Hase and Kevan.11 (Also, see section E below.) The 
line shape, line broadening, and microwave power satura­
tion characteristics of the Ht lines in the phosphates re­
ported herein closely resemble the corresponding charac­
teristics of Ht in low-temperature irradiated acidic 
glasses.1’2 However, the large difference between the un­
saturated line width of Ht in acidic glass and the three 
types of phosphate (Table I) would not be expected a 
priori and this finding warrants further discussion. The 
differences in line width can be explained by one or a 
combination of the following hypotheses; (a) the great dif­
ferences in yield of Ht between acidic glass and the phos­
phates, and among the phosphates, results in widely vary­
ing spin-spin relaxation which, in turn, controls the ob­
served line width through its effect on homogeneous line 
broadening; or (b) the Ht trapping sites are populated 
with magnetic nuclei (P and H in the case of the phos­
phates) which result in varying amounts of unresolved hy- 
perfine interaction with the unpaired electrons on the Ht. 
This unresolved hyperfine interaction affects the observed 
Ht line width through its contribution to inhomogeneous

TABLE II

C om pound G (H t ) °

W a te r  
content, 

mg of 
H 20 / g  

of solid6
m ount of P /m o l 
w t of com pd

U 3 P O 4 0 .0 8 0 2 9 .4 0 2 .6 7  X  1 0 “  1

U 4 P 2 O 7 0 . 0 1 2 2 9 .6 0 3 .0 7  X  1 0 - 1

C a 1 0 ( P O 4 ) 6 ( O H ) 2 0 .0 0 3 2 ° 1 8 .8 ° 1 .8 5  X  1 0 - 1

U P 0 3 • 0 . 0 1 1 2 7 .6 0 3 .6 0  X  1 0 ^ 1

0 E xperim en tal e rror ±  1 5% . 6 E xperim ental e rro r ± 5 % .  °  R e fe re n c e  6 .

line broadening. It is evident.that hypothesis a alone can­
not explain the differences in line width, since the yields 
of Ht in the three types of phosphates (see section C and 
Table II) are all much lower than the yields in acidic 
glass; therefore, the line widths of Ht in the phosphates 
should be much more narrow than those in the acidic 
glass whereas in LiPOs they are almost as broad as in 
acidic glass (3.2 vs. ~ 4  G, respectively). Also, within the 
three types of phosphates, irradiated LiaP04 exhibits the 
highest yield of Ht but the most narrow Ht lines, which is 
not predicted by hypothesis a alone. Hypothesis b must 
also be involved in the explanation of the line width vari­
ations since the satellite spectra associated with the Ht 
lines to be discussed in section B indicate clearly that the 
unpaired electron spins on the Ht are close to H and P 
nuclei. The data in Table II indicate that the bulk water 
content (and thus the number of protons) does not vary 
significantly among the three types of phosphates but that 
the relative amount of phosphorus varies as LiPC>3 > 
IU4P2O7 > IU3PO4. The Ht line widths also vary in this 
sequence from broadest to most narrow. It is likely that a 
combination of factors from both hypotheses are operating 
to produce the observed line width variations.

B. Epr Satellite Lines and Local Environment of Ht. 
Zeldes and Livingston12 and Trammell, et al. , 13 have ob­
served and studied the effect of surrounding magnetic nu­
clei on the satellite lines observed in the epr spectrum of 
H- in 7 -irradiated H2SO4 and H3PO4 glasses. They as-
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3

Figure 4. Epr spectrum of the high-field ine of Ht in Li3P04: 60Co 7 -dose =  1.4 X 106 rads; Ht =  0.36 G; Hm =  0.25 G.

cribed these satellite lines to the forbidden transitions of 
nearby proton spins in conjunction with the transitions of 
the electron spins as a consequence of a weak magnetic 
dipole dipole coupling. Zimbrick and Myers14 have also 
observed satellites on both sides of the trapped electron 
line in 7-radiolysis of aqueous sugar ices.

The Ht epr spectrum in y-irradiated Li3P 04 at high mi­
crowave power (shown in Figure 4) consists of five lines 
including the strong central (third line) Ht line. The outer 
lines numbered 1 and 5 appear to be a satellite pair with 
characteristics very close to those observed earlier for Ht 
in H 2 S O 4  and H 3 P O 4 .  The separation of this satellite pair 
is ±4.8 G for lower field Ht line at 3100 G and ±5.6 G for 
the high-field Ht line at 3605 G. It is evident that the dis­
tance between the satellite pair is magnetic field depen­
dent as observed earlier by Zeldes and Livingston.12 The 
second and fourth lines constitute a second satellite pair 
separated from the central line by 4.76 MHz/sec or ±1.7 
G for Ht at 3100 G and 6.2 MHz/sec or ±2.2 G for Ht at 
3605 G. We have calculated the phosphorus resonant 
frequencies at 3100 and 3605 G and these are, respective­
ly, ±5.34 MHz/sec or ±1.9 G and 6.21 MHz/sec or ±2.2 
G which are in good agreement with the observed spectra. 
Hence, it appears that these spectra are in fact due to the 
transitions of both adjacent phosphorus and proton spins 
in conjunction with the transitions of the Ht electron 
spins in LisP04. A similar but somewhat less well-re­
solved spectrum of Ht is observed in the case of y-irra­
diated Li4P2 O 7  and is shown in Figure 5. In the same fig­
ure the effect of microwave power on the intensity of the 
satellite lines is shown. It is evident from the spectra that 
satellite lines are only observed at higher microwave pow­
ers. The outer lines marked 1 and 5 are separated from 
the central line by ±5.0 G at 3100 G and ±5.7 G at 3605 
G which are typical distances for hydrogen satellites. The 
phosphorus satellite here is not quite as well resolved as in 
the case of Li3P04. These spectra present clear evidence 
that the trapping sites of Ht in Li3P04 and Li4P207 are 
populated with H and P nuclei. A careful study of the Ht 
lines in irradiated LiP03 failed to reveal the presence of 
either P or H satellite lines. The absence of satellite lines 
due to P transitions is not unexpected since they would be

Figure 5. Epr spectra of the high-field line of Ht in Li4P207 at 
various microwave powers: 60Co y-dose =  1.4 X 106 rads; Hm 
=  0.25 G, H1 spectrum A =  0.011 G; Hi spectrum B =  0.178 
G; H1 spectrum C =  0.263 G; Ht spectrum D =  0.358 G.

obscured in the relatively large power saturated Ht line 
width in this phosphate (4.6 G). It is not clear at present 
why no proton satellites lines are observed in LiP03, but 
every other spectral characteristic of Ht in this matrix 
suggests that the P and H nuclei should be present at the 
trapping sites of Ht.

C. Radiation Induced Yields of Ht. The observed yields 
of Ht in LisPCL, LiP03, and Li4P207 were determined by 
use of a radiation dose of 105 rads as described in the ex­
perimental section; the G values are given in Table II. 
This table also shows the water content for each of the 
phosphates studied. The G(Ht) values in these lithium 
phosphates are much lower than those in other systems 
such as acidic ices but are larger than the G(Ht) reported 
for calcium phosphate6 which, for comparison, is also 
shown in Table II. The G(Ht) in Li3P04 is about 7 times 
greater than in Li4P207 and LiP03 although the water

The Journal ot Physical Chemistry, Vol. 77, No. 22, 1973



2626 Y. P. Virmani, J. D. Zlmbrick, and E. J. Zeller

o U3 P04 

□ Li2 P2 01 

A  LI P03

F i g u r e  6 . Relative concentration of Ht vs. 60Co Y-dose in lithium  phosphates: H 1 =  0.011 G; Hm -  0.25 G.

content of each phosphate is similar to within experimen­
tal error. These data do not rule out the importance of the 
water of hydration for the formation of Ht but they do in­
dicate that other factors, such as the mobility of H- and 
local crystal structure, are important in determining the 
observed G(Ht).

Since the data in the previous section indicate that the 
Ht trapping site is populated with both H and P nuclei, it 
is proposed that the H, are formed according to reactions 
1 and 2. This kind of reaction scheme was originally pro­

em“ + P03-  — > P O /- (H;° ’5"1V> H,- +  POr + OH“ (1)k\

P o p -  or P ,0 74- >'rayS > P 0 4--“  or P ,0 7-3- +  H t- +  OH“

posed by Kevan15 as the mode of formation of Ht in irra­
diated frozen polycrystalline oxyanion ices. In reaction 2, 
the radiation-produced mobile electron, em“ , cannot ap­
proach the polynegative phosphate anions close enough to 
react, due to charge repulsion, so that em“ is not directly 
involved in the production of H, in these cases.

D. Radiation Dose Saturation and Decay of H{ at Room 
Temperature. The relative concentration of Ht (as repre­
sented by Aw2h in which Ate is the peak-to-peak line 
width and h is the peak-to-peak height of the first deriva­
tive absorption signal) was measured as a function of 60Co 
radiation dose in the three types of phosphates. The re­
sults are shown graphically in Figure 6. The irradiated 
Li3P 0 4 contains about 7 times more Ht than Li4P2C>7 or 
LiP03 at very low doses (up to 0.2 Mrad). The relative Ht 
concentrations begin to saturate in the dose region 1-3 
Mrads. At saturation, Li4P2C>7 and LiP03 contain approxi- ‘ 
mately the same concentration of Ht which is one-fourth 
the Ht concentration in Li3P 04.

Samples of the three types of phosphates which had 
been irradiated with a 60Co dose of approximately 1.4 
Mrads were studied to determine the amount of decay in

the Ht signal intensity as a function of storage time at 
room temperature. These data are plotted in Figure 7. 
The relative rates of decay decrease in the order Li3P 0 4 > 
LiP03 > Li4P207.

Upon comparison of the curves in Figures 6 and 7 it is 
evident that the phosphates in which the concentrations 
of Ht are highest also yield the most rapid Ht decay rates. 
The initial half-times for Ht decay in Li3P 0 4, LiP03, and 
Li4P2C>7 are, respectively, 14, 32, and 48 hr, all of which 
are much shorter than the value of 96 hr measured pre­
viously for Ht in calcium phosphate.6 Since the Ht are not 
stable at room temperature, there will always be decay 
occurring during production. This in turn means that the 
dose region in which saturation occurs is dose-rate depen­
dent at low dose rates, where irradiation times that are 
appreciable fractions of the Ht half-time must be em­
ployed.

E. Paramagnetic Relaxation Characteristics of the Epr 
Doublet of Hx. Numerous previous studies1-2-11’14-16 have 
used paramagnetic relaxation times to give information 
about the spatial distributions of trapped species. In these 
studies, the root of the relaxation time product 
(T4T2)1/2 is measured as a function of radiation dose; Ti 
is the spin-lattice relaxation time and T2 is the spin-spin 
relaxation time which is controlled by the local concentra­
tion of trapped spins. Changes in (T1T2) 1/2 with dose are 
interpreted as being due to changes in T2 which in turn 
indicate changes in local spin concentration. If (T i T2)1/2 
decreases in a dose region in which the sample-average 
concentration of trapped spins is increasing, this result 
supports the hypothesis that the trapped spins have a 
spatially uniform distribution. The opposite result (no 
change in [Ti T2]1/2 in the same dose region) supports the 
hypothesis that the spins have a nonuniform spatial dis­
tribution. Regardless of the uniformity or nonuniformity 
of the spatial distribution of spins, the choice of theoreti­
cal treatment to be used to calculate relaxation times de­
pends on whether the epr line is broadened entirely by ei­
ther homogeneous or inhomogeneous mechanisms or by a 
combination of both types of mechanisms. If the line
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TIME, DAYS

Figure 7. Thermal decay of Ht in irradiated lithium  phosphates as a function of post-irradiation storage tim e at room tem perature: 
60Co 7 -dose =  1.4 X  106 rads; Hm =  0.25 G; Hi  =  0.011 G.

broadening is entirely homogeneous or inhomogeneous, 
then the Portis17 treatment is used; if a combination of 
broadening mechanisms exists, then the Castner18 treat­
ment is applied.

In the present work, the relaxation characteristics of the 
high-field line of the Ht doublet from irradiated Li3PC>4 
were studied by means of slow-passage (200 Hz) progres­
sive power saturation measurements. Li3P04 was the only 
one of the three types of phosphate studied which exhib­
ited yields of Ht sufficient to be detected by 200-Hz mod­
ulation over a wide dose region. Based on the spectral pa­
rameters discussed in previous sections (Lorentzian line 
shape, broadening of Ht lines at high microwave powers, 
and shape of the microwave power saturation curves) it 
was apparent that the Portis17 treatment of homogeneous 
line broadening should be applied to the power saturation 
curves to obtain values of (TXT2)1/2. Figure 8 presents a 
plot of (Ti T2)1/2 vs. 60Co radiation dose fcr Ht in Li3P04. 
(Ti T2)1/2 decreases from a value of 2.7 x 10~6 sec at the 
lowest dose studied to a value of 1.95 X  10-6 sec at a dose 
of 5.0 Mrads. A comparison of the data in Figures 7 and 8 
shows that the decrease in relaxation time occurs in the 
same region of dose in which the concentration of H, is in­
creasing sharply. These data support the hypothesis that 
the Ht in Li3P04 are distributed homogeneously in the 
polycrystalline matrix. A similar result was obtained ear­
lier by Zimbrick and Kevan1 for H in irradiated acidic 
glass at 77°K. However, it was reported previously that 
(Ti T2)1/2 of the Ht line in calcium phosphate actually in­
creased with radiation dose in the same dose region in 
which the concentration of Ht increased.6 From these data 
it was hypothesized that the Ht were produced initially 
with an inhomogeneous spatial distribution but, due to 
their mobility, the distribution became mere uniform with 
increasing radiation dose. In the present case of Li3PC>4 it 
must be recalled that the initial half-time of the Ht is 
only 14 hr compared with 96 hr for Ht in calcium phos­

RADIATION DOSE, MRADS.

Figure 8. Variation of relaxation tim e with 60Co 7 -dose for the 
high-fie ld epr line of Ht in L i3P0 4 : H m  =  0.25 G.

phate matrix. It is likely that although the Ht in Li3PC>4 
mobile in the Li3P04 matrix than in the calcium phos­
phate matrix. It is likely that although the Hf in Li3PC>4 
are produced with an initial inhomogeneous distribution, 
they will have moved to a sufficient extent to randomize 
their distribution by the time epr relaxation measure­
ments have been made.
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An Investigation of the Dynamic Equilibrium between Chemisorbed and 
Absorbed Hydrogen in the Palladium/Hydrogen System

J. F. Lynch and Ted B. Flanagan*

C h e m is t r y  D e p a r tm e n t ,  U n iv e r s i t y  o f  V e rm o n t ,  'B u r l in g to n ,  V e rm o n t  ( R e c e iv e d  M a y  14. 1 9 7 3 )

It is shown that the chemisorbed hydrogen which is the precursor to absorbed hydrogen in palladium is 
chemisorbed only after a strongly chemisorbed monolayer of hydrogen is formed. It is suggested that the 
weakly chemisorbed hydrogen is located in surface interstitial sites and is thus a natural precursor to in- 
terstitially absorbed hydrogen. The strongly chemisorbed hydrogen is not in equilibrium with absorbed 
hydrogen. Weak chemisorption can be extensive, e.g., at 2 mm (0°), 8' = 0.34 where 9' is based on chem­
isorbed hydrogen in excess of the strongly held monolayer. Isosteric heats of weak chemisorption vary 
from 44.8 kJ/mol of H2 (6' = 0.06) to 36.4 kJ/mol of H2 (6' = 0.3). Differential entropies of weak chemi­
sorption are reported.

Introduction
The absorption of hydrogen by palladium has been in­

vestigated over a wide range of temperatures, pressures, 
and concentrations.1 At small concentrations the dis­
solved hydrogen behaves ideally; i.e., Sieverts’ law is ob­
eyed, n (=  H to Pd atomic ratio) = Ksp1/2. In this region 
of small hydrogen solubilities, the a-phase, nonideal be­
havior commences as the hydrogen concentration in­
creases until a second, hydrogen-rich, nonstoichiometric 
phase appears, (3. The compositions of the a and (3 phases 
which coexist at 25° are n = 0.015 and 0.58, respectively.1 
In both phases the palladium lattice is fee with the hydro­
gen atoms located in the octahedral interstices.1

Despite palladium’s importance as a hydrogenation cat­
alyst, there have been relatively few attempts to investi­
gate the adsorption of hydrogen by palladium because of 
complications introduced by the occurrence of simulta­
neous absorption. On a palladium film, Beeck2 reported a 
value of q = 108.8 kJ/mol of H2 for the calorimetric heat 
of adsorption at 6 = 0. Vert, Mosevitch, and Tverdovskii3 
measured adsorption isotherms for the Pd/hU system by a 
clever electrochemical technique. Heats of adsorption 
were found to be 113.0 kJ/mol of H2 at 0 = 0 (remarkably 
close to Beeck’s value); the heats remained constant at 
this value to 6 = 0.4 and then declined to 54.4 kJ/mol of

H2 as 6 approached unity. This method suffers from a 
possible error if adsorption and absorption overlap.

Breger and Gileadi4 have recently determined electro- 
chemically the equilibrium constant for the hydrogen ab­
sorption-adsorption equilibrium on bright palladium at 
room temperature. Over the range studied, the a phase, a 
greater value of 6 was found for the surface than for the 
bulk; e.g., at 0ads = 0.5, n (= 0abs) = 7.5 x 10~4. The 
Frumkin isotherm described the adsorption data over 
most of the 9 range and a Langmuir isotherm applied at 
low coverages. Heats of adsorption were not measured.

Gas-phase studies have been made recently under ultra- 
high vacuum (UHV) conditions by Tardy and Teichner5 
and Aldag and Schmidt6 with palladium filaments. The 
former workers observed only one type of adsorbed hydro­
gen which desorbed at approximately 650° and did not 
correspond to a complete monolayer. In the other flash 
desorption study,6 three different adsorbed states of bind­
ing energies, 92, 104.6, and 146.4 kJ/mol of H2 were found 
after the filament had been exposed to hydrogen at 200 or 
300°K. However, when the filament was exposed to hydro­
gen at 100°K, an additional peak appeared in the desorp­
tion spectra corresponding to a binding energy of only 54 
to 58 kJ/mol of H2. They attributed this to absorbed hy­
drogen because they concluded that at the temperatures
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studied only at 100°K would the /3 phase of the Pd/H 2 
system form at the pressures which they used. It is not 
clear however, why substantial hydrogen should not dis­
solve to form the a phase of the Pd/H2 system at 200 or 
300°K. This solubility can be readily estimated from the 
known Sieverts’ constants for the Pd/FL system;7-8 e.g., 
at 300°K, 1.6 X 1016 molecules should be absorbed into 
the a phase at 5 X 10 5 mm pressure and this corre­
sponds to approximately 10 times the monolayer capacity of 
their filament as calculated from the geometric area of 
their filament. Their conclusion that the low-temperature 
uptake of hydrogen corresponded to formation of 8  phase 
of the Pd/H2 system must be viewed with reservation 
especially in view of the expected slow rate of diffusion at 
this temperature.

Starting from an oxygenated palladium black surface, 
Sermon9 has recently measured the surface area of palla­
dium by extrapolating the amount of absorbed hydrogen 
to zero pressure. Values of the surface area were deter­
mined in this way at 0 and 30° and were in good agree­
ment with the BET surface areas. It was the goal of this 
research to amplify Sermon’s study to the region where 
adsorption is incomplete and it is hoped in this way to ob­
tain information about the nature of the chemisorbed hy­
drogen which is in dynamic equilibrium with the absorbed 
hydrogen.

General Considerations of the Adsorption **■
Absorption Equilibrium

The following elementary steps occur for absorption of 
hydrogen from the gas phase

/£fi2(g) H*
k-1

g )

ki
H* [H]

k-i
(2)

where H* and [H] refer to adsorbed and absorbed states of 
hydrogen, respectively. K-l = (H*)/p1/2 and K 2 = [H]/ 
(H*) and therefore K iK 2 = Ks which is Sieverts’ constant 
if [H] is expressed as n (=  H /Pd). The known tempera­
ture dependence of K s7 ’8 leads to

AIV +  AH2° = -9 .6  kJ
where the standard designation refers to infinite dilution 
and AH2° must be less than 24.3 kJ/g-atom of H because 
the energy of activation for diffusion of hydrogen in palla­
dium is 24.3 kJ/g-atom of H.10 The value of AH2° cannot 
be greater than the activation energy for diffusion because 
slow surface steps are not observed during studies of diffu­
sion of hydrogen through palladium black-coated mem­
branes.11 The value of -A i? i°  must therefore be <33.9 
kJ/g-atom of H. (Consideration of a mobile layer of ad­
sorbed hydrogen does not alter these conclusions.) This 
suggests that strongly chemisorbed hydrogen (—2Af?i° = q 
> 67.8 kJ /mol of H2) cannot be in rapid equilibrium with 
absorbed hydrogen.

Experimental Section
An ultrahigh-vacuum apparatus was employed for the 

present studies which was, of course, grease- and mer­
cury-free. Pressures were recorded with a series of dia­
phragm gauges (Barocel); the most sensitive one had a 
full-scale deflection of 10-4 mm. The gauge which had the 
intermediate range, overlapping the ranges of the other 
two gauges, was calibrated against a McLeod gauge. It

agreed, to within the error of reading the McLeod gauge, 
with the original calbration of the gauge. The vacuum sys­
tem had an ion pump, oil diffusion pump, and all-metal 
valves.

The sample employed for the absorption studies (low 
surface area sample) was 6.9 g of palladium wire (purity 
99.9%, 1 mm diameter). It had been previously used for 
studies of hydrogen absorption and was therefore active 
toward hydrogen absorption. It was heated to white heat 
before sealing into the vacuum system. After degassing to 
about 10~7 mm, doses of hydrogen were added to the 
sample from a known volume (182.7 cm3). The course of 
hydrogen uptake was recorded with a strip chart recorder 
operating from the diaphragm gauges. This allowed for 
the unambiguous determination of equilibrium. Data were 
also taken with a 3.35-g sample of palladium sheet (0.012 
cm thickness) which had not been previously employed 
for absorption studies.

Palladium black (3.61 g) was obtained from the Engel­
hard Minerals and Mining Corp. It was inserted into the 
vacuum system and degassed to 10~6 mm pressure (40°). 
A trap was inserted into the line in order to remove water 
vapor resulting from the removal of oxygen from the sur­
face of the black by hydrogen.

Results
Absorption. Data for the absorption of hydrogen (deute­

rium) by palladium can be described by
AGhxs

RT In pm
(1 -  n) 

n
A / V
RT

A V  , 2W mn
R RT

W E(n) 
RT (3)

where VFhh is the attractive interaction energy per mole 
of H, W&(n) allows for the variable energy of electron 
donation as the collective bands of the palladium are 
filled by the hydrogen, and n is the H-to-Pd atomic 
ratio.12 At low values of n the electron donation term is 

•not a factor. Plots of a Ghxs/RT against n give 2Wtm/RT 
from their slopes and AHU°/RT -  a Su°/R from their in­
tercepts.13 (In Wicke and Nernst’s nomenclature,7 Eh -  
2VEHh.)

Previous data have been determined over the same tem­
perature range but not necessarily at the same tempera­
tures by Wicke and Nernst for both Pd/H2 and Pd/D2,7 
and by Simons and Flanagan for Pd/H2.8 The former 
workers used hydrogen-transfer catalysts to obtain equi­
librium and the latter workers used an electrochemical 
technique. More recently, Clewley, et al.,14 have deter­
mined equilibrium data for this system in the present ap­
paratus but over a small range of n values where devia­
tions from Sieverts’ law were negligible. All of these ab­
sorption data were determined with low surface area sam­
ples where adsorption can be neglected. While the previ­
ous data are in reasonable agreement with each other, it 
was obvious that very precise absorption data were re­
quired here in order to obtain accurate adsorption data by 
differences between the amounts sorbed and absorbed. It 
was therefore necessary to redetermine some absorption 
data for both hydrogen and deuterium in the «-phase re­
gion.

Data are shown in Figure 1 plotted via eq 3 compared to 
some previous data obtained by Wicke and Nernst7 at the 
two common temperatures. Detailed data such as shown 
in Figure 1 were determined at 24, 37.5, 50, and 75° for 
hydrogen and deuterium. It proved unnecessary to obtain
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TABLE I: Thermodynamic Data for Dissolved H(D) in Pd (25-75°)“

AHU° AHd° ASh° ASd° Whh (25°) WDD (25°) Bef Method

-1 0 .2 -8 .1 8 -5 5 .2 -5 4 .8 -23 .45 -18 .0 0 This work UHV, bulk Pd
-1 0 .0 -8 .4 7 -5 4 .0 -5 5 .3 14 UHV, bulk Pd
-1 0 .0 -8 .7 0 -53 .1 -5 6 .0 14 From isochores
-1 0 .0 -5 4 .4 -23 .08 8 Electrochemical

-9 .6 7 -7 .8 8 -53 .5 -53 .1 -23 .63 -22 .05 7 Transfer-catalyst

a The units of AW° are kJ/g-atom of H; those of AS° are J/deg g-atom of H; and those of W are kj/g-atom of H.

study and closed symbols refer to the data of ref 7.

data at 0° because the previous data are in good agree­
ment and because the extent of absorption is relatively 
small compared to adsorption at 0° so that small errors in 
the absorption data are not significant. Thermodynamic 
data derived from these plots are shown in Table I in 
comparison to the previous data from the literature.

Values of W h h  = —14.13 kJ/g-atom of H and —17.25 
kj/g-atom of H have been recently quoted by Burch15 as 
having been determined from the data of Wicke and 
Nernst7 by Burch and by Brodowsky,16 respectively. These 
values, which are larger than those in Table I, were calcu­
lated by Burch using the expression Whh = 6 to, where w 
is the interaction energy which appears in the quasichem­
ical approximation, i.e., Whh = £ h/ 2 = 6J?T[1 -  (exp 
—w/RT)]. Whh is however, not equal to 6w because it is not 
valid to expand the exponential term to only the first 
power since w and RT are of comparable magnitudes at 25°. 
The agreement of the various thermodynamic parameters 
is quite good generally. An exception is that the value of 
W D d  reported here is somewhat larger than that reported 
by Wicke and Nernst.7

The AGuxs/RT us. n plots exhibit a negative deviation 
from linearity as infinite dilution is approached. The data 
of Simons and Flanagan8 and Wicke and Nernst7 general­
ly deviated in the opposite sense. This function is, of 
course, very sensitive to small errors in n and p1/2 as n —► 
0. Either a small amount of adsorption or segregation of 
interstitial hydrogen at line defects could cause the devia­
tions noted.

Adsorption. Titration of an Oxygenated Palladium Sur­
face with Hydrogen. The sample was evacuated for 24 hr 
in the UHV system before titration. (The term UHV sys­
tem refers to the circumstances that a UHV apparatus 
was employed, i.e., grease- and mercury-free with the abil­
ity to reach ultrahigh vacuum if needed. In practice, there 
proved to be no necessity to attain ultrahigh vacuum for

Figure 2. Plot of p vs. n' during titration of oxygenated surface 
with H2(25°). n' has been calculated from the total hydrogen re­
moval from the gas phase and is thus an apparent value during the 
titration: A , during addition of H2; ▲, during desorption of H2. 
Inset: plot of p 1/2 vs. n showing details of region where pressure 
buildup occurs following the titration of the oxygen: O, addition of 
H2; • ,  desorption of H2. Shown in comparison are data obtained 
following evacuation (12 hr) and subsequent addition of incre­
ments of H2: A , sorption of H2. Data for absorption behavior only 
is also shown, ▲ (25°).

the studies carried out here. The importance of having a 
grease- and mercury-free system should be emphasized 
however, because it has been previously noted that ab­
sorption equilibrium could not be obtained between hy­
drogen and bulk palladium below 120°.3) Until definite 
pressure increases were noted (Figure 2), the vacuum after 
each increment of hydrogen was added was of the order of 
0.01 mm. The pressure started to increase at n' = 0.248 
(n = 0.0827), where n' is the apparent H-to-palladium 
atomic ratio based on hydrogen removed from the gas phase, 
and n is determined from the reaction

P d -0  +  V2H2 — ► Pd-H +  H20 (s)

and includes both adsorbed and absorbed hydrogen. The 
inset (Figure 2) shows the detailed behavior in the region 
where the pressure buildup occurs plotted as p1/2 against 
n'. The behavior in this region was reversible.

Sermon9 has shown that the extrapolation of p against 
n' to the abscissa (zero pressure) yields a surface area for 
the palladium black which is in good agreement with 
BET determinations. This method of surface area mea­
surement is based on one hydrogen atom chemisorbed per 
palladium and the average number of palladium atoms 
per square centimeter equal to 1 .2  X  1 0 15 .

Sermon9 states that adsorption of hydrogen is complete 
when absorption commences. This is not wholly true, 
however, as the inset in Figure 2 shows. The absorption 
datum determined here on the low surface area sample 
has a much greater slope than the sorption datum mea­
sured on the black following titration.
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Figure 3. Plots of sorption of H2(D2) following evacuation (12 hr) 
of titrated sample and then only evacuation between runs: O, 
initial run following titration and evacuation: A , ▼, subsequent 
runs (25°). Absorption behavior determined here: • ,  H2; • ,  D2 
(25°). A , D2 sorption following evacuation (12 hr) of sample 
previously titrated with H2; V , D2 sorption following titration of 
sample with D2 and subsequent evacuation (12 h r). A few desorp­
tion points are shown for H2 sorption, 4 -

Further evidence for adsorption occurring after the 
completion of the monolayer can be seen from Sermon’s 
data, e.g., Figure 4 in his paper, where a comparison is 
made of p-n' relationships (0°) for a sample before and 
after heat treatment (HT). The slopes are quite different 
for the two runs. The sample before HT has a much 
smaller slope than after HT. If adsorption were com­
pleted, as suggested by Sermon, the sample after HT 
would have a greater fraction of bulk palladium relative to 
surface than the sample before HT. It can be shown from 
simple arguments that the slope of p against n' should in­
crease as the fraction of bulk palladium increases, relative 
to surface palladium, if continued adsorption were not a 
factor. In fact, the opposite occurs indicating the presence 
of adsorption after the completion of the oxygen removal.

Weak Chemisorption of Hydrogen on Palladium. Fol­
lowing titration of the oxygenated surface with hydrogen, 
it can be safely assumed that all of the oxygen has been 
removed and a monolayer of hydrogen has been formed. 
Support for this assumption is Sermon’s finding that the 
area calculated from hydrogen chemisorption agrees with 
the BET area and also the reversible behavior observed 
following the titration suggests the complete removal of 
oxygen.

After titration the sample was evacuated for 12 hr (25°) 
while simultaneously removing the water which had been 
trapped during the titration. Doses of hydrogen were then 
added, and a sorption isotherm was determined (Figure 3) 
in which 2 An is plotted against p1'2 and 2 An is the hy­
drogen sorbed by the sample after the titration. The hy­
drogen which is chemisorbed during titration is not re­
moved during the prolonged evacuation since a measur­
able hydrogen pressure is observed when 2 An is less than 
about 0.005. Equilibrium for sorption was rapid even at 0° 
(about 30 min) in marked contrast to earlier studies of hy­
drogen absorption by palladium black17 which were car­
ried out in conventional vacuum systems where grease 
and mercury poisoning could play a role. Adsorption could 
not be separated from absorption on the basis of the ki­
netic behavior during hydrogen sorption. This supports 
the view that there is a rapid equilibrium between hydro­
gen in the weakly chemisorbed and absorbed states.

Figure 4. Representative isotherms for weak chemisorption 
plotted as 2 A n ads vs. p: A , 0°; V , 25°; O, 37.5° Pd/H2 and ▼, 
25°, P d/D2.

The data for this isotherm could be superimposed on 
that measured immediately following completion of the 
titration (Figure 2) if the oxygen were completely re­
moved at n = 0.0827, rather than at the value obtained from 
Figure 1 resulting from the linear extrapolation of the p 
vs. n' plot. The corresponding surface areas are 39 and 41.5 
m2 g_1, respectively. Sermon9 gives typical values as 30.8 
(Kr, BET), 31.3 (N2, BET), and 32.7 m2 g-1 (extrapola­
tion of p -n ' plot) or for another sample, 7.1 (Kr, BET) and
7.4 m2 g- 1 (extrapolation of the p-n  plot). Therefore his 
areas from the p-n' extrapolation are about 5% larger than 
the BET values. This is about the same difference noted 
here if the areas are computed by the first appearance of 
hydrogen in the gas phase or by the linear extrapolation of 
the p -n ' plot. The former method is more reasonable be­
cause hydrogen should appear in the gas phase only after 
the complete removal of the chemisorbed oxygen.

Several sorption runs were performed at 25°. A new run 
was done after the previous hydrogen was removed by 
evacuation at 25° for 12 hr. Prior to one run, the sample 
had been evacuated for 18 hr to a somewhat better vacu­
um than the others and this sorption isotherm agreed with 
the others (Figure 3). The reproducibility is quite good, 
indicating that there is a rather sharp division between 

. the strongly held and weakly held hydrogen. The strongly 
chemisorbed hydrogen cannot be removed by evacuation 
at 25°. The sorption isotherms were reversible, i.e., de­
sorption data coincided with sorption data. Sorption iso­
therms were also determined at 0 and 37.5°. After the 
sorption isotherm was measured at 37.5°, an isotherm was 
redetermined at 25° in order to demonstrate that sintering 
had not occurred. The 6  phase was not formed during any 
of these runs but a later isotherm (25°) was measured 
after some d phase had been formed, n = 0.15, and subse­
quently decomposed, and this agreed with the previous 
sorption isotherms.

Adsorption isotherms were determined by subtracting 
the absorption contribution at each pressure from the 
total sorption (Figi. 3). Results are shown in Figure 4 
and the isotherms show that adsorption continues after 
the monolayer is presumably complete. The isotherm at 
0° shows no tendency to saturate and the magnitude of 
this weak chemisorption is great, e.g., at 0°, 2Anads = 30 X 
10~3 (p = 3 mm). This represents an additional 0.43 X 
1015 surface sites cm 2 in excess of the strongly held mono- 
layer. It is suggested that the weakly chemisorbed hydrogen, 
which is in dynamic equilibrium with the absorbed hydro-
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£  A nads X 10s

Figure 5. A plot of nabs/2 A n adg plotted vs. 2 A n ads(25°): A, 
Pd/H2; A , Pd/D2. Figure 7. A plot of g¡so vs. 2  Anads (Pd/ H2).

Figure 6. Representative Clausius-Clapeyron plots of log p vs. 
1/7 at constant surface coverage of weak chemisorption for 
Pd/H2: 1, 2 A n ads =  0.025; 2, 2 A n ads =  0.02; 4, 2 A n ads = 
0.0175; 5, 2 A n ads =  0.015.

gen, is held to a different type of surface site than the 
strongly chemisorbed hydrogen.

After an evacuation of 12 hr (25°) and consequent re­
moval of weakly chemisorbed and absorbed hydrogen, a 
sorption isotherm was determined for deuterium (Figure 
3). It can be seen that its sorption behavior closely resem­
bles that of hydrogen. It is possible that the strongly 
chemisorbed hydrogen may have exchanged with the deu­
terium so that the sample, in fact, contained mostly hy­
drogen. For this reason the sample was reexposed to oxy­
gen and re titrated with deuterium. The sorption behavior 
following titration and the sorption behavior after subse­
quent evacuation of the sample agreed with each other, as 
was previously observed for hydrogen. Both of these sorp­
tion isotherms were quite different from the “ deuterium” 
isotherm which had been determined when strongly 
chemisorbed hydrogen remained on the surface prior to 
the measurement of the isotherm (Figure 3). This clearly 
demonstrates that strongly chemisorbed hydrogen (or deu­
terium) resulting from the titration cannot be removed

from the surface by evacuation. This proves also that the 
strongly held hydrogen undergoes exchange with deuteri­
um. The ratio of rcabsD to 2A «adsD and the comparable 
ratio for hydrogen is shown in Figure 5 as a function of 
2Arcads. It can be seen that the two systems are quite 
comparable. The amount of absorption relative to weak 
chemisorption increases and then tends to level off at 
higher coverages. When the two-phase region of absorp­
tion is reached there must be a sudden jump in the value 
of the ratios.

The coverage corresponding to the weakly held hydro­
gen will be computed on the basis that the number of 
weak bonding sites to the surface is equal to the number 
of surface palladium atoms (see below). The coverage is 
therefore given by

6 ' =  Z Araads/  0.0827 (4)
Isosteric heats have been calculated from the adsorption 

isotherms (Figure 4) at 0, 25, and 37.5°. Since these iso­
therms are reversible, the use of the Clausius-Clapeyron 
equation is justified for the determination of the heats of 
adsorption. Higher temperatures were not used because of 
the possibility of sintering the sample. Because of the lim­
itation to three temperatures each isotherm was measured 
at least twice (Figure 4) and there was a good degree of 
reproducibility. The Clausius-Clapeyron plots are shown 
in Figure 6 and the heats of adsorption are shown as a 
function of coverage in Figure 7. They fall from approxi­
mately 46 kJ/mol of H2 to 36.4 kJ/mol of II2.

It is of interest that the heats of chemisorption deter­
mined here, 46 kJ/mol of H2 to lower values, essentially 
commence at the value the Russian workers3 find when 
their chemisorption is complete; i.e., at 6 = 1 they find q 
= 52.5 kJ /nol of H2. This lends support to the hypothesis 
that there are strong and weak chemisorptions of hydro­
gen on palladium and that the properties of the weakly 
chemisorbed hydrogen are being examined here.

Corresponding entropies of adsorption have been deter­
mined from

AS
AH -  RT In p 

T (5)

and are -69.3 J/deg mol of H2 at 9' = 0.08 and decrease 
to —83.6 J/deg mol of H2 at d' = 0.21. This change corre­
sponds about what would be expected from the configura­
tional contribution for a mobile layer. However, at larger 
coverages the entropy change became about constant at 
the low value, ±  2 J/deg mol of H2.
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The Freundlich isotherm
In 6 ' =  ( RT/qJ  In a0 +  (RT/qm) In p

describes the adsorption data reasonably well from the 
lowest value of 6' to 6 ’ = 0.26 but thereafter deviations are 
noted; i.e., In 9' increases too much with In p. The slopes 
of In 6' against In p increase with temperature as expected 
and <?m/ 2, where q/ 2  = - q m / 2  In 9', is 8.6 kJ/mol of H2 
so that at, e.g., 6 ' = 0.2, q = 28 kJ/mol of H2 compared to 
the corresponding isosteric heat of 39 kJ/mol of H2. It is 
concluded that the fit to the Freundlich isotherm is but a 
crude approximation to the actual state of the weakly 
chemisorbed hydrogen, e.g., the heats appear to decline 
more linearily than logarithmically as required by the 
Freundlich isotherm. (The Temkin isotherm does not fit 
the data as well as the Freundlich isotherm despite the 
linear decline in the heats.)

Discussion
The fact that adsorption does not apparently saturate 

at the highest pressures studied here is characteristic of 
weak chemisorption—type C chemisorption.18 This is 
weak chemisorption, not physical adsorption. The obser­
vation that adsorption has not saturated is fully compat­
ible with the experimental finding that absorption of hy­
drogen by palladium occurs rapidly even at very high 
pressures. For example, Baranowski and his coworkers19 
have studied changes of electrical resistance due to hydro­
gen absorption in the range from 13,000 to 25,000 atm of 
H2. If the surface were completely saturated from reac­
tion 2, further absorption at high pressure would be very 
difficult.

The nature of type C chemisorbed hydrogen on metals 
is in doubt; i.e., some workers have suggested that it is 
molecular,20'21 and others that it is atomic.22 In order for 
this weakly chemisorbed hydrogen to be in rapid equilib­
rium with absorbed hydrogen, which is dissociated, it is 
reasonable to expect that type C chemisorbed hydrogen is 
atomic.

A chemisorbed hydrogen atom which is situated be­
tween the surface palladium atoms is a natural precursor 
to the absorbed state. This type of weakly chemisorbed 
hydrogen has been postulated to occur on platinum by 
Toya23—the s state. This s-type chemisorbed hydrogen was 
suggested to be protonic and located in the interstices 
about 0.5 A below the electronic surface of the platinum 
metal. Since absorbed hydrogen has been suggested to be 
protonic, i.e., it donates an electron to the collective 
bands of palladium,24-25 and is then screened by the con­
duction electrons, this would also make the s-type state 
appropriate as a precursor to the absorbed state. John­
son26 has recently examined the role of interstitially 
chemisorbed gases theoretically in some detail.

When hydrogen is absorbed into an interstitial site, it 
strains the palladium lattice. This has been discussed by 
Lewis,27 von Stackelberg and Ludwig,28 Brodowsky,29 
Wagner,30 and Burch.15 The strain energy accompanying 
the insertion of one hydrogen atom into the lattice, E l / 2 ,  

is given by Et. = —6w (w has been defined above). Alter­
natively, this can be estimated directly from the relation­
ship

Et =  (̂ /3)GN 0AVi/V1 (6)
where G is the rigidity modulus, V-_ is the molar volume, 
and AV is the expansion per hydrogen atom of the inter­
stitial site.15 Wagner30 has pointed out that if deviations 
from ideality in the p -c -T  relationships for metal-gas sys­

tems were measured at constant volume rather than at 
constant pressure the following relationship would hold

[d  In PU2^ - ^ / =  [ d  In P1'2^ ^  Idn]^ +

VE2
V.K.RT (7)

where VH is the molar volume of hydrogen in the metal 
and Vi and K\ are the molar volume and compressibility 
of the pure metal, respectively. If the interaction is negli­
gible at constant volume, then

d In p1
,(1 -  n) a n1 =

-  V H2 -  2 E l

V XK,RT RT ( 8)

Wagner has shown for the Pd/H2 system30 that eq 8 is ap­
proximately true. Substituting for the compressibility in 
terms of the rigidity modulus, eq 8 becomes

El =  1.83GFh7 ^ i O)
and Vh2/T i = NoA V/Vi so that eq 9 becomes

El =  l.83GN0AV*/V1 (10)
and by comparison with eq 6 it can be seen that they dif­
fer only by a constant. Thus the assumption of no interac­
tion at constant volume leads to the same dependence 
upon the properties of the metal/hydrogen system as the 
usual approach, e.g., eq 6.

If it is naively assumed that the only difference between 
weak chemisorption and absorbed hydrogen is the strain 
energy contribution in the latter, then qads = qabs 4- EL. 
El can be calculated from eq 6 or 10 or can be obtained 
from the p -c -T  data for the Pd/H2 system. The heat of 
absorption is 20 kJ/mol of H2 at n —*■ 0 (Table I). This 
gives qads = 36.4 kJ/mol of H2 if EL is taken from the 
p -c -T  data or 43.9 kJ/mol of H2 if it is calculated using 
Wagner’s relation for El (eq 8). In either case the agree­
ment with the isosteric heats is satisfactory for such a 
crude model.

An interesting facet of these data is that thermodynam­
ic data are now available for hydrogen at equilibrium in 
three different states: solid, surface, and gas. This consti­
tutes a textbook type statistical mechanical situation. 
How is the chemical potential of the surface equal to that 
of the bulk hydrogen when the heat of chemisorption ex­
ceeds the heat of absorption (in the a phase)? This must 
obtain because of compensating values of the differential 
entropy of absorption and chemisorption. The entropy of 
chemisorption is more negative than the entropy of ab­
sorption presumably because of the different configura­
tional contributions.

Acknowledgments. We wish to thank Dr. W. A. Oates 
and Dr. J. D. Clewley for helpful discussions of this work.

References and Notes
(1 ) F. A. Lewis, “The P a lla d iu m /H y d ro g e n  S ys tem ,” A ca d e m ic  Press, 

N ew  Y o rk , N . Y ., 1967 .
(2 ) O . B eeck , D is c u s s .  F a r a d a y S o c . ,  8 , 118 (1 9 5 0 ).
(3 ) Z. L. V ert, I. A. M osevitch , and l. P. Tverdovskii, D o k l.  A k a d .  N a u k  

S S S F t, 140, 149 (1 9 6 1 ).
(4 ) V . B reger and E. G ilead i, E le c t r o c h im .  A c ta ,  16 , 177  (1 9 7 1 ).
(5) B. Tardy and S. J . T e ichn er, J . C h im .  P h y s .,  6 7 ,1 9 6 2  (1 9 7 0 ).
(6 ) A. W . A ldag and L. D. Schm id t, J . C a ta l . ,  2 2 , 2 60  (1 9 7 1 ).
(7) E. W ick e  and G. N ernst, B e r .  B u n s e n g e s .  P h y s . C h e m .,  68 , 224  

(1 9 6 4 ).
(8 ) J . W . S im ons and T. B. F lan ag an , J. P h y s . C h e m .,  6 9 ,3 7 7 3  (1 9 6 5 ).
(9) P. A. S erm on , J. C a ta l . ,  2 4 , 4 6 0 , 4 6 7  (1 9 7 2 ).

(1 0 ) G . H o lleck  and E. W ic k e , Z. P h y s . C h e m .  (F r a n k f u r t  a m  M a in ) ,  
5 6 ,1 5 5 ( 1 9 6 7 ) .

(1 1 ) G . Bohm holdt and E. W ick e , Z. P h y s . C h e m .  (F r a n k f u r t  a m  M a in ) ,  
5 6 , 133  (1 9 6 7 ).

The Journal of Physical Chemistry, Vol. 77, No. 22, 7973



2634

(12) J. W . S im ons and T. B. F lan ag an , C a n . J . C h e m .,  4 3 ,1 6 6 5  (1 9 6 5 ).
(1 3 ) T. B. F lan ag an  and W . A. O ates, B e r .  B u n s e n g e s .  P h y s . C h e m .,  

76, 7 06  (1 9 7 2 ).
(1 4 ) J. D . C lew ley , T. C urran , T. B. F lan ag an , and W . A. O ates , J. 

C h e m . S o c . ,  F a r a d a y  T ra n s . 1, 69 , 4 49  (1 9 7 3 ).
(15) R. Burch, T ra n s . F a r a d a y  S o c . ,  66 , 749  (1 9 7 0 ).
(1 6 ) H . B rodow sky, Z . P h y s . C h e m .  (F r a n k f u r t  a m  M a in ) ,  4 4 , 129  

(1 9 6 5 ).
(1 7 ) D . M . N ac e  and J. G. Aston, J . A m e r .  C h e m . S o c . .  7 9 , 3 6 1 9 , 3 62 3 , 

3 62 7  (1 9 5 7 ).
(1 8 ) E g . ,  G . C . Bond, “C atalysis  by M e ta ls ,"  A ca d e m ie  P ress, London, 

1962 .
(19) B. B aranow skl, B e r.  B u n s e n g e s .  P h y s . C h e m .,  76 , 7 14  (1 9 7 2 ).
(2 0 ) D . A. D ow den in “C hem iso rp tion ,” W . E. G arn er, Ed., B utterw orths,

C. C. Chang, L. T. Dixon, and R. J. Kokes

’ London, 1958 .
(2 1 ) J. C . P. M ignolet, B u ll.  S o c .  C h im .,  67 , 3 58  (1 9 5 8 ).
(2 2 ) P. M . G u n d r y  a n d  F . C . Tom pkins, T ra n s . F a r a d a y  S o c . ,  52 , 1609  

(1 9 5 6 ).
(2 3 ) T. Toya, P ro g r .  T h e o re t.  P h y s . S u p p l. ,  23 , 2 50  (1 9 6 2 ).
(2 4 ) N . F. M ott and H. Jones, “Theory of M etals  and A lloys," O xford  

U niversity  Press, Oxford, 1936 .
(2 5 ) C . A. M a c k le ita n d  A. I. S chindler, P h y s . R e v .,  146 , A 463  (1 9 6 6 ).
(2 6 ) O. Johnson, J . R e s . In s t.  C a ta l.  H o k k a id o  U n iv . ,  20 , 9 5 , 109 , 125  

(1 9 7 2 ).
(2 7 ) F. A . Lew is, N a tu r w is s e n s c h a f te n ,  48 , 4 02  (1 9 6 1 ).
(2 8 ) M . von S tacke lb erg  and P. Ludwig, Z. N a tu r f o r s c h . ,  19 , 93  (1 9 6 4 ).
(2 9 ) H. B rodow sky, B e r .  B u n s e n g e s .  p h y s .  C h e m .,  7 6 , 7 40  (1 9 7 2 ) .
(3 0 ) C. W ag n er, A c t a  M e t . ,  1 9 ,8 4 3  (1 9 7 1 ).

The Nature of Molecular Hydrogen Adsorbed on Zinc Oxide

C. C. Chang, L. T. Dixon, and R. J. Kokes*

D e p a r tm e n t  o f  C h e m is t r y ,  T h e  J o h n s  H o p k in s  U n iv e r s it y ,  B a lt im o re ,  M a r y la n d  2 1 2 1 8  ( R e c e iv e d  M a y  2 3 , 1 9 7 3 )  

P u b l ic a t io n  c o s ts  a s s is te d  b y  th e  P e t r o le u m  R e s e a r c h  F u n d

The reversibly adsorbed hydrogen and deuterium on zinc oxide at -195 and -183° (type III) has been 
examined by adsorption and ir techniques. The isotherms show a significant isotope effect and yield 
isosteric heats at low coverage of 2.2-2.5 keal. Infrared studies and the temperature and pressure depen­
dence show this hydrogen is present in molecular form and is limited to 5 to 10% of the surface. Poison­
ing studies with water suggest it occurs on the same sites as the dissociative type I hydrogen. Interpreta­
tion of the spectral results and the isotope effect suggest that there is a considerable barrier to rotation 
on the surface. The possible role of such a species in the ortho-para hydrogen conversion is discussed.

Introduction
Heterogeneous catalysts that are effective for hydrogen­

ation reactions usually are also effective for hydrogen- 
deuterium exchange (and the related parahydrogen con­
version).1 3 The nature of the “ activated” hydrogen in 
these catalytic sequences has been the subject of much 
speculation.4'5 In one scheme, originally proposed by Bon- 
hoeffer and Farkas,6 it is assumed that hydrogen (and 
deuterium) adsorb dissociatively and that a random re­
combination of atomic species effects the exchange. The 
corresponding mechanism for olefin hydrogenation as­
sumes a two-step addition of adsorbed hydrogen atoms to 
olefins to form the product alkane. Although many fea­
tures of the hydrogenation and exchange reactions are ac­
counted for by the view that the “ active” hydrogen in­
volves only an atomic adsorbed species, there are some 
deficiencies in this view. In an attempt to overcome these 
deficiencies, Rideal7 (and later Eley3) assumed that ex­
change occurs via reaction of the adsorbed atomic species 
with molecular hydrogen (or deuterium). Twigg8 present­
ed a parallel mechanism for hydrogenation wherein mo­
lecular hydrogen adds to the adsorbed olefin. Often, it is 
assumed that this reactive molecular hydrogen species is 
weakly adsorbed. Despite intensive efforts to obtain con­
clusive mechanistic evidence, a firm decision between 
these alternatives cannot yet be made. At present, it is 
not clear whether the “ active” form of hydrogen is only 
atomic or includes a molecular species.

The nature of adsorbed hydrogen has also been exam­
ined by a number of nonmechanistic techniques. Infrared 
studies provide the strongest evidence that hydrogen ad­
sorption on at least some metals9 ■a0 and oxides11 is atom­
ic. For years the only nonmechanistic evidence for chemi­
sorbed molecular hydrogen stemmed from heat12 and ad­
sorption measurements13 at low temperatures.14 Recently, 
analysis of chromatographic separation of hydrogen iso­
topes and allotropes strongly suggests there is a specific 
form of molecular hydrogen adsorption on oxides.16’16 
This view is reinforced by recent observations in this labo­
ratory of ir bands due to molecular species when hydrogen 
is adsorbed on zinc oxide at low temperature.17 In this 
preliminary communication17 we noted that this species 
seems specific to zinc oxide and does not resemble the 
physically adsorbed hydrogen reported by Sheppard and 
Yates.18 Thus, it may play the role of the molecular inter­
mediate suggested in exchange reactions over this oxide.19 
In this paper we further characterize this molecular hy­
drogen species.

Experimental Section
The zinc oxide used in this study was Kadox-25 ob­

tained from the New Jersey Zinc Co. All gases were puri­
fied, if necessary, by standard techniques.

In the standard activation procedure the sample was 
degassed as the temperature was gradually raised from 
room temperature to 450°. Then oxygen was circulated
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over the catalyst with a liquid nitrogen trap in the circu­
lation loop for 2 hr at 450°. The sample was cooled to 
room temperature in dry oxygen and briefly degassed 
prior to the adsorption experiments. Previous experiments 
had shown that a sample thus treated had the same hy­
drogen adsorption characteristics as one activated in vac­
uum but the ir transmission properties were greatly im­
proved.

Techniques used in ir experiments and the cell used has 
been described earlier. Temperatures in ir studies are 
those recorded by a thermocouple in contact with the zinc 
oxide disk about 3 mm from the edge. Heating by the ir 
beam may occur inside the disk; hence, the recorded tem­
perature should be viewed as approximate.

Adsorption measurements were made on a 23.0-g sam­
ple of zinc oxide pressed into disks similar to those used 
in ir studies and broken into large chunks. After activa­
tion the BET Vm value for nitrogen was 1.61 cc/g  corre­
sponding to an area of 7.01 m2/g. Hydrogen and deuteri­
um isotherms were run at liquid nitrogen (-195.8°) and 
liquid oxygen temperatures ( — 183°). Prior to these runs 
the catalyst was exposed to hydrogen at 135 mm at room 
temperature overnight, cooled to -183°, and evacuated for 
1 hr. Check experiments revealed that essentially the 
same isotherms were obtained when the catalyst was 
cooled in hydrogen to -78°, evacuated for 1 hr, and then 
the isotherm was run at —183°. Isosteric heats of adsorp­
tion for hydrogen and deuterium were computed from the 
Clausius- Clapeyron equation.

Results
Adsorption Experiments. Two types of hydrogen chemi­

sorption are evident on zinc oxide at room temperature:20 
type I is rapid and reversible; type II is slow (in part) and 
irreversible. Type II is unreactive in ethylene hydrogena­
tion20 and hydrogen-deuterium exchange.19 Type I is re­
active and ir studies suggest that it forms ZnH and OH 
bonds by dissociation on a limited number of zinc oxide 
pair sites. At room temperature saturation of type I sites 
is evident above 50 mm. In line with this, if a sample at 
room temperature is exposed to hydrogen at 50 mm, there 
is little increase in the ZnH and OH band intensity when 
the sample is cooled to -195°. Some time ago, Taylor and 
Liang13 reported that when zinc oxide is exposed to hy­
drogen at 1 atm and room temperature and then cooled to 
— 195°, there is an increase in hydrogen adsorption corre­
sponding roughly Vm for a nitrogen monolayer. This ad­
sorption that occurs on cooling (and seems too extensive 
to be simple physical adsorption) gives rise to the ir bands 
for molecular hydrogen. We term this molecular adsorp­
tion, type III.17 In order to study it we must first devise a 
way to separate it from the type I adsorption which also 
occurs readily at these low temperatures.21 We have made 
use of the fact that evacuation at —183° (or -78°) does 
not remove the ZnH and OH bands characteristic of type 
I hydrogen, but does remove the molecular bands charac­
teristic of type III hydrogen.17 Accordingly, low-tempera­
ture adsorption isotherms were run as follows: first, after 
exposure to hydrogen for 16 hr at room temperature, the 
catalyst was cooled in hydrogen (at 135 mm) to —183° to 
saturate type I sites; then, the catalyst was evacuated to 
remove the reversible type III adsorption and the read­
sorption on top of the irreversibly adsorbed type I adso- 
tion was measured. This readsorption, in principle, pro­
vides isotherms for the type III hydrogen and any physical 
adsorption that accompanies it.

Pmm Hg

Figure 1. Isotherms for type III hydrogen and deuterium on zinc 
oxide.

Figure 2. Isosteric heats for type III hydrogen and deuterium on 
zinc oxide.

Figure 1 shows isotherms for hydrogen and deuterium at 
— 195 and —183° obtained by the above procedure. The 
amount of adsorption is extensive insofar as it approaches 
half the nitrogen Vm value at 1 atm and —195°. Further­
more, there appears to be a significant isotope effect for 
hydrogen compared to deuterium. The isotope effect is 
also reflected in isosteric heats shown in Figure 2. Values 
for both hydrogen and deuterium approach a common 
value at high coverage, but at low coverage, the value is 
about 2.2 kcal for hydrogen compared to 2.5 kcal for deu­
terium.

In a recent paper from this laboratory21 it was noted 
that the ratio of pressures for different isotopes at fixed d 
should be represented by the formula

where Q is the partition function for the indicated gaseous 
species and q is the partition function for the indicated 
adsorbed species (including zero point energies) at zero 
coverage. Thus, a plot of PH2 vs. PD2 at fixed coverages 
should yield a straight line through the origin. Figure 3 
shows that this prediction holds fairly well and that a sin­
gle straight line can be drawn through the data points at 
both temperatures. The slope of this line is 1.57; implica­
tions of this value will be discussed in the Discussion sec­
tion.
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Infrared Studies. When the infrared cell containing zinc 
oxide is exposed to hydrogen and cooled to -195°, bands 
are observed at 3502 and 1691 c m '1, corresponding to the 
OH and ZnH bands previously assigned to type I hydro­
gen.9-21 In addition a somewhat weaker band is observed 
at 4019 cm-1 in a region near the upper limits of the 
spectrometer (Figure 4). This high-frequency band disap­
pears after a brief evacuation whereas the bands ascriba- 
ble to type I hydrogen are unaffected by evacuation at this 
temperature. If, after evacuation at -195°, the sample is 
exposed to deuterium, no bands due to OD and ZnD are 
observed, presumably, because the type I sites are satu­
rated with hydrogen. A new band does appear, however, 
at 2887 cm-1 . This band, presumably due to adsorbed 
deuterium, is still evident when the temperature is raised 
to -183° (Figure 4). Even after exposure to deuterium for 
several hours at -195°, no OD or ZnD bands appear; 
hence, at —195° exchange between deuterium and type I 
hydrogen is a very slow process. Like the band at 4019 
cm-1 (observed in hydrogen) the band at 2887 cm-1 (ob­
served in deuterium) disappears on brief evacuation. 
These bands, together with the corresponding type I 
bands, are also observed when the catalyst is precooled to 
-195° in helium, then evacuated, and exposed to hydro­
gen (or deuterium).

When the catalyst is exposed to deuterium at room 
temperature, cooled to -195°, evacuated, and exposed to 
hydrogen, only OD (2591 c m '1) and ZnD (1219 c m '1) 
bands are observed along with a band at 4019 cm -1 . As 
with the reverse process, no OH or ZnH bands appear 
after several hours in hydrogen even when the tempera­
ture is increased to -183°. Thus, cooling in deuterium to 
-195° saturates the type I sites and no further adsorption 
on or exchange with the type I sites occurs. When the type 
I sites are thus deuterium saturated and the catalyst is 
evacuated and exposed to hydrogen deuteride, a band ap­
pears at 3507 cm -1 (Figure 4). This band is very close to 
the position for the type I OH band, but it is not due to 
type I hydrogen for the following reasons: (a) presatura­
tion of type I sites with deuterium does not permit type I 
hydrogen adsorption; (b) no ZnH band is observed; (c) the 
3507-cm '1 band, unlike type I bands, disappears on brief 
evacuation. Thus, we assume the 3507-cm'1 band ob­
served at low temperature with hydrogen deuteride stems

2887cm” 1
D - D

Figure 4. Spectrum of molecular H2, HD, and D2 on zinc oxide. 
The dotted line is the spectrum in the absence of gaseous hy­
drogen or its isotopes.

TABLE I: Vibration Frequencies for Molecular Hydrogen

Species
w(gas),a

c m '1
w(ads),
cm-1 Aw, cm“ 1

Aco—  X 100

h 2 4161 4019 142 3.41
HD 3627 3507 120 3.31
d 2 2990 2887 103 3.44

Av 3.39 ±  0.05

from the same species as the 4019-cm-1 band for hydro­
gen and the 2887-cm-1 band for deuterium.

Table I compares the observed frequencies for weakly 
adsorbed hydrogen, hydrogen deuteride, and deuterium 
with the vibration frequencies tabulated by Herzberg22 for 
the gaseous species. It can be seen that the observed 
frequencies for the adsorbed species correspond to 
frequencies of gaseous molecular species with a downward 
shift much larger than that typically found for physically 
adsorbed molecules,18-23 i.e., about 20 cm -1 . Bucking­
ham24 has formulated a perturbation treatment of shifts 
in vibration frequencies for diatomic molecules induced 
by environment. According to this treatment the shift Aco 
relative to the unshifted frequency should be independent 
of the isotopic species. The last column of Table I shows 
that the frequency shift for the adsorbed species is consis­
tent with this prediction. Thus, these bands stem from 
pure vibrations of adsorbed molecular species.

The bands for molecular adsorption on zinc oxide are 
quite different from those assigned to “ physical adsorp­
tion” on porous glass.18-25 For zinc oxide Aco is five times 
that on porous glass. In simple interpretations of solvent 
effects,26 the size of the shifts are proportional to interac­
tion potential; hence, on this basis, the interaction poten-
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Figure 5. Ir isotherm for deuterium at —183°. Different symbols 
are for different runs.

tial of hydrogen with zinc oxide would be about five times 
that for hydrogen with porous glass provided the interac­
tion distance is the same. Comparative intensity data for 
the two systems also suggest the interaction is greater on 
zinc oxide. If, like Sheppard and Yates,18 we assume the 
vibrational transition becomes allowed due to an effective 
electric surface field, we can estimate this surface field 
from intensity data. Our best estimate suggests the ex­
tinction coefficient for hydrogen cn zinc oxide is greater 
than that on porous glass by a factor of 65. This leads to a 
computed field of 0.6 V /Á  on zinc oxide17 compared to 
the reported 0.07 V /Á  for porous glass.18 Thus, the nature 
of the molecular hydrogen (gauged by ir) appears to be 
highly specific to the adsorbent, zinc oxide, and, in that 
sense, it is chemisorption.27

Isotherms based on the intensity of infrared bands as a 
function of pressure can be obtained for hydrogen and 
deuterium at both —195 and -183°. A typical ir isotherm 
is shown for deuterium at -183° in Figure 5. Such iso­
therms are not as precise as those obtained by volumetric 
measurements; the bands are weak and the reproducibili­
ty of the optical density is not much better than 10%. 
Furthermore, the nominal temperature may differ from 
the observed temperature by several degrees. Despite 
these uncertainties an estimate was made of the isosteric 
heat for deuterium based on such ir isotherms at —183 
and -195°. The heat of adsorption thus computed at low 
coverage was about 2 kcal. In view of the uncertainties, we 
regard this value as quite close to that based on isotherm 
measurements (Figure 2); hence, it is tempting to assume 
that the initial hydrogen adsorption determined volume- 
trically is the species that gives rise to the ir bands for 
molecular hydrogen.

In order to specify the adsorption characteristics of the 
molecular species (termed type IE) responsible for the ir 
spectra, we must devise a scheme for subtracting out the 
physical adsorption contributions to the volumetric iso­
therms in Figure 1. Contributions of physical adsorption 
should be most pronounced at higher pressures and should 
occur with heats of adsorption more comparable to the 
heat of liquefaction (0.216 kcal/mol17) than the initial 
heats, characteristic of type III hydrogen. If we plot the 
amount of type HI adsorption vs. rhe total adsorption, we 
would expect a linear plot through the origin at low cover­
age. At higher coverages, where additional adsorption is 
largely physical, HI should become independent of total 
coverage. This limiting coverage defines the saturation
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cc D2 /g

Figure 6. Optical density vs. adsorbed deuterium: O, • ,  -183°; 
□  , -195°.

amount of type HI hydrogen. (We have assumed that type 
Id adsorption occurs with significantly higher heat than 
physical adsorption, a supposition in line with the spec­
tral characteristics of the ir bands.) We have constructed 
such a plot by using the optical densities in Figure 5 as a 
measure of III and the adsorption at corresponding pres­
sures in Figure 1 as a measure of the total adsorption. The 
plot thus obtained (Figure 6) has the correct form and 
suggests the total amount of type III adsorption is roughly 
0.2 cc/g. Since the errors inherent in this procedure are 
large, this value should be viewed as a tentative estimate.

The above experiments suggest that type III hydrogen 
adsorption occurs on a fraction of the surface comparable 
to that responsible for type I adsorption.20 This would be 
expected if type I and type 0  adsorption occurred on the 
same sites. Effects of water adsorption on the hydrogen 
spectrum support this interpretation. Earlier20 it was 
demonstrated that water adsorption selectively poisons 
the sites for type I adsorption. In our present study we 
have found that if sufficient water is adsorbed so that 
type I bands do not appear on exposure to hydrogen, type 
III bands are also absent. When the adsorbed water is re­
moved in stages by evacuation at successively higher tem­
peratures, the catalyst can be reactivated for both type I 
and type HI hydrogen adsorption. Observation of the ir 
spectra in hydrogen during successive stages of the reacti­
vation reveal that type I and type III bands both reappear 
and show a parallel growth in intensity at successive stag­
es of the reactivation. There are, of course, other interpre­
tations possible but the simplest, provisional interpreta­
tion of these results is that type I and type III hydrogen 
adsorption occurs on the same sites.

Discussion
Infrared bands for hydrogen are forbidden in the gas 

phase; they appear for the adsorbed species because the 
bond to the surface induces a dipole moment that de­
pends on internuclear displacement, £.28 Let us assume 
for simplicity that the induced dipole moment stems from 
an effective electric field, Eo, in some special direction la­
beled the z direction. Then, there will be three compo­
nents for the induced dipole

M.v — * XZE 0 (2 a )

fly = a y:E 0 (2 b )

ii R O (2 c )

In general axz, ayz, and azz depend on the orientation of 
the diatomic molecule with respect to z. In terms of the 
polarization parallel and perpendicular to the molecular 
axis we find
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a „  =  « x +  (a B —  a x) cos2 9 (3a)

Oí xz  =  ( « I I —  a ¡ )  sin 6  cos9 c o s t /) (3b)

O ty z  =  ( « I I —  aq) sin 9 cos 9 sin0 (3c)

where 8 and <f> have their usual meaning. As required for 
the homonuclear diatomic molecule the sign and magni­
tude of the induced dipole does not change when the mol­
ecule is rotated end for end (8 —*■ t — 8 , <t> —*• 4> + 7r). Ex­
pansion of ax and a in a power series in £ and evalua­
tion of the appropriate matrix elements leads to the con­
clusion that the appropriate selection rules are those usu­
ally applied to the Raman spectra. In other words, in this 
limit where the diatomic is freely rotating, we should see 
transitions corresponding to changes in vibrational quan­
tum number, n, and AJ = 0 ±  2. These are the selection 
rules that describe the induced spectra for gaseous hydro­
gen in a static electric field.29 In adsorbed or condensed 
phases, however, the rotation is hindered rather than free. 
One might expect, therefore, the selection rules to be 
modified in condensed systems. In point of fact, however, 
both the induced ir30 and Raman spectra31 of hydrogen in 
condensed phases follow selection rules appropriate for 
freely rotating molecules. Accordingly, in order to under­
stand the effect of a barrier to rotation on the induced 
spectra, we must examine the characteristics of the wave 
functions and energy levels for a restricted rotor.

The principal limiting features of the restricted diatom­
ic rotor were discussed by Pauling31 and Stern32 with the 
assumption that the potential barrier to rotation has the 
form c sin2 8. Recently, in connection with analysis of the 
chromatographic separation of hydrogen isotopes and allo- 
tropes, more detailed computations of energy levels vs. 
barrier height have been presented.33’34 We have extend­
ed these computations somewhat, also with the help of 
the tables of Stratton, et al. , 35 and the results are sum­
marized in Figure 7 which shows the computed energy 
levels for a restricted deuterium rotor for rotational bar­
riers of 0, 1, and 5 kcal. For the free rotor, components of 
the degenerate levels are shown as individual lines, broken 
and solid, for symmetric and antisymmetric levels, re­
spectively. As the barrier height is increased the energy 
scale in the figure is compressed; the zero, however, is 
kept the same and the vertical arrow, corresponding to 1 
kcal, provides a gauge for the energy scale. On the right 
we depict the energy levels in the limit where the barrier 
becomes very high and the molecule undergoes only angu­
lar vibrations. These energy levels are specified by the 
equation32

E  =  (N  +  \m\ +  1 )hv
N  =  0,2,... (4)

m =  0, ±  1, ±  2,...
Thus, as the barrier height increases m for the free rotor 
remains a “ good” quantum number corresponding to vi­
brational angular momentum,36 but l loses its original 
meaning. Equation 4 is the equation for a doubly degener­
ate vibration; the doubling of energy levels in Figure 7 
stems from the same symmetry considerations that lead 
to inversion doubling.37

It is easy to see what happens to the selection rules for 
induced transitions in the limit when the barrier is high. 
Transitions corresponding to A J = ±2 (refer to Figure 7) 
become transitions involving a change in n and a change 
in the torsional energy level; such combination bonds are 
forbidden in the harmonic oscillator approximation. Tran-

Restricted Rotor
m

Vo = 0 Kcal Vo = IKcal Vo = 5 Kcal

Figure 7. Correlation diagram for hindered rotor. See text for 
details.

sitions corresponding to A J = 0 (with Am = 0) become 
fundamentals and, thus, are allowed in the harmonic 
oscillator approximation. These conclusions can be veri­
fied by computation of the relevant matrix elements with 
wave functions appropriate for these limits, i.e., those for 
the isotropic plane oscillator.32

What is the height of the rotational barrier required for 
transitions corresponding to AJ  = ±2 to become forbid­
den? Roughly, one might anticipate that libration is 
approximated only for barriers higher than the perturbed 
rotational levels. For hydrogen, with its low moment of in­
ertia, and widely spaced rotational levels, the rotational 
barrier would have to be quite high compared to that re­
quired for a molecule like nitrogen with more closely 
spaced rotational levels. No doubt, this is why the Raman 
spectra of liquid hydrogen approximates that of a freely 
rotating molecule whereas that of nitrogen shows a single 
band.38 This effect is also evident in Figure 7. When the 
barrier is 1 kcal only the lowest level approximates that 
for the degenerate oscillator. Even for a barrier of 5 kcal 
states stemming from l = 2 only approximate those for a 
degenerate oscillator.

Stratton, et al. , 35 show that the wave functions corre­
sponding to the energy levels depicted in Figure 7 can be 
expanded in a power series in associated Legendre polyno­
mials and they list coefficients. We have used this tabula­
tion to explore how the matrix elements governing the 
transitions change with barrier height. These results for 
the Pz component show the AJ = 2 transition does not de­
crease by an order of magnitude until the barrier is sever­
al kcal. Computations with the Px and Py components 
suggest even higher barriers are required before the AJ  = 
2 transitions become very weak.

We have searched for a series of bands for adsorbed 
deuterium and have found only one. Since the shift for 
various isotopic species (Table I) suggests this band is a 
purely vibrational one, we conclude the band corresponds 
to A J  = 0. For “ freely” rotating hydrogen at —195° the A J 
= 0 and AJ = 2 bands are comparable in intensity.30 
Thus, our failure to observe A J  = 2 bands (which means 
their intensity is an order of magnitude less than the A J 
= 0 bands) suggests the barrier to rotation is quite high. 
Accordingly, we would conclude that the first few energy 
levels, which are the only ones populated at this tempera­
ture, correspond to torsional vibrations rather than hin­
dered rotations.
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(A more realistic model should h ave a potential that de­
pends on 6 and <t>. This dependence on 0 can be intro­
duced by a perturbation treatment. In the limit of high 
barriers this leads to a sequence energy levels correspond­
ing to a harmonic oscillator with two different vibration 
frequencies. The corresponding levels, however, still occur 
in near degenerate pairs, consisting of wave functions 
symmetric and antisymmetric in inversion. Such changes 
in the correlation diagram do not change the selection 
rules in the limits and are unlikely to alter the qualitative 
conclusions based on the simpler ^-independent model.)

This detailed interpretation of the spectrum leads to 
the conclusion that the barrier to rotation is high but does 
not specify how high. In principle, measurements of the 
thermodynamic isotope effect counted with heats and ir 
measurements should shed some light on this. We can 
rewrite eq 1 as a product of four terms

The first factor, I, contains partition functions for transla­
tion in the gas phase and in the plane of the surface (x,y). 
If, following King and Bensen (KB),34 we assume two- 
dimensional mobility on the surface I becomes 1/VZ. The 
second factor, II, which includes vibrational partition 
functions for the stretching frequencies, can be computed 
from the measured ir frequencies and is 0.70. The third 
term, III, is a function of barrier height and can be com­
puted on the basis of the restricted rotor model by the KB 
procedure. The fourth term, IV, can be estimated from 
the measured heats by an extension of the KB treatment 
which assumes that the potential energy as a function of 
distance from the surface has the form

A B
+  zn (6)

where A and B are constants and the “ best” values of m 
and n appear to be 5 and 9. In the harmonic oscillator ap­
proximation the vibration frequency (in c m 1) perpendic­
ular to the surface is given by

a -
{nm)m UL1/2 

z0 2-j t c M 1
(7)

where Uc is the depth of the potential energy well, zo is 
the equilibrium distance, c is the speed of light, and M  is 
the mass of the vibrating species :f we assume the effec­
tive mass of the surface is infinite. The thermodynamic 
energy of desorption is given by the equation

& E  ~  T^trans T  fVotn ~b T^st ~̂ xy ^rot

?st +  U0 — Zihco (8)
wherein E and e refer to the indicated energies in the gas 
and adsorbed phases, respectively. The value of AE is 
specified by the measured (initial) heat of adsorption. All 
terms in E and e are specified by the model except for 
erot. This term can be computed as a function of the bar­
rier height and a can be evaluated for each value of erot 
by combination of eq 7 and 8. Once a is computed the 
fourth factor in eq 5 can be evaluated. Computed values 
of the isotope effect as a function of the barrier height for 
two values of zo are shown in Table II.

These computations involve two assumptions: those in­
herent in the restricted rotor treatment and the form of

TABLE II: Computed Isotope Effect Vs. Barrier Height

V 0, kcal I X  II X  I I I IV “
PH2/
PD2a IV 6

P h 2/
Pd/

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

“ The equilibrium  d istance  z 0 is assum ed to be 2 .5  A, i . e . ,  approxi-
m ate ly  the value used in ref 34 . 6 The equilib rium  d istance  z 0 Is assum ed  
to be 2 .9  A, i.e., roughly the  van der W aa ls  d iam e te r.

the potential function for hydrogen-surface interaction. 
Despite these assumptions the only experimental input 
needed is the stretching frequency of hydrogen and the 
heat of adsorption of hydrogen. To achieve agreement of 
the computations with the measured isotope effect (1.57) 
we must assume a sizeable barrier to rotation. Insofar as 
this result agrees with our conclusions based on the spec­
trum, the model appears to be realistic. Evaluation of the 
barrier height by these computations, however, is fruitless 
since the values n, m, and zo are uncertain and the com­
putations are sensitive functions of these values. Thus, we 
regard our computations based on this model as useful 
primarily for qualitative conclusions.

Finally, let us note that we regard this type of adsorbed 
molecular hydrogen as a prime candidate for the interme­
diate in ortho-para conversion. The transition from an 
ortho to a para state is governed by terms of the kind

< t 0\H 'JiP> 2/(E0 -  Ep)2

where \p and E are the wave functions and energies for 
ortho and para states. As pointed out by Van Cauwelaert 
and Hall,39 E0 — Ep is reduced by the imposition of a 
rotational barrier so that transition mechanisms trivial in 
the gas may become significant for the adsorbed phase. 
For example, transitions involving nuclear moments may 
play a more important role for adsorbed species even 
though their rate is trivial for gas-phase transitions.40 Our 
spectral data suggest we are approaching the limit where­
in low-lying levels become degenerate ortho-para levels 
and this conclusion is independent of the detailed form of 
the potential function defining the barrier. Thus, for this 
system the transition probability should become signifi­
cant for a variety of mechanisms of only trivial impor­
tance in the gas phase. We are currently exploring this 
aspect of molecular hydrogen on zinc oxide in some detail.
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A comparative study of oxygen and nitrogen adsorption on zinc oxide suggests oxygen adsorption is non­
specific, but that the initial nitrogen adsorption occurs specifically on sites constituting about 15% of the 
surface. This nitrogen adsorption gives rise to a band in the ir close to that of the Raman vibrational fre­
quency for gaseous nitrogen. It displaces the molecular hydrogen observable in the ir and couples vibra- 
tionally with the adsorbed dissociated hydrogen. Evidence is presented that this specific nitrogen adsorp­
tion occurs at the same sites that adsorb hydrogen molecularly and dissociatively. This nitrogen has a 
relatively low heat of adsorption (4.6 kcal). It is suggested that the specificity of the adsorption may be 
due to the interaction of a high field gradient at the sites with the quadrupole moment of nitrogen.

Introduction
There are at least three types of hydrogen chemisorp­

tion on zinc oxide:1-3 type I is weakly chemisorbed and 
occurs rapidly and reversibly at room temperature; type II 
is tightly held and occurs irreversibly at room tempera­
ture; type III is very weakly held and detectable only at 
low temperature. Type II chemisorption has been found to 
be inert in many reactions and is nonobservable in the ir. 
Type I chemisorption is characterized in the ir by two 
bands at about 3500 and 1700 cm-1 which were first re­
ported by Eischens, Pliskin, and Low4 who assigned them 
to an OH and ZnH species, respectively. Coupled ir and

adsorption studies lead to the conclusion that this mode 
of adsorption can be represented schematically as follows

H2(g) +  Z n — O -> - Z n — O

wherein Zn -0  represents a metal oxide pair site. Only 5 to 
10% of the surface contains such sites and these appear to 
be isolated from one another and, at low temperature, are 
noninteracting. Further characterization5 of these sites 
suggests that adsorption is often accompanied by hetero- 
lytic cleavage of a chemical bond in the adsorbate; hence, 
one might assume that these sites represent a region of
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very high effective electric fields or field gradients. In­
frared studies suggest that type III hydrogen adsorption 
occurs at the same pair sites on which type I adsorption 
occurs.2'3 The ir spectrum consists of a single band for the 
normally forbidden transition corresponding to vibration 
of the homonuclear diatomic molecule. Such bands are 
allowed if the molecule is polarized by a strong electric 
field;6'7 hence, the appearance of these bands supports 
the view that the pair sites generate a rather high effec­
tive field.

If the above view is correct, the pair sites would consti­
tute special sites for adsorption of a variety of molecular 
species with the heat of adsorption stemming from inter­
action of its permanent or induced dipole (or quadrupole) 
with the surface field. Creation of an induced dipole could 
result in the observation in the ir of normally forbidden 
bands stemming from the vibration of homonuclear dia­
tomic molecules. If so, the details of resulting spectra 
should provide additional information on the nature of the 
pair sites. To this end we have studied the adsorption and 
ir spectrum of nitrogen and oxygen adsorption on zinc 
oxide and the interaction of these observed species with 
adsorbed hydrogen.

Experimental Section
Except for the adsorption measurements, all experi­

mental details are similar to those described in earlier pa­
pers.3'8 Adsorption experiments were made in a conven­
tional BET system equipped with a McLeod gauge. Cor­
rections for thermal transpirations were not made for the 
runs at low temperatures, but estimated corrections sug­
gested this had little effect on the values of qst computed. 
(The diameter of the tubing at the high-temperature-low- 
temperature interface was 2 mm.) For these adsorption 
experiments we had a 22.0-g sample of Kadox 25 activated 
by the standard procedure. Temperatures of the runs were 
achieved by the following baths: —195°, liquid nitrogen; 
-183°, liquid oxygen; -160°, 2-methylbutane at its melt­
ing point; -119°, bromoethane at its melting point; -78°, 
a mixture of acetone and Dry Ice; —35°, 1,2-dichlo- 
roethane at its melting point. In all cases, the sample was 
precooled to the desired temperatures in about 50-mm of 
helium prior to adsorption measurements.

Results
Low-temperature isotherms for nitrogen and oxygen are 

shown in Figure 1. Since the pressures span four orders of 
magnitude, we have used a logarithmic pressure scale for 
clarity. Usually, the amount of physical adsorption at a 
given temperature correlates with the boiling point of the 
adsorbing gas with the higher boiling gas showing the 
more extensive adsorption. The boiling point of nitrogen 
(-195°) is less than that of oxygen (-183°); hence, on this 
basis alone, one would expect more extensive adsorption 
for oxygen than nitrogen at the same pressure. Figure 1 
shows that this is not the case at low coverages. To 
achieve a coverage corresponding to one-fourth of a mono- 
layer9 requires a higher pressure of oxygen than nitrogen 
by a factor of roughly 100 both at —195 and —183°. At highr 
er coverages, i.e., above half a monolayer, the curves cross 
and oxygen adsorption becomes greater than nitrogen ad­
sorption at the same pressure.

Isosteric heats, qst, computed from the isotherms are 
shown in Figure 2 as a function of coverage. For nitrogen 
the initial <7st was 4.6 kcal whereas that for oxygen was

Figure 1. Isotherms for oxygen and nitrogen at low tempera­
tures.

Figure 2. Isosteric heats for oxygen and nitrogen. Data indicat­
ed by squares are based on isotherms for three temperatures; 
other symbols are based on isotherms at two temperatures. Dif­
ferent symbols represent different sets of temperatures.

about 3.0 kcal. Thus, these measurements show that ni­
trogen is more strongly held than oxygen. These heats of 
adsorption, however, are sufficiently low in magnitude 
that one would say they fall in a range comparable to that 
often found for physical adsorption.10 Furthermore, at low 
temperatures the difference in qst between nitrogen and 
oxygen is more than enough to account for the difference 
in the coverage at low pressures in the Langmuir limit.

The shapes of the <?st curves for oxygen and nitrogen 
differ markedly. For oxygen the heat of adsorption stays 
nearly constant at about 3 kcal for coverages up to half a 
monolayer; beyond this point, the qst falls rapidly as the 
coverage increases. For nitrogen, however, the heat of ad­
sorption decreases markedly as coverage increases even in 
the region well below a monolayer. A special effort was 
made to determine the initial shape of the curve for nitro­
gen by more extensive measurements of adsorption iso­
therms at higher temperatures. These data, shown in Fig­
ure 2, suggest that the initial heat of adsorption corre­
sponding to the first tenth or so of a monolayer remains 
roughly constant; as the coverage increases beyond this
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PmmHg
Figure 3. Isotherms for oxygen and nitrogen at high tempera­
tures.

point, the qst falls rapidly and above half a monolayer, it 
merges with the curve for oxygen. Although the experi­
mental data are not sufficiently precise to define with cer­
tainty the extent (or even existence) of a plateau for the 
initial heats of adsorption, it seems clear that such behav­
ior might be expected if a fraction of the surface, e.g., 
10- 20%, had sites at which the bonding energy was espe­
cially high.

Figure 3 compares the isotherms for oxygen and nitro­
gen at higher temperatures. At -119° and higher temper­
atures the isotherms for oxygen are linear. Even at -78° 
nitrogen isotherms are nonlinear. Such nonlinearity could 
stem from severe heterogeneity of the surface for nitrogen 
wherein only some small fraction of the surface adsorbs 
nitrogen with an especially high heat of adsorption. For 
these sites saturation effects will be evident at fairly low 
overall coverage and cause curvature in isotherms that 
would be linear, were the high energy sites not present. 
With such a picture, a crude assay of the number of such 
sites can be obtained by the difference in oxygen and ni­
trogen adsorption at -7 8  and -119° in the high-pressure 
region. At -119 and -78° this difference corresponds to 
V/Vm = 0.15 ±  0.02. We view this as an upper limit be­
cause quadrupole effects with nitrogen11’12 might give the 
linear component of the isotherm a steeper slope for nitro­
gen. The above reasoning is a somewhat hazardous way of 
obtaining even a semiquantitative estimate of the number 
of special sites. Nevertheless, the estimate (0.2 to 0.3 
cc/g) does agree with the extent of the plateau region of 
the heats of adsorption; hence, we regard the estimate as 
reasonable but not sharply defined. It is indeed suggestive 
that the number of sites for specially bound nitrogen is 
the same as the estimated number of sites for that spe­
cially bound molecular hydrogen that gives rise to an in­
frared band.3 These sites, in turn, were associated with 
the type I sites which effect dissociative adsorption of hy­
drogen even though the estimated number of type I sites 
is a bit lower than the number of sites that effect adsorp­
tion of infrared active molecular hydrogen.3

Figures 4 and 5 summarize the results of our infrared 
studies. If a fresh surface is exposed to hydrogen at room 
temperature or cooled to —195° and evacuated, dissocia­
tive adsorption (type I) leads to two strong bands at 3490 
and 1710 cm-1 corresponding to OH and ZnH species. If 
gaseous hydrogen is present at a pressure of about 100 mm 
when the sample is cooled to -195°, a new band is evident

4 0 0 0  cm 1 3900 3500 cm -' 3 4 0 0  
—i r~

1700 170 0  cm-1 1600 
-|------------1---

Figure 4. Spectra of dissociative and molecular hydrogen on 
zinc oxide. The numbers represent times in minutes after admis­
sion of a 0.1 cc dose of nitrogen.

Figure 5. Spectra of dissociative hydrogen and molecular nitro­
gen on zinc oxide. The right side gives the stable nitrogen spec­
trum (in hydrogen gas) as a function of nitrogen dose size. 
Spectra for OH and ZnH represent changing spectrum after the 
second 0.1 cc dose of nitrogen and numbers represent times in 
minutes after admission of the second dose.

at 4019 c m 1. This new band, shown on the left side of 
Figure 4 (labeled 0), is assigned to molecular hydrogen. 
When this new band is present, bands due to dissociated 
hydrogen shift to 3500 and 1700 cm -1. After brief evacua­
tion at -195°, the molecular band disappears, and the 
bands for dissociative hydrogen shift in position by about 
10 cm 1 (OH down and ZnH up) but there is no large 
change in their intensities. When nitrogen is admitted to 
the sample in the presence or absence of hydrogen, a band 
appears at 2337 cm- 1 which is assigned to molecular ni­
trogen. Such bands are shown on the right side of Figure 5 
as a function of cumulative dose size. From our isotherms, 
the parameters of the system, and the monolayer capacity 
of the sample (~ 2  cc) we estimate that all of the first two 
doses are adsorbed and, after the third dose, the sample 
contains about 1 to 1.5 cc of adsorbed nitrogen. Since the 
band is very close to the maximum intensity after the ini­
tial dose, it appears that it is primarily the species formed 
in the initial dose that gives rise to the observed ir spec­
trum and the later doses simply saturate this limited
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number of sites. Thus, the number of sites assayed by the 
ir spectrum corresponds to 10 to 15% of the surface in fair 
agreement with the estimates based on isotherms and 
heats of adsorption. We have also searched for bands ac­
companying oxygen adsorption, both in the presence and 
absence of hydrogen, but have failed to see such bands. 
Thus, there is no ir detectable species due to interaction 
of oxygen with special sites, as found with nitrogen; this is 
consistent with heat and isotherm data which suggest that 
there is no special interaction of oxygen with those sites 
that interact strongly with nitrogen.

Molecular nitrogen is more firmly bound than molecu­
lar hydrogen; the initial heat for nitrogen adsorption is 
over twice that for hydrogen (2.2 kcal). In line with this 
the band for molecular nitrogen persists after brief evac­
uation at —195° whereas that for hydrogen disappears. 
Since the amounts of ir active hydrogen and nitrogen are 
comparable, it seems reasonable to suppose that the spe­
cial sites for hydrogen and nitrogen may be identical. If 
this is so, the more tightly held nitrogen might be expect­
ed to displace hydrogen from these binding sites, and we 
could effect a titration of the hydrogen band by the addi­
tion of nitrogen. Constraints imposed by the system re­
quire that hydrogen gas be present in order for the band 
to present; hence, we carried out the titration by admit­
ting small doses of nitrogen to a cell containing hydrogen 
and observing the changes that occurred as the nitrogen 
diffuses to the sample. After admission of a nitrogen dose, 
about 45 min were required for a stable spectrum to be 
achieved. At this point we assumed that diffusion and ad­
sorption of nitrogen was complete. The left-hand side of 
Figure 4 shows the hydrogen molecular band 0, 14, and 26 
min after admission of a 0.1 cc dose of nitrogen. The hy­
drogen band obviously decreased with time and this de­
crease was accompanied by a parallel increase with time 
in tjje molecular nitrogen band. After addition of another 
0.1 cc dose of nitrogen and achievement of a stable spec­
trum, no band due to molecular hydrogen was observed. 
Furthermore, at this point further doses of nitrogen did 
not substantially enhance the band intensity for molecu­
lar nitrogen. Thus, the titration, modified as required by 
the system, suggests that the more strongly bound nitro­
gen does, indeed, displace the weakly bound hydrogen 
from sites corresponding to about 10% of the Vm value for 
the surface. Back titration, that is, addition of nitrogen 
followed by addition of hydrogen and observation of the 
hydrogen band, suggested a higher titer; about 0.3 cc of 
nitrogen (15% of the Vm) was required to block the sites 
for ir active molecular hydrogen.

Isotherms and heat data suggest that oxygen adsorption 
is nonspecific. If we attempt to titrate the ir active hydro­
gen with 0.1 cc doses of oxygen, we find addition of the 
first few doses of oxygen has little effect on the hydrogen 
band. Only when the cumulative oxygen dose approaches 
the equivalent of a monolayer (corresponding to a cover­
age of about half a monolayer adsorbed with some residu­
al pressure) is there an obvious decrease in the hydrogen 
band. Thus, oxygen does not adsorb preferentially on 
those sites preferred by nitrogen and hydrogen. The heat 
of oxygen adsorption is, however, greater than that found 
for hydrogen; hence, for large enough doses, even the non­
specific oxygen adsorption will block out the special sites 
for type III hydrogen adsorption.

It was shown earlier1 that water adsorbs strongly and 
selectively (presumably on the pair sites) and eliminates

TABLE I: Positions cm 1 of Dissociatively Adsorbed 
Hydrogen Bands

Bands/
other

species None Nitrogen a n 2 Hydrogen AHa

ZnH 1710 1688 -2 2 1700 -1 0
OH 3490 3512 +  22 3500 +  10
ZnD 1232 1215 -1 7 1225 - 7
OD 2580 2600 +  20 2590 +  10

type I adsorption. We have also made a qualitative study 
of the simultaneous effect of water chemisorption on the 
molecular nitrogen bands as well as both type I and type 
III hydrogen bands. Adsorption of water reduces the in­
tensity of all three bands to very low, near zero, values, 
and stepwise desorption of water results in stepwise resto­
ration of the bands to their initial intensities. These ob­
servations suggest that both molecular hydrogen and mo­
lecular nitrogen occur at the same sites as the dissociative 
type I chemisorption. It is of particular interest to note 
that whereas the molecular species compete with each 
other for these sites, the dissociative adsorption of hydro­
gen does not noticeably inhibit either form of molecular 
adsorption.

Further information on these sites is obtained by exam­
ination of the effect of doses of nitrogen on the OH and 
ZnH bands. Figure 4 shows the changes with time of these 
spectra after the admission of a 0.1 cc dose of nitrogen to 
the cell containing gaseous hydrogen. Initially, the OH 
and ZnH band positions (labeled 0) are at 3500 and 1700 
cm-1 , respectively. After admission of nitrogen, both 
bands split. One component of each band stays at the 
original position; the new component occurs at higher and 
lower frequencies for OH and ZnH, respectively. As more 
of the nitrogen dose diffuses to and adsorbs on the sample, 
the component at the original position decreases in inten­
sity and the new component increases in intensity. These 
changes occur in step; the new component for the OH 
band grows at a rate parallelling the growth rate for the 
new component of the ZnH band and the old components 
diminish at parallel rates. When a steady spectrum is 
achieved, the relative intensities of the new component 
and old component are comparable for both the ZnH and 
OH bands. Addition of a second 0.1 cc dose results in 
complete shifting of these bands (Figure 5). Since the 
ZnH and OH surface species appear to be adjacent, these 
results imply the following. Special sites for nitrogen are 
at or near those for the type I hydrogen. Adsorption of a 
small amount of nitrogen on these sites causes a shift in 
the bands for ZnH and OH species adjacent to the ad­
sorbed nitrogen, but leaves the bands for the ZnH and OH 
species remote from these nitrogen sites unaffected. When 
the nitrogen is insufficient to saturate the sites, the ZnH 
and OH bands are split; addition of sufficient nitrogen to 
saturate the special sites results in formation of ZnH and 
OH bands at the shifted position.

Previous data suggest that molecular hydrogen also ad­
sorbs on these same sites; hence, we would expect to find 
a shift in OH and ZnH bands due to molecular hydrogen 
adsorption. Such shifts are observed but they are smaller 
than those observed with molecular nitrogen. Accordingly, 
one does not see the sequence wherein a new shifted band 
appears at the expense of the initial unshifted band, in­
stead an overall shift is observed with the OH band shift­
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ed up and the ZnH band shifted down similar to the ef­
fect observed with molecular nitrogen. We have deter­
mined shifts not only for the ZnH and OH bands but also 
for the ZnD and OD bands. The shifts are summarized in 
Table I. Shifts are also observed when oxygen is adsorbed. 
These shifts, similar in magnitude to those with molecular 
hydrogen, are apparent only when the coverage approach­
es a monolayer; hence, on this basis also oxygen adsorp­
tion appears to be nonspecific.

Discussion
Interactions of oxygen and nitrogen with the pair sites 

on zinc oxide are dramatically different. We cannot as­
cribe these differences to polarization effects alone since 
the polarizability of oxygen and nitrogen are compara­
ble.13 Drain,11 however, has also noted that oxygen and 
nitrogen often show different adsorption characteristics on 
ionic solids. He attributes these differences to quadrupole 
effects. (The quadrupole moment of nitrogen is at least 
three times that of oxygen.13) In support of this view­
point, his estimates indicate that quadrupole interactions 
of adsorbed nitrogen on the 001 surface of KC1 add as 
much as 1 kcal to the heat of adsorption. For ions with 
greater charge, the field gradient and, hence, the quadru­
pole contribution could be even greater. Indeed, in a sub­
sequent study, Drain and Morrison12 found that, on tita­
nium dioxide, the initial heat of nitrogen was 6.0 kcal 
compared to 4.0 kcal for oxygen. Such quadrupole effects 
may be the reason for the specific adsorption of nitrogen 
and the appearance of the infrared band. Since the energy 
involved in quadrupole interaction depends on the field 
gradient, this interpretation suggests that the specific 
sites for nitrogen adsorption have a rather high effective 
field gradient.

If, indeed, the special sites for nitrogen adsorption have 
a high electric field gradient, nitrogen on these sites would 
have an induced dipole moment. Such an induced dipole 
moment could lead to our observation of the vibrational 
transition normally forbidden in the gas-phase ir. This 
viewpoint, however, does not offer a ready explanation for 
the fact that the observed frequency (2337 cm-1 ) is virtu­
ally identical with that for gaseous nitrogen14 (2335 
cm-1 ). In other cases where a specific interaction has led 
to the appearance of a molecular nitrogen band,15-16 one 
finds the frequency is also shifted down by about 100 
cm-1 , suggesting that a strong bond to the surface re­
quires some reduction in the force constant for the vibra­
tion. Let us consider, however, the stretching vibrations 
for the one-dimensional molecule, S-N-N, wherein S rep­
resents a surface atom of infinite mass and k' and k rep­
resent force constants for the SN and NN bond. Provided 
k' is much less than k, the observed frequencies are given 
by

, 2k , k! k' k'2

m 2 m 2 m 8 km
where m is the mass of a nitrogen atom. The first term in­
volves primarily the N-N vibration whereas the second 
term involves primarily the S-N vibration. From these ex­
pressions it is clear that if k were not reduced by adsorp­
tion, the high-frequency vibration would be higher than 
the frequency for the free molecule; hence, the appearance 
of the nitrogen band unshifted implies some reduction in 
k did, in fact, occur when the bond to the surface was 
made.

The effect of molecular hydrogen and nitrogen adsorp­
tion on the ZnH and OH bands can be rationalized on the 
basis of coupling effects. We can picture this adsorption 
schematically as follows

H H
| H X2 y E

Zn— O + X2 -*■ ¿n— O'
If X 2 interacts with both hydrogen atoms, this may intro­
duce or increase coupling between these vibrations. Let us 
assume that the potential energy for OH and ZnH 
stretching in the absence of X 2 is represented by

V  =  +  !&2« 22

where k and a are stretching force constants and displace­
ments from equilibrium and subscripts 1 and 2 designate 
OH and ZnH, respectively. When X 2 is present, we shall 
assume coupling adds the term fcaia2 to the potential 
where k depends on the nature of X 2. The new observed 
frequencies, for small k, are given by

w2 =  ojj2 +  (fe/m)2/(w 12 — o>22)

and
u)2 =  o>22 — (k /  m)2 /  (a*]2 — a>22)

where coi and u>2 are the unshifted OH and ZnH frequen­
cies. In other words the effect of such coupling is to shift 
the OH frequency up and the ZnH frequency down. Qual­
itatively, this is observed; hence, coupling again offers a 
reasonable interpretation of the observed effects. Quanti­
tatively, the relative magnitudes of the sififts for OH com­
pared to ZnH and OD compared to ZnD do not conform 
to the above formulae, but this may be expecting too 
much of a grossly oversimplified model. In any case it 
seems clear that the molecular species are selectively 
bound at or very near the same sites that dissociatively 
adsorb hydrogen.

If the pair site does consist of a zinc oxygen pair with 
their normal spacing, the distance between the two ions is 
about 2.0 A. Dissociative adsorption of hydrogen on these 
sites plus molecular adsorption must result in steric 
crowding. (This must be even more severe for adsorption 
of molecular nitrogen.) We shall not attempt to speculate 
on the configuration of such a molecular-dissociative hy­
drogen complex but we do wish to emphasize that the evi­
dence for such a complex seems very good. This complex 
could very well provide a pathway for hydrogen-deuteri­
um exchange via a Rideal-Eley17 mechanism wherein a 
weakly adsorbed molecular species reacts with the ad­
sorbed dissociative species. Such a pathway has been sug­
gested for zinc oxide.18 We currently have a study under­
way to see if the ir active molecular species can be the in­
termediate in the exchange reaction.
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Electron Spin Resonance Spectra of Sulfanyl Radicals in Solution1

J. R. Morton and K. F. Preston*

D iv is io n  o f  C h e m is t r y ,  N a t io n a l  R e s e a r c h  C o u n c i l  C a n a d a ,  O tta w a ,  C a n a d a  ( R e c e iv e d  M a r c h  2 2 , 1 9 7 3 )  

P u b l ic a t io n  c o s ts  a s s is te d  b y  th e  N a t io n a l  R e s e a r c h  C o u n c i l  C a n a d a

Radicals of the type (RfO^S and (RfO)2SF, where Rf = CF3, SF5, have been detected during the pho­
tolysis of hypofluorites and peroxides containing dissolved OCS, F2SS, CS2, CI2CS, or F2CS. The esr 
spectra of these radicals are interpreted in terms of a T-shaped structure (C2u symmetry) and a 2Ai 
ground state.

Introduction
In recent investigations2 we were able to detect para­

magnetic intermediates resulting from the addition of oxyl 
radicals (e . g S F 5 O ,  C F 3 O )  and fluorine atoms to com­
pounds of tetravalent sulfur ( S F * ,  S O F 2t and S 0 2 ) .  Our 
success in observing radicals of the type S F 5 ,  F 3 S O ,  and 
F S 0 2 , arising from valence-shell expansion of sulfur, 
prompted us to search for S F 3 and related molecules, 
hitherto undetected spectroscopically, in the reactions of 
divalent sulfur compounds. We report here the results of a 
study of the reactions of oxyl radicals and F atoms with 
compounds containing the = S  function which has led to 
the detection of intermediates of the type (RfOjsS and 
( R f O ) 2 S F  (sulfanyl radicals).

Results
Esr spectra were recorded during the uv photolyses of 

liquid hypofluorites C F 3 O F  and S F 5 O F  containing small 
amounts of dissolved O C S ,  C S 2 , S S F 2 , C 12 C S ,  or F 2C S .  

Attention was confined to the early stages of photolysis in 
order to minimize contributions from S F 5  derivatives2 
which complicated the spectra observed after long expo­
sures. The O C S  system was studied more extensively than 
the others, and it was found that certain of the species to 
be described could be generated by photolysis of O C S  dis­
solved in the peroxide ( C F 3 O O C F 3  or S F 5 O O S F 5 )  without 
the complication of the aforementioned S F 5  derivatives.

In the case of CF3O attack on OCS two radicals (A and
B) were observed in the g = 2 region of the spectrum (Fig­
ure 1). The ratio of their integrated intensities [A]/[B]

was independent of the light intensity, being approxi­
mately 3:1 at -120° and increasing to approximately 10:1 
at —50°. The spectra of both radicals saturated at micro- 
wave power levels in excess of 2 mW, and both spectra re­
vealed hyperfine interactions with several 19F (I = %) nu­
clei. Radical B (g = 2.0088) had hyperfine interactions 
with six equivalent 19F nuclei (1.09 G), whereas in the 
case of radical A (g — 2.0060) six 19F nuclei had 1.38-G 
interactions, and another three had 0.27-G interactions. 
Synthesis of OCS enriched in 13C (I = V2) to 93% yielded 
no discernible 13C hyperfine structure in the spectrum of 
radical A, but a 7.35-G 13C interaction in radical B. In ad­
dition, both A and B were shown to contain a sulfur atom 
by the detection, using OCS enriched with 33S ( / = 3/2), of 
33S hyperfine structure (033 = 59.9 and 42.2 G in radicals 
A and B, respectively).

Photolysis of CF3OF containing dissolved SSF2, C12CS, 
or CS2 yielded a spectrum identical with that of radical A 
within the accuracy of the measurements. Radical B, on 
the other hand, possessing a carbon atom originating with 
the OCS molecule, was demonstrably unique to the OCS 
system.

An exactly analogous situation arose when SF5OF was 
used. With OCS, two species (A' and B ') were detected, 
having g factors of 2.0059 (A') and 2.0090 (B '). Experi­
ments with 13C-enriched OCS proved B' to be the 
exact analog of B, both having 13C hyperfine interactions 
of 7.35 G. Both A' and B' had resolvable hyperfine inter­
actions with eight 19F nuclei, the hyperfine constants 
being 1.49 (A') and 1.20 G (B')- Photolysis of SF5OF con-
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TABLE I: Summary of Data on Radicals Detected in Present Study

C F 3O F s f 5o f

OCS A g =  2 .0060 “ A ' g =  2.0059
(C F 30 ) 3S a 19 ( 6 ) =  1 .38* 

a 19 (3) =  0.27 
833(1  ) =  59.9

(S F50 ) 3S a 19(8) =  1.49

B g =  2.0088 B ' g =  2.0090
(C F 30 ) 2S C (0 )0 C F 3 a 19(6) =  1.09 (S F50 ) 2S C (0 )0 S F 5 a i9 (8) =  1 .20

or
(C F 30 ) 2S C (0 )F

a 13(1) =  7.35 
a 33(1) =  42 .2

or
(S F 50 ) 2S C (0 )F

a 13(1 ) =  7.35

s s f 2 11 A g =  2.0059 A ' g =  2.0058

scs
c i2c s ‘

r (C F 30 ) 3S a 19( 6) =  1.40 
a-i9 (3) =  0.25

(S F 50 ) 3S a 19(8 ) =  1.50

f 2c s C g =  2.0074 c g =  2.0076

(C F 30 ) 2SF a 19(6) =  1.93 
a 19(1) =  6.96

(S F 50 ) 2SF a 19(8) =  2 .28
a ,9(1 ) =  6 . 1 6

“ g  facto rs  a re  a c c u ra te  to ± 0 .0 0 0 1 .  6 F igures in paren theses  indicate  num ber of equiva len t nuclei with given hyperfine in teraction  (quoted in G auss, 
± 0 .0 5 ) .

I_________I
2 .5  G

Figure 1. Esr spectra of (CF30 )3S (A) and (CF30)2SC(0 )X (B) 
in a solution of OCS in CF3OOCF3 photolyzed at -120°.

ta m in g  d isso lv e d  S S F 2, C12C S , or C S 2 y ie ld e d  a sp e c tru m  
id e n tic a l w ith  th a t  o f  A', w ith in  e x p e r im e n ta l error.

P h o to ly s is  o f so lu tio n s  o f  F 2C S  in th e  tw o  h y p o flu o r ite s  
ga ve  re su lts  in  m a rk ed  c o n tra st to  th o se  d esc rib e d  ab ove  
for th e  o th er  so lu tes . In s te a d  o f th e  e x p e c te d  ra d ica ls  A  
an d  A ' w e o b served  tw o  n ew  sp ec ies , C  (F igu re  2 ) a n d  C ',  
b o th  sh o w in g  h y p e rfin e  in tera ctio n s w ith  a sin g le  19F  n u ­
cleu s (6 .9 6  G  in  C , o b ta in e d  w ith  C F 3O F ; 6 .1 6  G  in C ' ,  
o b ta in e d  w ith  S F 5O F ) a n d  e ith er six  ( C )  or e ig h t ( O ')  
e q u iv a le n t 19F  n u c le i. T h is  u n e x p e c te d  re su lt su g g e ste d  
th e  occu rren ce o f a “ d a rk ”  (i.e., b efo re  p h o to ly sis )  re a c ­
tio n  b e tw ee n  F 2C S  a n d  th e  h y p o flu o r ite s . T o  exp lore  fu r ­
th e r  th is  p o ss ib ility  F 2C S  (2 0  /xl) w as d isso lv e d  in  C F 3O F  
(2 0 0  Ml) a n d  allow ed  to  s ta n d  for 0 .5  hr a t  - 9 6 ° ,  after  
w h ich  th e  C F 3O F  w a s p u m p e d  o ff  a n d  re p la ce d  b y  e ith er  
C F 3O O C F 3 or S F 5O O S F 5 . P h o to ly sis  o f  th e  re su ltin g  so lu ­
tio n s gave rise to  th e  sp e c tra  o f  C  or C ' ,  re sp ec tiv e ly . 
T h e s e  ra d ica ls  c o u ld  n o t b e  d e te c te d , h ow ever, d u rin g  th e  
p h o to ly se s  o f  th e  p ero x id es  co n ta in in g  u n tre a te d  F 2C S .  
W e  co n clu d e  th a t  C  a n d  C '  p ro b a b ly  arise fro m  th e  reac-

9 = 2 .0 0 7 4

5 G
Figure 2. Esr spectrum of (CF30 )2SF (radical C) in a solution of 
F2CS in CF3OF photolyzed at -100°.

tio n  o f o x y l ra d ic a ls  w ith  a precu rsor o f  th e  ty p e  R f S F  
gen era ted  b y  a th e r m a l re a ctio n  b e tw ee n  F 2C S  a n d  th e  
h y p o flu o r ite s , b u t  w e h av e  n o t p o sit iv e ly  id e n tifie d  th is  
in te r m e d ia te .

E sr  d a ta  on  a ll th e  ra d ica ls  m e n tio n e d  a b o v e  are c o l­
lec te d  in T a b le  I.

Identification and Structure of Radicals
Radicals A and A'. T h e  ra d ic a ls  A  a n d  A '  are b e ­

liev ed  to  b e  S ( O R f ) 3 , w ith  R f =  C F 3 a n d  S F 5 , re sp e c tiv e ­
ly . T h e s e  sp ec ies  are fo rm e d  in fo u r  o f  th e  five  sy s te m s  
stu d ie d , a n d  th e ir  p a r a m e te rs  are v ir tu a lly  in d e p e n d e n t o f  
th e in itia l re a c ta n t, in d ic a tin g  th a t  th e  la tte r  c o n tr ib u te s  
to  th e  ra d ic a l o n ly  its  cen tra l su lfu r a to m . T h e  v a lu e  (5 9 .9
G )  o f  th e  33S  h y p erfin e  in tera ctio n  in  ra d ic a l A , to g e th e r  
w ith  th e  a b sen c e  o f  a n y  d e te c ta b le  13C  h y p e rfin e  in te r a c ­
tio n , in d ic a te s  th a t  A  an d  A' are su lfu r -c e n te r e d  ra d ic a ls .
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Spectra of Sulfanyl Radicals in Solution

Figure 3. The 3a, orbital of Cl F3.

The presence of nine 19F nuclei, six of one kind, three of 
another, leads us to identify A as (CFaOHS. By analogy 
with A, we identify A ' as (SFgOHS in which only two of 
the three S F 5 O  ligands give rise to resolvable hyperfine 
structure, in each case that of four equivalent 19F nuclei. 
Our inability to determine the hyperfine interactions of 
the four equivalent 19F nuclei of the unique ligand is 
probably because the two remaining 19F nuclei on the 
equivalent ligands have small hyperfine interactions 
which vitiate adequate resolution of the spectrum.

The prototype radical S F 3  possesses one less electron 
than the molecule C I F 3 ,  and the nonequivalence of the 
three ligands in (CF30)3S and (SFsOHS led us to suspect 
that their structure was similar to that of C I F 3 ,  which is a 
slightly distorted T-shaped molecule.3 A molecular orbital 
description of C I F 3  has been given by Brown and Peel.4 
Its ground state is . . . lb i23ai2, 7Ai (symmetry C20).5 
The 3ai orbital (Figure 3) should be a reasonable model on 
which to base a description of the orbital of the unpaired 
electron in S F 3  and radicals derived from it, although the 
proximity of the lb i orbital makes this assumption some­
what tentative. The dominant contributors to 3aj are 2pv 
atomic orbitals on F2 and F3 (37.5% each), followed by sul­
fur 3p2 (12.8%) and 3s (8.8%). The unique fluorine’s 2p2 
orbital contributes to the extent of only 3.4%. Several as­
pects of our data on radicals derived from S F 3  can be ex­
plained on the assumption that the unpaired electron in 
these radicals occupies an orbital similar to the 3ai orbital 
of C I F 3 .  For example, assuming free rotation about the S -0  
bonds, C2i; symmetry dictates that two of the C F 30  ligands 
in ( C F 3 0 ) 3 S  be equivalent and different from the third. 
Moreover, spin polarization in the bonds of the equivalent 
ligands would be expected to be greater than in those of 
the unique ligand, giving rise to a larger hyperfine inter­
action for the six equivalent 19F nuclei than for the three 
19F nuclei on the unique ligand.

The 33S hyperfine interaction in radical A was found to 
be 59.9 G. Comparison of this figure with that6 for (87t/  

969 G, indicates a net 6.2% contribution 
by the 3s orbital of sulfur to the orbital of the unpaired 
electron. According to Brown and Peel’s data,4 their 3aj 
orbital requires an 8.8% sulfur. 3s contribution, and our

2647

estimate of 6.2% is therefore entirely reasonable, and rather 
larger than one would have anticipated for a 2Bi ground 
state.

Quite recently Subramanian and Rogers7 presented 
data on the esr spectrum of AsF3_ detected after 7 -irra­
diation of glassy pellets of ASF3. Since AsF3~ is a radical 
isoelectronic with SF3, except for the substitution of a 
third-row for a second-row central atom, it is of interest to 
compare our data and conclusions with those of Subra­
manian and Rogers. Two of the three 19F nuclei in AsF3~ 
have isotropic hyperfine interactions of 33 G, the third 12 
G, thus establishing that this radical also possessed C2V 
rather than C3u or Dzn symmetry. The isotropic 75As (/ = 
%) hyperfine interaction is 196 G, and according to data 
obtained from Froese’s wave function,6 this represents a 
contribution of 196/3393, or 5.8%, by the arsenic 4s orbital 
to the orbital occupied by the unpaired electron. It is 
gratifying to compare this figure with our estimated 6.2% 
sulfur 3s contribution in the case of (CF30)3S. However, 
their analysis of the anisotropic contributions to the 19F 
and 75As hyperfine structure and a somewhat contrived 
analogy with the P F 4  radical8 led Subramanian and Rog­
ers to assign a 2Bi ground state to AsF3 - .

A positive deviation of the g factor from the free-spin 
value can also be explained with the aid of Brown and 
Peel’s term scheme, according to which S F 3  and its deriv­
atives would have the ground-state configuration 
. . .  lb i23ai1, 2Ai. The separation between the ground state 
and a low-lying . .. lb i13ai2, 2Bi state5 is predicted to be 
AE 12,000 cm-1 , and since this state is connected via
spin-orbit interaction to the ground state by rotation 
about the y  axis a positive value for Agyy would be antici­
pated. (Significant g shifts are not, however, expected for 
the other principal axes.) More precisely, since the lbi or­
bital is a pure central-atom 3p* orbital, the expression for 
A gyy has the particularly simple form9

A gyy = 2pfs/A E

where p is the central-atom 3p2 contribution to the 3ai 
molecular orbital (0.128), and fs is the spin-orbit interac­
tion constant for sulfur (—380 cm-1 ).10 The isotropic g 
shift, one-third of Agyy, can hence be estimated as 0.003, 
in reasonable agreement with the observed values (Table
I ) .

Radicals B and B'. When O C S  was dissolved in C F 3 O F  

or C F 3 O O C F 3  and photolyzed at - 100° ,  a second radical
(B) was observed; similarly, O C S  photolyzed in S F 5 O F  or 
S F 5 O O S F 5  revealed the presence of a second species (B'). 
By contrast with A and A', which were formed with four 
of the five reagents, radicals B and B' were peculiar to 
O C S .  Experiments with enriched O C S  confirmed this 
view. It was established that B and B' possessed not only 
a sulfur atom and (at least) two O R f  ligands, but also a 
carbon atom originating with the O C S  molecule. Since 
the 13C hyperfine interaction (in both cases 7.35 G) was 
too small to permit the possibility that they were derived 
from the prototype C F 3  (ai3 = 271.3 G),11 we were forced 
to conclude that B and B' were sulfur-centered species, 
also related to S F 3 ,  and probably ( R f O ) 2 S C ( 0 ) X ,  where X 
is either F or O R f . Another possibility, ( R f O ) 3 S = C O ,  was 
discounted after comparison of the g factors and 33S hy­
perfine interaction of B with those2 of F3S = 0 .

The Radicals C and C'. These radicals are formed when 
solutions of F 2 C S  in C F 3 O F  or S F 5 O F ,  respectively, are 
photolyzed. It has been established that a dark reaction
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occurs between F2CS and the hypofluorite, with the prob­
able formation of a sulfenyl fluoride RfSF, and that C and 
C' are formed by subsequent oxyl radical attack on the in­
termediate. Elimination of reasonable alternatives has led 
us to identify C and C' as (CF30 )2SF and (SF5O 2SF, re­
spectively. The presence of a central sulfur atom, al­
though not detected spectroscopically, can be inferred 
since the alternative is a central carbon atom. In this case 
the radicals would be derived from the prototype CF3, an 
untenable proposition when the hyperfine interaction of 
their unique 19F nuclei is compared with those of CF3 
(145 G).11

Origin of the Species
The production of sulfanyl radicals from photochemical 

reactions of = S  compounds with peroxides or hypofluo- 
rites is clearly a complex process comprising a number of 
consecutive free-radical reactions. We hesitate, in the ab­
sence of kinetic data, to propose a formal mechanism and 
will restrict discussion of the chemistry of radical forma­
tion at this time to a few comments based on our esr ob­
servations. An added complexity in the case of reaction 
with hypofluorites is the possibility of a “ dark” reaction 
preceding photolysis, as observed in this work with F2CS 
and by Bailey and Cady12 with CI2CS and OCS. Thermal 
reaction between OCS and CF3OF was only detectable12 
at elevated temperatures, however, so that under our ex­
perimental conditions the radicals B and B' undoubtedly 
arise through successive additions of photochemically gen­
erated oxyl radicals to OCS. CF30SC(0 )0 CF3, tentative­
ly identified12 as a product of the thermal reaction, may 
well be an intermediate in the sequence of reactions lead­
ing to B. It would appear that the initial attack of an oxyl 
radical on OCS does not result in significant S-C bond 
rupture, since the complete absence of the radical 
(CFsOhSF (C) during CF3OF-OCS photolyses dictates 
against the participation of free CF3OS radicals. (Unless, 
by chance, the latter are unreactive toward hypofluorite.) 
A, then, is probably a product of the same reaction se­
quence which leads to B and may even arise via the de- 
carbonylation of B. The very low yield of radicals 
(CF30 )nSF3_n, where n = 0-2, from the photolysis of 
CF3OF-OCS mixtures suggests that F atom attack on 
OCS results in SF formation and that SF and SF2 are 
rapidly fluorinated by CF3OF. Clearly, to obtain good 
yields of such sulfanyl radicals it is necessary to com­
mence with compounds already containing the S-F bonds. 
In this connection it is interesting to note the great differ­
ence in behavior between F2CS and CI2CS when they are 
mixed with CF3OF and subjected to photolysis. Thermal 
reactions occur in both cases prior to photolysis leading to 
a sulfenyl fluoride {vide supra) with F2CS, but to a thio- 
peroxide compound CF3OSCFCl2 in the case of C12CS.12 In 
the ensuing photolyses alkoxyl radical attack on these 
“ dark” reaction products evidently determines the type of

radical observed, viz., C, containing the original S-F bond 
of the sulfenyl fluoride, in the former case and A in the 
latter case.

Experimental Section
Trifluoromethyl hypofluorite was obtained from K & K 

Laboratories, Plainview, N. Y., and the peroxide 
CF3OOCF3 from PCR Inc., Gainesville, Fla. Pentafluo- 
rosulfur hypofluorite, SF5OF, was prepared from thionyl 
fluoride and fluorine, using a CsF catalyst,13 and 
SF5OOSF5 was prepared by photolysis of the hypofluo­
rite.14 Carbonyl sulfide was obtained from Matheson Inc., 
and carbonyl sulfide enriched with the isotopes 13C or 33S 
was prepared by heating 93% 13CO (Merck Sharp and 
Dohme) with sulfur or by heating 50% 33S (Oak Ridge 
National Laboratory) in CO. Disulfur difluoride SSF2 was 
prepared15 by fluorination of S2CI2 with KSO2F, and 
SCF2 was prepared by pyrolysis of the dimer.16 Thiophos- 
gene CI2CS was obtained from PCR Inc., Gainesville, Fla.

The samples were photolyzed with a Schoeffel 1000-W 
H g/Xe lamp, using two quartz lenses to condense the 
image of the arc onto the sample. The esr spectra were 
obtained with a Varían E-12 spectrometer equipped with 
an accessory for operation at low temperatures. The mag­
netic field was measured with a Varían F-8A fluxmeter, 
and the microwave frequency was obtained with the aid of 
a Hewlett-Packard 540B transfer oscillator.

Caution. Numerous explosions occurred during the course 
of this work, particularly with the hypofluorite SF5OF above 
-80°. For this reason the quantity of (liquid) sulfide never 
exceeded 25 /il, and we allowed the solution (typically 200 
H 1 total volume) to warm up from -196° to operating tem­
perature (typically between -8 0  and - 120°) in an ar­
mored box. In spite of these precautions, occasional deto­
nations occurred in the microwave cavity, resulting in ex­
tensive damage to the equipment.
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Hydrogen Bonding to the Nitrobenzene Anion Radical 2649

Equilibrium Studies by Electron Spin Resonance. V. The Role
of the Cation in Hydrogen Bonding to the Nitrobenzene Anion Radical

Luis Echegoyen, Hector Hidalgo, and Gerald R. Stevenson*

D e p a r tm e n t  o f  C h e m is t r y ,  U n iv e r s i t y  o f  P u e r to  R ic o ,  R io  P ie d ra s ,  P u e r to  R ic o  0 0 9 3 1  ( R e c e iv e d  J u n e  13, 1 9 7 3 )  

P u b l ic a t io n  c o s ts  a s s is te d  b y  th e  U n iv e r s i t y  o f  P u e r to  R ic o

The alkali metal cation was found to have a pronounced effect upon the thermodynamics of the hydrogen 
bond exchange reaction between hydrogen bonded hexamethylphosphoramide (HMPA) and the nitro­
benzene anion radical. This effect was found to be due to the participation of the hydrogen-bonded 
HMPA in the solvation sheath of the cation. When ammonia is used as a proton donor, a similar interac­
tion was found to exist between the cation involved in ion pairing with the nitrobenzene anion radical 
and the hydrogen-bonded HMPA. This interaction leads to the formation of a hydrogen-bonded ion pair.

The nitrobenzene anion radical when formed by alkali 
metal reduction in hexamethylphosphoramide (HMPA) 
exists in two forms: the “ free”  ion (a) and the ion pair
(d). Both of these species can be observed simultaneously 
by esr, and the enthalpies controlling the ion pair disso­
ciation reaction are known (eq l ).1 -2

/? +=+ a +  M+ (1)

It has been previously reported that the addition of 
small amounts of water or alcohol to the system PI1NO2-  
HMPA-Li affords increases in the nitrogen coupling con­
stant for the formally “ free”  ion due to hydrogen bonding 
of the acidic proton of the alcohol with the nitro group of 
the PhN02 anion radical.3 However, no change in the ni­
trogen splitting for the ion pair (/?) was observed. These 
results were explained by eq 2, in which a hydrogen bond 
is formed with a. This hydrogen bonding increases the 
charge and spin density on the N 02 group, thus increasing 
the nitrogen isotropic coupling constant. The ion pair, 
however, is too tightly complexed with the cation to par­
ticipate in hydrogen bonding.

\ /  H— OR
\ !

N— P = 0
/

N
/  \

H— ORI

+  HMPA (2)

Due to the fact that the nitrogen splitting of the hydro­
gen-bonded ion (a') increases smoothly with the addition 
of hydrogen-bonding donor, it was concluded that equilib­
rium 2 was fast on the esr time scale, and that the ob­
served nitrogen coupling constant was the averaged cou­
pling constant (AN) for the hydrogen bonded ion (a') and 
the “ free” ion (a). This conclusion was supported by the 
fact that dramatic line width alternation was observed at 
lower temperatures ( - 10°), and by the fact that the con­
centration of the time-averaged species increased relative 
to that of (3 as the proton donor concentration was in­
creased.3

Utilizing time averaging equations, expression 3 was de­
veloped for the thermodynamic equilibrium constant for 
reaction 3.®

K eq =  (A n -  8.48)(HMPA)/(AN' -  A N)(HMPA') (3)

A n' is the coupling constant for the completely hydrogen- 
bonded ion, and 8.48 is the coupling constant for a.

To better understand the role that the counterion plays 
in hydrogen bonding to anions and to obtain valuable in­
formation as to the structure of hydrogen bonded anions, 
we wish to report the effect of the cation upon the 
thermodynamic parameters controlling equilibrium 2 and 
the formation of the first hydrogen-bonded ion pair.

Experimental Section

The nitrobenzene (Eastman Organic Chemicals) was 
vacuum distilled before use. The HMPA was distilled 
under reduced pressure from calcium hydride and stored 
over molecular sieves 4A. The HMPA was distilled from 
the solvated electron under high vacuum directly into the 
reaction vessel. Quantitative additions of methanol were 
added to the HMPA solutions containing the PhN02 
anion radical in the same manner as previously de­
scribed.3 The ammonia was carefully degassed by the 
freeze-thaw method and distilled from the solvated elec­
tron into an evacuated bulb for storage.

Quantitative additions of NH3 to the PhN02 anion rad­
ical solutions in HMPA were carried out with the use of a 
toepler pump connected with a gas buret. Ammonia was 
allowed to enter the calibrated gas buret under high vacu­
um (10-5 Torr). The number of moles of ammonia was 
then calculated using the ideal gas equation. Initial pres­
sures of NH3 in the gas buret were between 10 and 400 
Torr. This ammonia was then allowed to come in contact 
with the stirred HMPA solution of the PhN02 anion radi­
cal for a period of about 2 hr. The stopcock to the appara­
tus containing the HMPA solution was then closed and 
the remaining ammonia was toepled back into the gas 
buret. The difference between the initial and final num­
ber of moles of ammonia in the gas buret was taken as the 
number that had dissolved in the HMPA solution. The 
correction for the gaseous ammonia in the solution con­
taining apparatus was found to be negligible.

The esr system and the method used to form the anion 
radicals were identical with those previously described.1

Results and Discussion
Addition of small amounts of methanol or ammonia to 

the system PhN02-HMPA-Na or PhN02-HMPA-Li af­
fords an increase in the nitrogen coupling constant for the
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1 /RT

Figure 1. Modified van’t Hoff plot for the systems PhN02-  
HMPA-M + . For the Li system the numbers are given in paren­
theses and the plot is represented by □ . The line represented 
by O is for the Na system.

TABLE I: Thermodynamic Parameters Controlling 
Equilibrium 2 for the Systems

S ystem s
Ke q A H°, A S °,

at 2 5 ° k c a l/m o l eu

PhN02-H M P A -N a-C H 30H
PhN02-H M P A -L i-C H 30H
PhN02-HM PA-Na~NH3
PhN02-H M P A -L i-N H 3

2.0 ± 0 .5  -1 .9  ± 0 .4 *
3.5 ±  0.2 1.2 ± 0 .2 *

a 0C
9.0 ±  2C

-5 .1
1.6

“ Keq for the system s contain ing am m on ia  can not be d e term in ed  s ince  
it is unknow n how m any of the th ree  possible protons a re  in teracting  
with the P h N 0 2 anion rad ica l or with the  H M P A . b The m odified V an 't 
Hoff plots for these  system s are  shown in Figure 1. c A H °  for the system s  
with added am m o n ia  a re  taken  from  a plot of In | (A N -  8 .4 8 ) /  
(A n ' -  A N ) I  vs. 1/RT.

formally free ion due to hydrogen bonding of the acidic 
protons with the nitro group of the anion radical. How­
ever, for the methanol addition no change in the nitrogen 
splitting for the ion pair (/3) is observed. These results are 
essentially the same as previously reported,3 however, 
upon quantitative analysis there remains a striking differ­
ence.

Utilizing the previously described technique and eq 3,3 
the thermodynamic parameters controlling the hydrogen - 
bond exchange reaction (eq 2) were determined for the 
systems PI1NO2-HMPA-M+ with added methanol and 
ammonia as proton donors. The results are shown in 
T able !

From Figure 1 and Table I it is obvious that equilibri­
um 2 is very dependent upon the counterion. The same 
striking effect is observed for the systems containing

Figure 2. Esr spectra for the system PhN02-HM PA-Na. The 
lower spectrum is for the system containing 0.01 M NaCI03.

methanol and those containing ammonia. However, for 
the systems containing ammonia, the thermodynamics are 
complicated by other factors, which will be discussed 
later.

There are two possible simple explanations for this 
metal effect. Either a and/or a' are not completely free of 
interaction with the counterion, or the counterion is com- 
plexing with the HMPA and HMPA' that are involved in 
equilibrium 2. To check for the former possibility, sodium 
chlorate was added to the system PhN02-HMPA-Na. 
The addition of even 1 mg of NaC103 resulted in a dra­
matic increase in the ion pair to “ free” ion ratio (Figure
2), but even relatively large concentrations of added Na+ 
did not alter the nitrogen coupling constant for a (8.48 G). 
Further, the addition of dicyclohexyl-18-crown-6-ether 
(DCC) had no effect upon the coupling constants of either 
a, f3, or the time-averaged species. Both of these experi­
ments supported the original report that a is essentially 
free of interaction with the counterion.1

The fact that the coupling constants for ¡3, either A N or 
A Na, did not vary with the addition of DCC means that 
either the DCC cannot compete with the strongly cation 
solvating HMPA or that the ion pair of PhN02 remains 
intact even though the cation is complexed with the DCC. 
This latter explanation has been found to be the case for 
the tetracyanoethylene anion radical in dimethoxy- 
ethane,4 where the crown ether complexed the potassium 
cation in the ion pair, but the ion pair remained. For the 
case of PhNC>2 equilibrium 4 describes the process.

DCC +  Na+,PhN02-- ^  DCC, Na+, PhN02~ (4)

All of this indicates that the effect of the counterion 
upon the hydrogen bonding exchange equilibrium (eq 3) is 
due to the complexing of the counterion with the HMPA' 
and the HMPA that are involved in equilibrium 3. To ac­
count for this effect, eq 3 should be written to include this 
metal perturbation as shown in eq 5.

a ±  HMPA'(M+) a' ±  HMPA(M+) (5)
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Figure 3. First two lines of the esr spectra due to the ion pair in 
the system PhNC>2-HM PA-U . Top spectrum shows only the first 
two lines of the ion pair with Li. Middle shows spectrum 
after NaCI03 has been added, and an extra ine due to the ion 
pair with Na is observed. Bottom shows spectrum after metha­
nol has been added (0.3 M) to the same solution, and the line 
due to the ion pair with Na has practicaly disappeared. The line 
marked O is the first line of the hydrogen bonded ion, which is 
shifted over due to the added methanol. The arrows indicate the 
lines due to the sodium ion pair.

To confirm the fact that there is a strong interaction 
between the cation and the hydrogen-bonded HMPA, so­
dium chlorate was added to the system PhN02-HMPA-Li 
containing both a and /3. The esr spectrum of this result­
ing solution indicated the presence of the “ free” ion and 
two ion pairs. One of the ion pairs is due to the interac­
tion with the sodium cation and one is due to the interac­
tion with the lithium cation, Figure 3. Addition of metha­
nol (0.3 M) to this solution containing both ion pairs re­
sulted in the complete disappearance of the sodium ion 
paired species, Figure 3.

All of this leads us to conclude that a is free of interac­
tion with the counterion and that the HMPA' and HMPA 
that are involved in equilibrium 5 are complexed with the 
alkali metal cation. Similar dependence upon the cation 
is observed for the systems PhN02-HM PA-M + with 
added ammonia. For these systems, however, the nitrogen 
coupling constant for the ion pair does not remain con­
stant with addition of the ammonia. This indicates that 
the ammonia not only interacts with the “ free” ion, but 
also forms a hydrogen bond with the ion pair resulting in 
the formation of a hydrogen bonded ion pair (/?'). In fact 
the interaction of the ammonia with 8  is stronger than 
that with a as evidenced by the fact that the plot of the

hydrogen-bonded “ free” ion over the hydrogen-bonded ion 
pair concentration us. the NH3 concentration has a nega­
tive slope for the systems PhN02-HMPA-Li and -Na. 
This is in direct contrast with these same systems when 
methanol is acting as the hydrogen-bonding donor, where 
the slope is positive, and A N for the ion pair is indepen­
dent of the proton donor concentration.3 The only way a 
negative slope for this plot and the dependence of A N for 
the ion pair upon the NH3 concentration can be interpret­
ed is to assume an exothermic interaction between the 
NH3 and the ion pair to form the hydrogen-bonded ion 
pair (d')-

Small additions of NH3 to the PhN02-HM PA-M + sys­
tems results first in small increases in A N due to the ion 
pair. At about 0.3 M  NH3, A N decreases and reaches a 
minimum at about 0.6 M  NH3. It is interesting to note 
that A n at this minimum is less than that for the ion pair 
in pure HMPA. As the concentration of the ammonia fur­
ther increases A N increases to approach its value in pure 
ammonia (10.9 G at room temperature). These results are 
nicely explained by the formation of the hydrogen-bonded 
ion pair and gradual increasing of the hydrogen bonding 
and simultaneous receding of the cation. At very low con­
centrations of NH3 hydrogen bonding of the ion pair com­
pliments the cation in pulling charge and spin to the N 02 
group. With further increases in the NH3 concentration, 
the cation becomes displaced by the ammonia and a de­
crease in A n is noted. As the cation migrates further from 
the electronegative center, it is replaced by stronger inter­
actions with the ammonia, and A N again increases. Equa­
tion 6 accounts for the formation of the hydrogen bonded 
ion pair.

¡3 +  HMPA' /3' + HMPA (6)

It has been previously reported that at lower tempera­
tures and/or at higher concentrations of proton donor, the 
time-averaged spectra of a and a' exhibit line width alter­
nation.5 If eq 7 is valid, line width alternation of the ion 
pair spectra is expected at higher concentrations of am­
monia. This is exactly what is observed experimentally. 
At higher concentrations of ammonia and/or lower tem­
peratures, pronounced line width alternation of the esr 
spectra due to the ion pair is observed. This is due to the 
rapid formation and breaking of the hydrogen bond to the 
ion pair.

Further additions of ammonia lead to further increases 
in the concentration of /?' and the loss of a defectible con­
centration of a'. At very high concentrations of NH3 (ca. 
0.9 M), the line width alternation becomes less evident 
due to the displacement of equilibrium 6 far to the right. 
At the same time, the metal splitting for the sodium cat­
ion falls to zero. At 100% ammonia a single anion remains 
due to a strongly hydrogen-bonded PhN02 anion radical, 
which exhibits weak line width alternation as previously 
reported.1’5 It is interesting to note that this radical in 
100% NH3 results from the ion paired species in HMPA as 
ammonia is added.

The lack of formation of the hydrogen-bonded ion pairs 
from alcohol or water proton donors, despite the fact that 
/3 has a more highly negative nitro group than does a due 
to the presence of the cation, is due to the fact that the 
ion pair (/3) is too highly complexed with the cation to 
allow the interference of the proton donor. The ammonia 
molecule hydrogen bonds to this N 0 2 group and at the 
same time complexes with the metal cation to further sta­
bilize the hydrogen-bonded ion pair as shown in I. This

The Journal of Physical Chemistry, Vol. 77, N o. 22, 7973



2652 Elizabeth V. Patton and Robert West

I

conclusion is further supported by the earlier observation 
that there is close association between the hydrogen-bond­
ed HMPA and the cation. A similar association is ob­
served here with the ammonia HMPA complex and the 
cation involved in ion pairing.
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New Aromatic Anions. IX. Anion Radicals of the Monocyclic Oxocarbons1

Elizabeth V. Patton and Robert West*

D e p a r tm e n t  o f  C h e m is t r y ,  U n iv e r s i t y  o f  W is c o n s in ,  M a d is o n ,  W is c o n s in  5 3 7 0 6  ( R e c e iv e d  J u n e  2 7 , 1 9 7 3 )  

P u b l ic a t io n  c o s ts  a s s is te d  b y  th e  N a t io n a l  S c ie n c e  F o u n d a t io n

Electrolytic oxidation of bis(triphenylphosphine)iminium salts of squarate, croconate, and rhodizonate 
anions in dichloromethane gives electron spin resonance spectra attributed to , CsOs-^, and
C6Û6-*, respectively. Electrolytic reduction of the same species gave a radical only for rhodizonate, be­
lieved to be Ce06-~. A 13C hyperfine splitting constant of 4.10 G was found for CsOs-- . The implica­
tions of this value, and of the g values for all the radicals, for electron distribution in these species is dis­
cussed.

The properties of the monocyclic aromatic anions, 
CnOn~m, have been studied in some detail over the past 
10 years.2 Four members of the series are known. The di­
anions with n = 4 (squarate), n = 5 (croconate), and n = 
6 (rhodizonate) are all extremely weak bases which form 
very stable, high-melting salts. The tetraanion C8064~ 
has also been isolated as the tetrapotassium salt,3 but it is 
much more reactive, undergoing rapid oxidation in air.

The existence of intermediate one-electron oxidation 
and reduction products of the oxocarbon dianions has 
been predicted.2 These radicals could be stabilized by 
electron delocalization in the same way as the parent di­
anions. Two groups have reported tentative evidence for 
the existence of oxocarbon anion radicals in the solid 
state. Air oxidation of the tetrapotassium salt of C6C>64 -, 
which leads ultimately to CeOe2“ , produces an intermedi­
ate paragmagnetic solid surmised to be CgOe-3^.3 Also, 
Buchner and Lucken treated potassium metal with carbon 
monoxide at 250° and obtained a mixture of products con­
taining a radical giving a single-line esr spectrum.4 This 
was attributed to the species CeOe-5 - .

We wish to report the generation of oxocarbon anion 
radicals in solution by electrolytic oxidation or reduction 
of oxocarbon salts in dichloromethane at —85°. Repeated 
attempts to obtain esr signals of oxocarbon anion radicals 
upon electrolytic oxidation or reduction in aqueous solu­
tion were uniformly unsuccessful. We then wished to 
study oxocarbon anions in nonaqueous solvents, in which 
temperatures low enough to stabilize the radicals might 
be possible. Most oxocarbon salts are highly insoluble in 
solvents other than water, or water-alcohol mixtures, and 
it proved quite difficult to find oxocarbon salts with suffi­
cient solubility in nonhydroxylic solvents. Ultimately, 
however, salts of the oxocarbon dianions with bis(triphen- 
ylphosphine)iminium cation5 were prepared and found to 
be soluble in organic solvents.

Upon electrolytic oxidation, the squarate, croconate, 
and rhodizonate salts all formed radicals giving single-line 
electron spin resonance spectra which We attribute to 
C4O4• ~, C505-" , and Ce06-~, respectively. Confirma­
tion of this assignment for C50 5- -  is given by the obser­
vation of 13C sidebands with a hyperfine splitting of 4.10
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Figure 1. Esr spectrum of C50 5 - _ radical obtained by oxidation 
of bis(triphenylphosphine)iminium croconate, showing side­
bands attributed to hyperfine splitting by 13C.

G (Figure 1). The area under each sideband was 2.5 ± 
0.5% of the area under the central peak; for a species with 
electron delocalization over five equivalent carbon atoms, 
the sideband intensities are predicted to be 2.9%.

The species produced by oxidation of C4 0  42~ and 
C6C>62- gave only singlets. These oxidations were repeated 
many times under slightly different conditions but 13C si­
debands were never observed. It is curious that 13C hyper­
fine splitting could be detected only for CsOs-- , and the 
reasons are not fully understood. It is possible that the 
anion radicals are in equilibrium with the two-electron 
oxidation product and the dianion

C „ 0 „ u +  C „ 0 „ - -  =*=* 2 C „ 0 „ ~

or electron exchange may take place between the anion 
radical and the unoxidized dianion present in the solu­
tion. Either exchange process, if rapid, v/ould destroy the 
13C sidebands. Apparently whatever processes are averag­
ing 13C sidebands for C40 4-~ and Cg06-~ are slow for 
C 5 O 5 - .

The 13C coupling found from the sidebands of the 
C50o-~ spectrum allows estimation of the spin density 
distribution in the radical. Using the cr—7r polarization 
constants of Karplus and Fraenkel,6 the theoretical equa­
tion for the coupling constant may be written

°c = 16.1pc’r ~  13.9(pC' +  Pq") +  Qq0 Pc* +  Qoc Po*
where C' and C " are the carbons attached to the one in 
question. In this case, all of the carbons are equivalent, 
and pc' = pc" = Pc- Broze and Luz7 have measured 
values of QCoc and Qocc from a large number of carbonyl 
radicals and found the best values to be Qcoc = 36.0 G 
and Qocc = -24.3 G. Substituting these in the above 
equation, an ac of 4.10 G predicts 2 pc = 0.92, 2p0 = 0.08; 
an ac of —4.10 G gives 2 pc = 0.08, 2po = 0.92.

Hiickel molecular orbital calculations8 predict 2 pc = 
0.24 and 2p0 = 0.76. Maclachlan calculations, which add 
a small perturbation to HMO’s to take into account the 
effect of the spin of the unpaired electron on the energy of 
electrons of like spin, were also carried out.8 These pre­
dict a total spin density on oxygen of 0.90, quite consis­
tent with the experimental result of ac = -4.10. The 13C 
peaks show no measurable difference in broadness so the 
sign of the coupling cannot be determined empirically.

-> (P)
Figure 2. Differences in g value vs. X (in units of /?) for oxocar- 
bon monoanion radicals.

TABLE I: g Values and HMO Unpaired Electron Energy Levels

Radical g value
£po

(Mac-HMO)a X(Mac-HMO)
C4O4* 2.00584 0.900 — 0.174,0
C50 5- “ 2.00624 0.898 — 0.236/3
CeOi- ~ 2.00652 0.895 -0.278/3
c 6o 6-3- 2.00457 0.671 -0.529/3

a Reference 8.

Attempts were made to reduce all three oxocarbon an­
ions electrolytically. An electron spin resonance signal was 
obtained only for CgOg2"; it was again a simple singlet 
with no sidebands, probably due to CeOe3~- No signals 
were observed from the reduction of C4 0 42- or CsOs2 - . 
The energy levels which would contain the unpaired elec­
trons for the trianion radicals C40 4-3- and Cg05-3" are 
predicted, in HMO calculations,8-9 to be much higher 
than that for CgOg3 - .

The g values measured for the four radicals are listed in 
Table I. The shift from the value for a free electron, 
2.00232, is caused by coupling of the electron spin to the 
angular momenta of the nuclei in the molecule. This shift 
is expressed semiempirically by Stone’s relationship10

Ag =  ^ p „(b „  +  Ac,,)
n

in which n is the index for the nucleus in the radical, X is 
the energy level, in /3 units, of the orbital containing the 
unpaired electron, and b and c are empirical constants re­
lated to the magnitude of spin-orbit coupling between the 
electron and n. For radicals which contain oxygen and 
carbon nuclei, Ag is found to be mainly a function of the 
spin density on oxygen, since the spin orbit coupling con­
stant for oxygen is much larger than that for carbon.11

Values of X and 2 pQ for each radical, predicted by the 
Maclachlan calculations, are given in Table I. The last 
two electrons of the ground-state dianions are slightly an­
tibonding, 8-9 thus X values for the unpaired electrons in 
the oxidation products, as well as the reduction product, 
are negative. A plot of Ag us. X for the monoanions is pre­
sented in Figure 2. The plot is linear, with b = 0.0026 and 
c = -0.0072. Ag for the Ce06>3~ radical does not lie on 
this line, probably because the unpaired electron is in a 
doubly degenerate energy level, subject to Jahn-Teller 
distortions from planarity.
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Experimental Section
Synthesis of Bis(triphenylphosphine)iminium Salts. 

The bis(triphenylphosphine)iminium salts were prepared 
by combination of 5:1 molar ratios of the sodium or potas­
sium oxocarbon salt and triphenylphosphineiminium chlo­
ride, respectively. These were dissolved separately in boil­
ing water and combined. The product precipitated imme­
diately upon mixing of the two solutions, and was recrys­
tallized from CH2CI2 and dried under vacuum. (It was 
necessary in the case of the rhodizonate anion to carry out 
the reaction and filtration quickly to prevent oxidative 
decarboxylation to croconate anion.)

2 [{C6H5 )3P]2N+ C4 0 42--2 /i20 . Electronic spectrum 
(CH2CI2): Xmax 275 nm (e 2.8 X 104), 268 nm (2.9 X 104). 
Anal. Calcd for [(Ph3P)2N]2C40 4.2H20 : C, 74.50; H, 
5.26; P, 10.11; N, 2.29; 0, 7.38. Found: C, 74.37; H, 5.11; 
P, 10.30; N, 2.42; O, 7.58.

2 [(C6H5)3P]2N + C50 52 - . Electronic spectrum
(CH2CI2): Amax 373 n m  (e 3.5 X 104), 275 n m  (1.0 X 104), 
268 n m  (1.3 X 104), 262 n m  (1.1 X 104). Anal. Calcd: C, 
75.8; H, 5.0; P, 10.8; N, 2.3. Found: C, 75.8; H, 5.1; P, 
10.3; N, 2.6.

2 [(C6H5)3P]2N + CgOg2~ . Electronic spectrum 
(CH2CI2): Amax 487 (f 4.0 X 104), 275 nm (1.0 X 104), 268 
nm (1.3 X  104), 262 nm (1.1 X 104). Anal. Calcd: C, 75.2; 
H, 4.9; P, 9.9; N, 2.2. Found: C, 75.0; H, 5.0; P, 9.9; N,
2.4.

Electrolytic Oxidation and Reduction. Solutions in di- 
chloromethane were made up to be approximately 0.001 
M  in sample and 0.01 M  in tetra-n-butylammonium per­
chlorate, used as a supporting electrolyte. The electrolytic 
cells, sample preparation, and apparatus have been de­
scribed elsewhere.12-13 Electrolysis was performed at the 
lowest potential necessary for passage of current through

the cell. On oxidation the CnOn-~ radicals appeared at a 
potential of about 5 V with a current of 0.3 pA. The sig­
nals were stable to —60°, but slowly decreased in intensity 
at higher temperatures, g values were measured with a 
dual cavity using peroxylamine disulfonate anion (g = 
2.00550 ±  0.0001) as a reference.14
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Raman Spectra of Thorium(IV) Fluoride Complex Ions in Fluoride Melts1
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Raman spectra of LiF-NaF-ThF4 mixtures at 650° have been examined to establish the coordination be­
havior of Th(IV) in molten fluorides. Eight coordinated Th(IV) has been identified in melts with excess 
fluoride ion by comparing their spectra with that of crystalline K5ThF9. Seven coordinated Th(IV), pres­
ent in fluoride ion deficient melts, was identified by shifts in the frequency of vi with melt composition 
changes. These results are compared with previous coordination studies of U(IV) and Zr(IV).

Introduction

The presence of either alkaline earth or transition metal 
complex ions in molten salts frequently has been inferred 
from Raman spectral measurements. However, there has 
been little attempt to compare the spectra of various cat­

ions which are expected to have similar coordination 
geometries in the liquid state. The ions, Th(IV), U(IV), 
and Zr(IV), have been regarded as structurally similar in 
molten salts because they form many analogous crystal­
line compounds. A consequence of considering these ions 
as similar in molten salt solutions is that their thermody­
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namic activity coefficients are also presumed to be the 
same, principally because there are no data by which to 
distinguish these ions. Therefore an indication of structur­
al differences in the complex ions which these three cat­
ions form would exemplify the limitations in the above 
thermodynamic approximations.

We have recently reported2 that the coordination be­
havior of Zr(IV) in molten alkali-metal fluorides varies 
from eight to less than six. In contrast, we have shown by 
absorption spectroscopy3 that U(IV) exists as either seven- 
or eight-coordinated complexes in molten LiF-BeF2 solu­
tions depending on the free fluoride ion concentration of 
the system. These two different sets of measurements 
suggest that the coordination behavior of U(IV) and 
Zr(IV) are not similar as had been anticipated or that the 
two experimental methods were not corroborative. The 
absorption spectral measurements were most ideally suit­
ed for U(IV) solutions which absorb in the visible while 
the transparent solutions of Zr(IV) were more suited to 
Raman spectral measurements. Th(IV) in molten fluoride 
was studied in this research in an attempt to resolve the 
apparent difference in the coordination chemistry of 
U(IV) and Zr(IV). Raman spectroscopy was employed be­
cause the solutions of Th(IV) in fluoride melts are trans­
parent.

The coordination numbers of the Th(IV) species present 
in the molten state were identified by comparison with 
crystalline spectra when it was possible to legitimately do 
so. However, when this method failed, it was necessary to 
turn to identification based on frequency shifts in the 
spectra with changes in solvent composition. The results 
of these measurements are compared with the previous 
data for U(IV) and Zr(IV).

Experimental Section
The experimental procedure used here has been de­

scribed previously in detail.2-4 In brief, the molten fluo­
rides were contained in a nickel windowless cell sealed in 
a quartz capsule, and their spectra were measured with a 
Jarrell-Ash 25-300 Raman spectrometer using the 4880-A 
line of a Coherent Radiation Model 52B argon-ion laser 
operating at 1.0 W output power for excitation.

The fluoride salts were prepared from laboratory re­
agents which were purified by sparging the molten 
mixtures with HF + H2 gas to remove oxide impurities. 
Subsequent handling of the purified salts was performed 
in a helium-filled glove box of less than 1 ppm O2 and 
H2O content. Ternary mixtures of LiF-NaF-ThF4 were 
employed because they melted at lower temperatures 
throughout the range of TI1F4 concentrations studied than 
did simple binary mixtures of alkali-metal fluoride and 
ThF4.5

Raman spectra of LiF-NaF-ThF4 melts were measured 
at constant temperature as a function of the ThF4 concen­
tration. The ThF4 composition was varied from 14 to 40 
mol % while the LiF/NaF mole ratio was held fixed at 
0.87. This method of varying the melt composition may be 
visualized by considering a ternary phase diagram illus­
trated as an equilateral triangle with each corner occupied 
by a pure component. The composition change is then de­
scribed as moving along a line drawn from the ThF4 cor­
ner of the triangle to a point on the opposite edge corre­
sponding to the LiF/NaF ratio chosen.5 A constant LiF/ 
NaF ratio was maintained to minimize the complications 
in interpreting the melt spectra which arise from changes 
in the alkali-metal ion.

FREQUENCY (cm "')

Figure 1. Raman spectra of (A) molten L iF -N a F -T h F 4 (4 0 -4 6 - 
14 mol %) at 650° under perpendicular and parallel polariza­
tions of Incident beam and (B) polycrystalline K5ThF9 at 25°.

Results and Discussion
The Raman spectrum of 14 mol % ThF4 in LiF-NaF 

(40-46 mol %) at 650° is shown in Figure 1, curve A, 
where the polarization of the incident beam is indicated 
as perpendicular or parallel to the plane defined by the 
incident beam and the direction of the scattered light. 
Two broad bands are evident, a strong polarized band at 
474 cm -1 assigned to the symmetric stretch of ThF*4 x 
and a depolarized band centered at 250 cm-1 . Under par­
allel polarization and resulting decrease in the Raleigh 
wing, two components at ca. 270 and 225 cm -1 are indi­
cated within the broad depolarized band profile. Further­
more, if the spectrum in Figure 1 is compared with that of 
14 mol % ZrF4 in LiF-NaF (40-46 mol %) shown in Figure 
2 of ref 2, a remarkable similarity in the two spectra can 
be noted. By analogy with the ZrF4 melt spectrum, an ad­
ditional band would be suggested in the ThF4 spectrum 
on the high-frequency side of the 250-cm 1 band. The 
band was observed in the ZrF4 melt because it disap­
peared when the melt composition was changed. However, 
in the case of the ThF4 melts, increasing the ThF4 con­
tent did not have as pronounced an effect. As shown in 
Figure 2, the depolarized band for various concentrations 
of Th(IV) in LiF-NaF mixtures only decreased in intensi­
ty and shifted from 250 (curve A) to 280 cm-1 (curve D).

Increases in the ThF4 concentration produced limited 
shifts in the frequency of the polarized band at 474 cm-1 
(which is also in contrast to that seen for the ZrF4 sys­
tem2). The position of the band remained fixed for com­
position changes from 14 to 20 mol %, increased to 478 
cm -1 in going from 20 to 25 mol %, and then showed no 
change for subsequent additions of ThF4 (see Figure 3). 
These experimental observations are compared in Table I 
with those for similar ZrF4 melts in both the polarized 
and the depolarized regions of the ThF4 and ZrF4 spectra. 
The comparison is intended to suggest that up to a point, 
namely, 25 mol % ThF4 and ZrF4, the behavior of the two 
is the same. The changes in the ThF4 and ZrF4 melt spec­
tra for this composition range are interpreted as due to a 
transition from an eight- to a seven-coordinated complex 
in solution! The melt composition at which the polarized 
band frequency begins to increase (viz., 20 mol %) sup­
ports the identification that the higher coordinated 
species is eight. Furthermore, the spectrum of polycrystal-
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T A B L E  I: C o m p a r is o n  b e tw e e n  T h F 4 a n d  Z r F 4 in L iF - N a F  M e lts  at 6 5 0 ° w h e re  L iF - N a F  M o le  R a tio  is  C o n s ta n t  at 0 . 8 7 / 1 . 0 “

Freq u en cy  In terpre ta tion  (su p ­
position of Polarized region D ep o larized  region gested p resen ce  of)

ThF4 melt ( la )  At 47.4 c m -1 for 14 mol % ThF4
( lb )  Does not shift for 14-20

mol % ThF4

(2) Shifts to 478 cm 1 for 25 
mol % ThF4

ZrF4 melt

(3) Does not change for 25-40 
mol % ThF4

( la )  At 555 c m * 1 for 14 mol % ZrF4
( lb )  Does not shift for 14-20

mol % Z rF4

(2) Shifts to 568 c m " 1 for 25 
mol % Z rF4

(3a) Shifts to 577 cm “  1 for 33 
mol % Z rF4

(3b) Shifts continuously to higher
values for 25-40  mol % Z rF4

°  Z rF 4 m elt d a ta  taken  from  ref 2.

( 1)

( 2)

( 1)

(2 )

(3)

FREQUENCY (c m - ')

F ig u re  2 . Raman spectra of 1 0 0 -4 0 0 -c m "1 region at 650° of 
L iF -N aF -T hF 4 melts with the above indicated com positions (slit 
=  10 c m " 1, 5 X 103 counts per second, cp s ).

line KsThFg (c/., curve B, Figure 1), which contains dis­
crete ThFg4- groups (the ninth fluorine atom displaced 
4.53 A from the nearest thorium atom6), also supports the 
identification of the ThF84" complex in the melts with 
14-20 mol % ThF4. The bands at approximately 270 and 
225 cm -1 in the melt can be identified with corresponding 
bands in KsThFg at 280 and 235 c m 1, and the shoulder 
in the melt spectrum at ca. 300 cm -1 is identified with 
the additional weaker bands in the spectrum of K5ThFg 
at 310 and 338 cm *1. The displacement of the strong 
band at 474 cm *1 in the melt relative to that in KsThFg 
at 467 cm*1 is attributed to the difference in the alkali- 
metal cations which alter the strengths of the repulsive

Broad band seen at 250 c m "  1 for 14-20 TbFs4"
mol % ThF4. By comparison with spec­
trum  of ZrF4, a shoulder at ca. 300 
cm "  1 Is suggested

Increasing ThF4 content from  20 to 40 ThF73"
mol % only produces a gradual de­
crease In Intensity

F luoride bridging

Broad band seen at 250 c m " 1 for 14-20 ZrFa4"
mol % ZrF4. By comparison with 33 
mol % ZrF4 spectrum, a shoulder at 
322 cm " 1 is also present

Z rF73"

Band at 322 cm " 1 disappears. Spectrum ZrF62"
matches that of LiiZrFg

Further Increases up to 40 mol % cause Z rF5"  or Z rF 4
appearance of band at 165 cm " 1

F ig u re  3 . Raman spectra band profiles In the region 400-700 
c m " 1 of L iF -N aF -T hF 4 melts at 650° with the com positions as 
indicated (slit =  10 c m " 1, 5 X 103 cps).

forces between nonbonded fluoride ions (i.e., fluoride ions 
on neighboring ThF*4 -* groups). This arises because the 
smaller alkali-metal ion, Li+, allows closer approach of 
the neighboring ThF*4"* groups. Despite these expected 
differences, the close similarity in the spectra of the poly­
crystalline KsThFg and the 14 mol % ThF4 melt supports 
the identification of ThFg4 ion as the highest coordinat­
ed species in the molten state.

When the ThF4 content in the melt is increased, the 
position of the symmetric stretching frequency increases 
the same as in the ZrF4 melts; but for ThF4 melts, the 
upward shift stops at 478 cm" 1 for 25 mol % and shifts no 
more for further increases in the ThF4 content. The spec­
trum at 33 mol % ThF4 is not appreciably different from 
that at 25 mol %. It is not similar to the 33 mol % ZrF4
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melt spectrum which was identified as arising from a 
ZrFg2- species. Therefore, the lowest coordination num­
ber in the ThF4 melts is established as seven because the 
shift in the polarized band stops at 25 mol % ThF4 and 
the entire spectrum never does correspond to one which 
can be identified with ThF«2 (by analogy to the ZrFg2- 
melt spectrum).

If the minimum coordination number in ThF4 melts is 
seven, then melts of ThF4 composition greater than 25 
mol % must share fluoride ions (t'.e., form bridging links 
between neighboring thorium ions) to maintain that coor­
dination number. However no spectral evidence for fluo­
ride bridging is observed. Bridging is expected to cause a 
progressive decrease in the symmetric stretching frequen­
cy position arising from the decreases in the bond order 
and the consequent decrease in the force field associated 
with a particular bond. Still, the degree of bridging must 
be greatly limited even at 40 mol % ThF4 (e.g., from the 
melt stoichiometry, an average of three bonds are bridged 
if the minimum coordination number is seven) and per­
haps for this reason is not observed. The same is found in 
the ZrF4 melt case; there is no spectral evidence for the 
bridging which must occur in melts of high ZrF4 composi­
tion if the proposed coordination complexes are present.

As a result of these measurements, it is now possible to 
explain the previous experiments and the dissimilarities of 
the three ions of Th(IV), Zr(IV), and U(IV), in molten flu­
oride solutions. The Raman experiments with ThF4 melts 
have proved to be consistent with those of the visible-uv 
spectral results for U(IV), i.e., there is an equilibrium be­
tween seven- and eight-coordinated species which is de­
pendent upon the melt composition. Six coordination, or 
lower, does not occur for either Th(IV) or U(IV) in fluo­

ride melts. These results show that it was not the differ­
ent experimental approaches which were responsible for 
the difference in the results for the three cations, but 
rather, the nature of the ions themselves.

Zirconium behaves much like Th(IV) and U(IV) in 
melts with excess fluoride ion concentration because it, 
too, manifests a seven-eight coordination equilibrium in 
the same melt composition limits. However, Zr(IV) is 
unique in that coordination numbers lower than seven 
also occur, especially the octahedral six coordination for 
which there is strong evidence. Lower coordination num­
bers are possible for Zr(IV) melts undoubtedly because 
Zr(IV) has a much smaller ionic radius and therefore can 
accomodate fewer fluoride ions with little decrease in the 
stability of the complex ion. An analogous behavior occurs 
in crystals; no six-coordinated Th(IV) or U(IV) inorganic 
crystalline fluoride salts are known, whereas six-coordi­
nated Zr(IV) fluorides are readily obtainable.7
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Vibrational Transitions in Anharmonic Oscillators1a

Hyung Kyu Shin

D e p a r tm e n t  o f  C h e m is t r y , 1b U n iv e r s i t y  o f  N e v a d a ,  R e n o . N e v a d a  8 9 5 0 7  (R e c e iv e d  J u ly  5, 1 9 7 3 )  

P u b l ic a t io n  c o s ts  a s s is te d  b y  th e  U . S. 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

The 0 — 1 vibrational transition probability of an anharmonic oscillator, Pox, has been formulated using 
the potential function which is a sum of quadratic and cubic terms in the vibrational coordinate. The 
potential fits the Morse function closely in the region of interatomic distance where the first two energy 
levels of the anharmonic oscillator lie. For small energy transfer (e <C 1), P01 is larger than the harmonic 
oscillator probability, P01*, by a constant factor. For large energy transfer, the difference between P0i 
and P01* varies with e. It is shown that P01 is always larger than Poi*. In HF, P01/P 01* = 1.094 for e < 
0.1. Above this amount of energy transfer, P01/P01* varies with e but the ratio is not greatly different 
from 1.10.

I. Introduction

One of the simplest and most often encountered dy­
namical problems is that of a particle in an elastic field of 
force, corresponding to the one-dimensional harmonic 
oscillator potential function. The mathematics involved in

the problem is simple, and it is often possible to obtain 
rigorous solutions. Consequently, the model of harmonic 
oscillation has been widely applied to the calculation of 
vibrational energy transfer probabilities in molecular col­
lisions.2 The use of the model may be justified for vibra­
tional' transitions among low-lying levels of homonuclear
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diatomic molecules in which the anharmonicity is not se­
vere.2’3® However, in heteronuclear diatomic molecules, 
the anharmonicity may become important even for the 0 
—► 1 transition.3b

The direct use of anharmonic potential energies such as 
the Morse function in the calculation of vibrational tran­
sition probabilities eliminates the problem of anharmoni­
city,4 but the difficulty is that the pertinent equations are 
now much too complicated to be soluble. Such equations 
are becoming soluble numerically because of the develop­
ment of electronic computers, but the numerical result 
can be obtained only after an extensive use of computers. 
To determine the effects of anharmonicity on transition 
probabilities, on the other hand, we can choose an ap­
proximate anharmonic potential which is simple enough 
to allow the analytical solution of the problem, and yet 
complicated enough to be realistic. Such an analytical so­
lution, even if it is approximate, will yield detailed infor­
mation on the importance of anharmonicity without the 
use of sophisticated computing devices.

In the present paper we report the investigation of vi­
brational transitions in anharmonic oscillators in terms of 
the oscillator potential energy constructed as a sum of 
quadratic and cubic terms in the oscillator coordinate. 
The 0 —*■ 1 vibrational transition probability of the anhar­
monic oscillator will be obtained in an explicit form show­
ing rigorously how the anharmonicity affects the efficiency 
of energy transfer. For this purpose, we shall compare the 
result with that of the 0 —► 1 probability of the harmonic 
oscillator. Application is made to HF; this molecule is 
chosen because the vibrational energy transfer in the colli­
sion systems involving HF is particularly important in the 
development of chemical lasers.5

II. Interaction Energies

Imagine an oscillator (BC) and an incident particle (A, 
a molecule or an atom) in interaction in a one-dimension­
al system. Let q be the displacement of the oscillator from 
its equilibrium position £e (Le., q = £ -  £e) and let x be 
the distance between the centers of mass of BC and A. We 
shall express the interaction potential energy for the colli- 
near collision in the form U{z) = D exp(—z/a), where z is 
the distance between the nearest atom of BC, say C, and 
A; D and a are potential constants. This distance is z = x 
-  p ( £ e  + q) =  z(x,q), where p = mB/(mB + mc ). Then, 
we can approximate U(z) as

U(x,q) = D' exp (-x/ a )(l +  =  U(x) -  F{x)q

( 1)
where D' = D exp(p£e/a). The second relation defines the 
perturbing force F(x) = ~(p/a)D' exp(—x/o). Since the 
solution of the classical equation of motion gives x(t), Fix) 
can be readily transformed into the time-dependent per­
turbing force F(t). Note that the potential U(x) is a typical 
intermolecular interaction energy, determining the rela­
tive translational motion of the two colliding particles. 
The collision model is a simplified one, but we shall not 
attempt to test its accuracy here; studies on such a test 
can be found elsewhere.2 ■*

We shall express the intramolecular potential energy of 
the oscillator BC by

Ubv(^) =  g Mw2(% — £e)2 +  a(£ — £e)3 (2)

where M  and u> are the reduced mass and the angular fre­

quency of the oscillator, and a is the constant which de­
termines the contribution of the cubic term. During the 
interaction with the incident particle, the anharmonic 
oscillator is perturbed by the force F(t), so it becomes 
necessary to know the wave function of the anharmonic 
oscillator under the influence of F(t). The vibrational 
transition probability can then be derived from this per­
turbed wave function.

III. Perturbed Wave Function
To derive vibrational transition probabilities for an 

anharmonic oscillator for which the intramolecular poten­
tial function is given by eq 2 we need to know the vibra­
tional matrix elements of q3 that are not zero. They are

J  4,n(q)q3<t>n- i q )  dq =  [gn (n  -  l)(n  -  2)J

(3)

f y n(q)q3<t>Uv) dq =  (¿JM
where 4>n(q) is the orthonormal harmonic oscillator wave 
function. By use of these results, it can be shown that the 
vibrational wave function for the anharmonic oscillator
is7’8

i„(q )  =  <t>M) +  g jjî« ![(rc  +  1 )(n +  2 )(n +

3)]l/?cj)n+3(q) +  q(n +  1 )3/20 „+1(ç) -
9n3/20„_i(ç) -  \n(n -  l)(n -  2)]1/20„_:J((?)| (4)

and that the approximate expression for the energy levels 
is9

E„ = tiu (n  +  g )  -  +  «  +  § )  (5)

where K = {ctlhu>){h/Mu>)312. Equation 4 is an unper­
turbed function, but the interaction with the incident 
particle A leads to a perturbed system. The wave function 
describing such a system can be obtained as a sum of the 
unperturbed wave functions, in which the coefficients are 
determined from the nature of the perturbation.3® Once 
this function is at hand, the vibrational transition proba­
bility (k —► n) can be readily calculated from

P,,„ =  l im jj  \pn(q)\l/(t,q) dqj (6)

in which the oscillator is initially in the Ath state. The in­
formation on the initial state of the oscillator is contained 
in i/(t,q). Therefore, the important problem is to find the 
perturbed wave function \p(t,q) of the anharmonic oscilla­
tor in terms of the harmonic oscillator functions as the 
basis set; the following material is devoted to this solu­
tion.

The Hamiltonian of the harmonic oscillator system per­
turbed by -F (t)q  is

H = m  +  \ M ^  ~ w

=  fio)( N +  I )  -  F ( i ) ( ( a  + a*)

In the second relation, we used the phonon creation oper­
ator a*, the destruction operator a, and the eigenvalue 
operator N = a*a.10 In the present model the perturbed 
wave function can be given in the form3®-11

\p(t,q) =  e~l/2C2e,CaV  Ca\pk(q) (8)
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where IV. Transition Probability

(2 Mfiic) 1£ F{tf) exp(io)i') dt'
From eq 4 and 6, the 0 —► 1 transition probability can 

be obtained in the form

Therefore, the operators e‘Ca* and eiCa transform the 
unperturbed anharmonic oscillator wave function tM<7) 
given by eq 4 into the time-dependent perturbed function 
iP(t,q). Since 0*(<?) is a linear combination of 0* -3(p), 
<t>k-i(q ), 0*(p), <Pk+i(q), and 0*+3, the product of these 
perturbation operators acts to make the following trans­
formation

4>k(q), bk+iiq), 0*+3(<7)] —>

Pm =  lim

where

£ 3 K
_2(2)1/2<t>o(q) + <Pi(q) ~  3K<i>lq) -

K
(3)1/2-¿<f>i(q)J'/'U.p) dp (13)

3  k
M?) = 2(2yn<t>o(q) +  (t>i(q) ~  “i K ^ q )  -  j ^ r ^ ^ q )(3)>

i<t>o(q),Mq\ ---AM), ■••]
If 'I'hiq) in eq 8 were replaced by the harmonic oscillator 
wave function 0(p), the time-dependent function would 
simply describe the harmonic oscillator perturbed by 
~ F (t )q . For the anharmonic oscillator initially in the 
ground state, the perturbed function is given by

\p(t, q) = e ~ mc2e ‘c*e'c ** \p0(q ) =

e~1/2CV Ca V Ca ̂ 0o(p) -  — p -^ iq )  -  2^I75^3(p) ]  O)

in which the 4> 1 and 03 states are due to the anharmoni- 
city. By use of the recursion relations

a *<t>m = (m + 1 )1/20m+1

(m +  0) (10)

a0o = 0 N (¡>m =  m ( j )m

we can successively perform the exponential operations 
eiCa and eiCa* on 0 ’s in eq 9 to find

i ( t ,q )  =  [

4 > M )

1

- 0

3 K
2( 2)1/2
3

iC
K

6 ( 2 )1/2dey 1 £
-* m= 0

(icr
(m !)1/2

+ A— (¿c)2l i c y T̂ ^ -  x  2(2)1/2 2(2)1/2UW J ^  m\

rr 1 1 'll!' 1 1 \ K ^ ( iC )mT(m +  2)!'Km +  i)!]i/2̂>m+1(p) -  2-(iC)2^ ^ r ( _ — 2— X

IC
Ûm+lq) 2(3)1/2

(¿C )T  (m +  3)'~|^ ( ¿ e r r
m\ L 3! j d>„,+3(g) (ID

For the discussion presented below, we shall write this ex­
pression symbolically as

and 0(i,q) is given by eq 9. To calculate the integral in eq
13, we.need to use the orthogonal relation <!>,(q)<t>j(q)
dq = 5¡j. When eq 11a is substituted in eq 13, we find that 
the integral 0 i(p )2 i dp yields four nonvanishing
terms; we shall write these four terms and others from 
22,S3, and 2 4 as

f  \pl(q)Z1 dp =  0] +  1] +  2] +  4]
**—ce

f  >£(q)Z2 dp =  1] +  2] +  4]
” r  (14)
J _j/q (p )23 dp =  2] +  4]

f  4'1(q)Z4 dp =  4]

From eq 11a and 14, we can write the integral in eq 13 in 
the form

J  ÿlq)\p{t,q) dp =  ([0 +  [1 +  [3)(0] +  1] +

2] +  4]) +  ([1 +  [3)(1] +  2] +  4]) +
7—3

([3)(2] +  4]) +  [34] =  2 f t / ]  (15)
i . j -o

Here ¿’s represent the coefficients of 0(i,p) and j ’s the 
contribution of the final anharmonic oscillator function as 
shown by eq 14. It should be noted that [ij] has no relation 
to 4>i(q)<pj(q) dp; this integral has been previously
used in the form of the orthogonality relation to derive eq
14. Although many terms are involved, the calculation of 
the explicit form of the i,j sums is trivial. The final result is

K U q )  =  P  +  [1 +  [3 )2 . +  ([1 +  [3 )2 2 +

([3)23 +  ([3)Z4 (lia)

For example, [1 in the first part represents [—3/(8)1/2]XiC 
which resulted from the 0i(q) term of eq 9. Three coeffi­
cients of the first sum of eq 11 or 11a come from the three 
functions of M q );  the origin of the coefficients of other 
sums is obvious. The perturbed wave function contains 
two contributions, the anharmonicity K  and the time- 
dependent perturbation C.

If M q )  in eQ 9 were replaced by 0o(p), the perturbed 
wave function would take the simple form

“ a r y
t ( t ,q )  =  <i>m(q) O2)

P01
IP
24 llle +  13e2 +

f ( 5 - e|e exp (-t) (16)

where

1 I f ” 2 a  f  % \  3/2
£ ~  2 exp(tWi ) di K = )

We note that e is the amount of vibrational energy trans­
ferred to the harmonic oscillator expressed in units of hto. 
The amount of energy transferred to an anharmonic oscil­
lator cannot be calculated in the present approach; the 
appearance of e in eq 16 is due to the harmonic oscillator 
functions in 0„(p). All K-dependent terms in eq 16 are
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Harmonic

Figure 1. Intramolecular potentials In the neighborhood of £el 
The Morse, harmonic, and cubic potentials are shown. The cubic 
potentials are obtained w ith '(curve II) and without (curve I) In­
troducing c =  1/1.25 in K. The eigenvalues E0 and E, for the 
cubic potential with c =  1/1.25 and the harmonic potential are 
also shown.

from the anharmonicity. For K = 0, eq 16 reduces to the 
well-known expression12 Poi* = e exp(-c) for the harmonic 
oscillator perturbed by -F (t)q . The ratio Poi/Poi* is then 
a measure of the effect of anharmonicity in the present 
model; we shall denote this ratio by /  in what follows and 
refer to it as the anharmonicity factor.

For small energy transfer, e «  1, eq 16 reduces to

Pm = 1 +
125
24 K 2 exp(-e) (17)

The anharmonicity factor is then simply f  = [1 + (125/ 
24)K2]2 and is independent of the type of the incident 
particle. It is solely determined by the molecular con­
stants of the oscillator being excited or deexcited. For ex­
ample, eq 17 applies to all HF-containing systems (i.e., 
HF + He, HF + Ar, HF + HF, HF + CO2, etc.) in which 
HF is vibrationally excited or deexcited. However, as the 
velocity increases, all e-dependent terms in eq 16 have to 
be included. These terms are determined not only by the 
properties of the oscillator BC but also by the type of the 
incident particle and the collision velocity.

For the collinear collision system with the interaction 
potential described by eq 1, the amount of vibrational 
energy transfer can be determined from13

« =  ^ ( 7Trppaf csch2 (18)

where v is the collision velocity and p. is the reduced mass 
of the collision system. Note that in the HF + Ar system, 
p = 0.95 when Ar is approaching the H side of the oscilla­
tor and is 0.05 when Ar approaches the F side.

Numerical Results and Discussion

To investigate the importance of the anharmonicity in 
the 0 —*■ 1 transition, we first fit eq 2 to the Morse poten­
tial t / e c ( £ )  =  D e i  1 ~ exp[6(£ -  £e)]|2, where De is the dis­
sociation energy and b is a potential parameter to be de­
termined. By expanding this potential in the neighbor­
hood of the equilibrium bond distance, we obtain I / Bc ( £ )

Figure 2. Dependence of the anharmonicity factor f =  P01/P 01* 
on the amount of vibrational energy transfer c for HF.

= Deb2[(f -  £e)2 -  b(k ~ £e)3 + (l/4 )5 2(£ -  £e)4 + . . . ] ,  
so a introduced in eq 2 can be taken as - D eb3, while the 
coefficient of (£ — £e)2 shows that (1/2)Moj2 = Deb2. For 
HF, the values of De and b are known14 as 141 kcal/mol and 
2.232 A ^ 1, from which we calculate - D eb =  -1.089 X 
1014 erg cm 3. Other molecular constants are15 coe = 
4138.52 cm -1 and coeXe = 90.069 cm J. Therefore, the 
value of K  is -0.1174.

In Figure 1, we compare eq 2 with the Morse curve in 
the neighborhood of the equilibrium value £e; for compari­
son we also plot the harmonic oscillator potential. Equa­
tion 2, which gives curve I, does not represent the whole of 
the Morse potential curve, but does give a better approxi­
mation than the harmonic oscillator function for values of 
q = £ -  £e not too large. For £ < £e, it is very close to the 
Morse curve, but for £ > £e the deviation is serious. Ob­
viously, if the fourth- and higher-order terms in (£ -  £e) 
are included, we would obtain closer agreement. Without 
including such terms, however, we can adjust the parame­
ter a such that eq 2 can closely approximate the Morse 
potential over a wider range. By use of K = c(a/hw)(h/ 
Mcv)3/2 with c = 1/1.25, we obtain curve II, which is in 
close agreement with the Morse potential curve for 0.75 < 
£ < 1.2 A. The energy levels Eo and f?i given by eq 5 with 
the introduction of c = 1/1.25 are also shown in the fig­
ure; these levels lie in the range of interatomic separations 
for which curve II closely approximates the Morse curve. 
Equation 16 derived above applies to the transition be­
tween these two levels. For comparison, the corresponding 
energy levels for the harmonic oscillator are also shown. In 
the following calculation of the effect of anharmonicity, 
we shall introduce c = 1/1.25 in K ; the corresponding po­
tential is represented by curve II.

In the thermal range, e is very small compared with 
unity. Then, for HF-containing systems, the anharmoni­
city factor is f  = P01/P01* = 1.094 from eq 17. For exam­
ple, for HF + Ar in which Ar is approaching the H side of 
the oscillator, from eq 18 we find e = 2.90 X 10-16, 1.73 X 
10-9, 4.58 x 10-4, and 0.515 at v = 2 X 10s, 3 x  10®, 5 x 
105, and 8 X 105 cm/sec, respectively. Note that for Ar 
approaching the F side, the values of c given above have 
to be reduced by the factor (0.05/0.95 )2. The average 
speed for this system takes the values of 1.26 x 105, 1.78 
x 105, and 2.18 X  105 cm/sec at 1000, 2000, and 3000°K, 
respectively. Therefore, these calculations indicate that at 
thermal collision energies (or velocities) e -C 1 and /  = 
1.094 for the vibrational excitation of HF, so the probabil­
ity is larger than that for the harmonic oscillator by 9.4%.

In Figure 2 we plot the values of /  as a function of e for 
HF-containing collision systems; this plot is independent
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of the type of the incident particle or the nature of the in­
teraction. Up to the value of e about 0.1, the anharmoni- 
city factor is essentially 1.094. We can calculate e as a 
function of v by use of eq 18 to determine the dependence 
of /  on v. As r increases {i.e., v increases), the effect of 
higher-order terms in e becomes important and the first 
(squared) term of eq 16 slowly decreases from 1.094, while 
the second term increases somewhat rapidly. Consequent­
ly, the anharmonicity becomes larger; it increases to 
about 1.14 at e = 4. Thereafter, /  falls with increasing u 
because the change of the second term is only slight. For e 
> 10, f  tends to rise with v, but such a large energy trans­
fer can only take place at extremely high collision veloci­
ties and the result is not shown in Figure 2. The variation 
of f  at higher e (or higher u) is large due to the increased 
importance of the [ij] terms with large values of i or j, or 
both. These [ij] terms are from 4>n+3(q) and 4>n+\{q).

In eq 16, the leading term in the first (squared) quanti­
ty is due to [01] as to be expected. The ¿-independent 
term (125/24)A'2, also shown in eq 17, resulted from [10], 
[12], and [32], Note that [10] is not the same as [01] be­
cause their coefficients are different. While [01] is origi­
nated from the harmonic term <pn(q) in eq 4, [10] is the 
result of the integration of the product of <pi(q) of ip(t,q) 
and 4>n+i(q) of eq 4. The ¿-dependent terms in the 
squared quantity are from [30], [32], [34], and [14]. The 
second quantity of eq 16 is a sum of [02], [11], [31], [04], 
and [31],

VI. Concluding Remarks
The present study on the importance of anharmonicity 

in vibrational transitions in molecular collisions is based 
on a simple anharmonic potential. The importance is de­
termined by comparing the vibrational transition proba­
bility for this potential with that for the harmonic oscilla­
tor potential. The anharmonic potential, which contains 
quadratic and cubic terms in the oscillator coordinate, 
closely fits to the Morse potential in the region of intera­
tomic distance where the energy levels for the 0 —*■ 1 tran­
sition lie. An analytic expression of the transition proba­

bility showing the contribution of anharmonicity is ob­
tained from the perturbed oscillator wave function, which 
is a linear combination of several harmonic oscillator 
functions. To calculate the 0 —1- 1 transition probability it 
is therefore necessary to include the 0o, 4>i, <P2, 4>a, and 4>t 
harmonic oscillator functions.

Application to HF shows that for the amount e of 
energy transferred to the oscillator measured in units of 
hoi less than 0.1 the transition probability P01 is greater 
than that for the harmonic oscillator, P01*, by a constant 
factor of 1.094. As the amount of vibrational energy trans­
fer increases, P01/P01* rises to a maximum value. At still 
larger amounts of energy transfer, the ratio now decreases 
but it is not significantly different from 1.10. The proba­
bility P01 is always greater than P01* indicating that the 
anharmonicity determined from the cubic term of the in­
tramolecular potential always increases the result of the 
harmonic oscillator and that the factor of about 1.10 has 
to be introduced in the latter result.
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The reactions of OH and O ' radicals with allyl alcohol, l,4-pentadien-3-ol, and 2,4-hexadien-l-ol in 
aqueous solutions were studied using the spectrophotometric pulse radiolysis and the in situ steady-state 
radiolysis esr techniques. The reaction rate constants of the OH radicals with these compounds ranged 
from 6 0 to 10.0 X 109 M ' 7 sec-1 and of O ' radicals from 2.4 to 4.3 X 109 M ' 1 s e c '1. The transient ab­
sorption, extinction coefficients, and decay kinetics of the intermediates produced from the reactions of 
OH, O ',  and H atoms with these alcohols were determined. The OH radicals were found to add predom­
inately to the carbon-carbon double bonds, but a measurable proportion (10- 20%) were found to abstract 
hydrogen from allylic positions (n-hydroxy positions). With conjugated double bonds, e.g., 1,4-pentadien-
3-ol, the extent of abstraction by OH radicals increased by a factor of 2. The O ' radicals were found to 
react predominately by hydrogen atom abstraction. The presence of double bonds conjugated to the a- 
hydroxy radical site was found to considerably increase the acidity of these radicals. Thus, the pK a of 
the CH2=CHCHOH and CH2=CH C(OH )CH =CH 2 radicals are 9.6 ± 0 . 1  and 8.9 ±  0.1, respectively. 
The esr experiments confirm the abstraction reactions of O ' radicals with these compounds. The impor­
tance of the abstraction reactions of OH radicals from substituents in an a position to double bonds are 
discussed. These reactions may be of importance in the fields of radiation polymerization and biological 
radiation damage.

Introduction

Differences in the reaction rate constants and the site of 
reaction of hydroxyl radicals, OH, and their conjugate 
base O ' with compounds containing carbon-carbon dou­
ble bonds have recently been demonstrated.2 The equilib­
rium constant

OH =5=̂  0 “  +  H+ (1)
is well established, pKa = 11.93 and 11.8 .4 Due to the rel­
atively high dissociation constant of the OH radical and 
the lower reactivity of O ' radicals,5-6 the reactions of O ' 
have to be studied at pH 14 or higher.

In this work, the reactions of OH and O ' radicals with 
aliphatic alcohols containing a single double bond, and 
conjugated and nonconjugated double bonds have been 
examined and compared. Conjugated double bonds are 
found in many biological compounds, e.g., carotenoids, 
porphyrins, etc., and the systems studied here can serve 
as simple model compounds.

The technique of pulse radiolysis and kinetic absorption 
spectrophotometry was used to study to reactions of hy­
droxyl radicals with allyl alcohol, l,4-pentadien-3-ol, and
2,4-hexadien-l-ol in aqueous solutions. The radicals pro­
duced in steady-state irradiated solutions have also been 
identified by esr.

Experim ental Section

The pulse radiolysis experiments were performed using 
single pulses of 2.3 MeV electrons and ~30 nsec duration 
(Febetron 705 machine), and the technique and conditions 
employed have been described.7-8 The esr experiments 
were performed using the steady-state in situ radiolysis 
set-up previously described.9

Allyl alcohol (Eastman Organic) and both dienes 
(Chemical Samples Co.) were used without further purifi­
cation. The pH of the solutions were adjusted using per­
chloric acid, potassium hydroxide, and ~ 1  mM  phosphate 
and tetraborate buffers. Dosimetry was carried out using 
0.05 M  KCNS solutions (1 atm N20) and the extinction 
coefficients calculated on the basis G(OH) = G(eaq' )  = 
2.8.

The solutions were prepared immediately before use and 
protected from exposure to light from the monitoring lamp 
using a synchronized shutter.

Results

The radiolysis of water generates eaq' ,  OH radical, and 
H atoms with G values 2.8, 2.8, and 0.6, respectively. In 
the presence of N20  (1 atm) eaq“ is virtually completely 
converted to O ' , which is in rapid equilibrium with OH

OH +  OH 0 +  HD (2)
with fc2 = 1.2 x  1010 M ' 1 sec' 1 and fc_ 2 = 9.2 x  107 
sec' 1 (ref 6). Also in N20  solutions, the H atoms contrib­
ute ~ 12% of the total radicals formed and this can be ac­
counted for. In alkaline solutions, H atoms react with 
O H ' ions

H + OH — *■ ellt| (3)
with kz = 2.0 X 107 M ' 1 sec' 1 (ref 10), and the eaq'  pro­
duced are in turn converted to O ' on reaction with N20. 
In acidic solutions, eaq'  reacts with H3O+ to give H 
atoms with a &4 = 2.3 X 1010 M ' 1 s e c '1.

eal|_ +  H;iO+ —*■ H (4)
The reactions of H atoms were therefore studied at pH 
<1.0 to ensure complete conversion of eaq'  to H atoms,
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TABLE I: Reaction Rate Constants of OH and O Radicals with Unsaturated Aliphatic Alcohols in Aqueous Solution12

S olute , S Form ula
k(OH +  S), M - '  sec' 1 

at pH  7 .0
k(CT +  S ) , M - '  sec- 1 

at pH  14,0

Ally alcohol
1.4- Pentadien-3-ol

2.4- Hexadien-1-ol

CH2= C H C H 2OH
c h 2= c h c h c h = c h 2

OH
CH3C H =C H C H =C H C H 2OH

6.0 ±  1.5 X 109
1.0 ±  0.2 X 1010

9.8 ±  1.0 X 109

2.9 ±  0.5 X  109
2.4 ±  0.5 X 109

4.3 ±  0.8 X 109

a D ete rm ined  by follow ing the fo rm ation  k inetics  of the transients  produced from  the reaction  of OH and O -  rad ica ls  with the alcohols at the appro­
pria te  w avelengths.

and in the presence of tert-butyl alcohol (usually ~ 1.0 M) 
to scavenge the OH radicals. The radical produced7 from 
f-BuOH absorb below 280 nm with À255 ~900 M ~1 cm“ 1, 
and are relatively unreactive. The concentration of the 
solutes was high enough to ensure complete scavenging of 
OH or 0 “ radicals and at the same time avoid their re­
action with e a q “ .

The reaction rate constants of OH and 0 “ radicals were 
obtained by following the formation kinetics of the result­
ing transient species produced at the appropriate wave­
length. The conditions were adjusted for the reaction to 
take place after the equilibrium between OH and 0 “ was 
reached. Under these conditions, the observed rate con­
stant is a composite

,  - ,  [H+] 1 ~  [H+]
voted ° H +  S [ h + ]  +  K 0 + S [ H + ]  +

where Koh = 1.26 X 10-12. At pH <10, the fco -s  term is 
negligible since usually &oh+s > feo“ +s- At pH 14 for the 
solutes studied the feoH+s contribution was relatively low 
(a few per cent). The results obtained and the corrected 
rate constants are presented in Table I.

Spectra of Intermediates
The absorption spectra of the transients were measured 

at ~1  psec or at a few /usee after the pulse, depending on 
the acid-base equilibration time of the transients pro­
duced, and before any noticeable decay of the transient 
occurred. The observed changes in the absorption spectra 
of the intermediates are taken as an indication of either 
the acid-base properties of the radicals produced or to a 
change in the site(s) of attack on the solutes by 0 “ , com­
pared to OH radicals. Hence, at pH <11 0 the changes in 
OD us. pH were associated with the acid-base properties 
of the radicals and pK a values were derived. At pH >11.0, 
positive assignment of the dissociation constants is not al­
ways possible. Fortunately, in our systems the pKa values 
of the radicals produced were below the pKa of the OH 
radical (pK a = 11.9).

The transient absorption spectra resulting from the 
reaction of OH and 0 “ radicals and of H atoms with allyl 
alcohol, l,4-pentadien-3-ol, and 2,4-hexadien-l-ol are 
given in Figures 1-3, respectively. The dependence of the 
transient spectra on the pH and the experimental condi­
tions used are also given. The data concerning the spec­
tral characteristics, decay kinetics, changes in the site(s) 
of attack, and pKa values of the radicals produced are 
given in Table II. The rates of radical-radical reactions 
may be incorrect in cases where two or more radicals are 
produced in the system. Hence, the extinction coefficients 
and decay rates given are the overall experimentally ob­
served values. In spite of this difficulty, the results do

Figure 1. Transient absorption spectra of intermediates pro­
duced in aqueous solutions of 3 mM allyl alcohol from the reac­
tion with H atoms ( • ,  pH 0.7, In the presence or absence of 1.0 
M f-BuOH), OH radicals (O, pH 5.0, 1 atm of N20 ), and O ' 
radicals (□ , pH 14.0, 1 atm of N20 ). Insert shows change in 
absorbance at 280 nm with pH due to the change in the site of 
attack by 0 “  radicals (total dose =  1.3 krads/pulse).

clearly indicate the changes occurring and the assignment 
of the various absorption bands produced.

Discussion
Hydroxyl radicals readily abstract a hydrogen atom 

from C-H bonds and other bonds, as well as add to unsat­
urated compounds (double bonds, aromatic and heterocy­
clic rings, etc.). The rate constants11 for addition of OH 
radicals to unsaturated compounds are a few times higher, 
k > 6.0 X 10® M _1 sec“ 1, than those for abstraction from 
saturated compounds, k < 2.0 x  10® M “ 1 sec-1 . Hence, 
in the case of solutes with unsaturated groups one would 
expect predominantly an addition reaction

OH + CH,_=CHCH,OH—
•CH.,— CHCH,OH (5a)

‘ I '
OH

HO CH2— CH CH ;OH (5b)
Both radicals are saturated -hydroxy aliphatic radicals 
and are expected to absorb below ~ 250 nm.7 The tail ab­
sorption of these radicals can be seen in Figure 1. It is in­
teresting to point out that the reaction of H atoms with 
allyl alcohol produces a similar transient absorption (Fig­
ure 1) and similar radicals, indicating that H atoms also 
add predominantly to double bonds.
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age) of the electron transfer reactions were derived rela­
tive to the reaction

■COr + BQ —> BQ“ +  CO, (9)

taken as 100% efficient. The results obtained are given in 
Table III.

From the benzoquinone titration method it follows that 
~  12% of the OH radicals produce radical III

OH + CH2=CHCHX)H —^ CH,=CHCHOH + H,0 (10)
m

based on the reaction
CH2=CHCHOH + BQ —*- CH,=CHCHO +  -BQ” + H+

( 1 1 )

It is difficult, from spectroscopic observations, to assess 
the extent of forms I and II produced by attack of 0 "  on 
allyl alcohol. It appears that forms I and II could have 
higher e values than radical IV and somewhat similar ab­
sorption maxima. The probability of formation of forms I 
and II is, however, rather small.

Pentadienol. Five different species (V-IX) could be pro-

Figure 2. Transient absorption spectra of intermediates pro­
duced in aqueous solutions of 1 mM 1,4-pentadien-3-ol from 
the reaction with H atoms ( • ,  pH 0.7, 1.0 M f-BuOH, corrected 
for absorption due to f-BuOH radical), OH radicals (®, pH 3.2, 
1 atm N20  and O, pH 10.7, 1 atm N20 ), and O ' radicals (□ , 
pH 14.0, 1 atm N20 ). Insert shows change in absorbance at 
270 and 300 nm with pH (total dose =  2.5 krads/pulse).

At higher pH values (pH >12), the O ' radicals become 
the reacting species, reaction 1, and a new very strong 
transient absorption appears with Xmax 272 nm (see Fig­
ure 1 and Table II). This absorption is suggested to be due 
to a radical produced from the abstraction of an H atom 
from allyl alcohol by O ' radicals. Three isomeric forms 
are possible (I—III) but abstraction from the allylic posi-

CH=CHCH,OH CHv= CC1LOH CH2=CHCHOH
I II m

tion to produce III is expected to predominate. Radical III 
has previously been produced from the reaction of eaq“ 
with acrolein

eaq'  + CH,=CHCHO CH,=CHCHCT (6) 
and the equilibrium constant determined12

CH2=CHCHOH .  ̂ CH,=CHCHO“ +  H+ (7)
pif, = 9.6

III IV
Since the transient absorption obtained at pH 14.0, Figure 
1, is quite similar to that reported12 for radical IV, it is 
concluded that O ' radicals abstract from the a-carbon 
position in allyl alcohol, reaction 8 followed by 7

O ' +  CH2=CHCH,OH — -  CH2=CHCHOH -I- OH“ (8)
The change from reaction 5 to reaction 8 is in agreement 
with the previous observation.2

The formation of radical III from the reaction of OH 
radicals with allyl alcohol in neutral solutions was also 
demonstrated using the electron transfer to p-benzoqui- 
none method described elsewhere.13-14 Briefly, a-hydroxy- 
alkyl radicals readily transfer an electron to a quinone 
while the /?- and 7 -hydroxy radicals do not. p-Benzoqui- 
none (BQ) was used as the electron acceptor and the for­
mation of the semiquinone radical anion -B Q ' was moni­
tored at 430 nm.14 The efficiencies (expressed as percent-

CH,— CHCHCH= CH,
r  1
OH OH

V

C H . C H  CHCH=CH,
' I I

OH OH 
VI

CH2=CHCCH=CH2

OH
vn

CH=CHCHCH=CH,
I
OH
VIII

CH,=CCHCH=CH,
I
OH
IX

duced from the reaction of OH radicals with 1,4-penta- 
dien-3-ol. Forms V and VI are expected to have a rather 
weak absorption, similar to that of the H atom adduct, 
Figure 2. Form VII is the only one to have acid-base prop­
erties due to the «-hydroxyl group

CH,=CHCCH=CH, -  CH,=CHCCH=CH2 +  H+
j pK„ = 8.9 j
OH 0 “
vn x

( 1 2 )

It is interesting to note that this pK a is considerably lower 
than that of the C H 3C(OH )CH 3 radical, due to the strong 
conjugation of the odd electron with the double bonds. 
The spectra for this radical (Figure 2) show the presence 
of some contribution from forms V and VI. Furthermore, 
the BQ titration method indicates that ~25% of the OH 
radicals produced form VII (see Table III). This relatively 
high percentage indicates that the C3-H bond is rather la­
bile due to the conjugation with the double bonds on both 
sides.

Forms VIII and IX probably have a strong absorption 
and its apparent absence would seem to indicate a small 
probability for their formation on reaction of OH radicals 
with l,4-pentadien-3-ol. Hence, one can assume that OH 
predominantly adds to this diene to give radical V and 
also some radical VI.

The O ' radicals are expected, as with allyl alcohol, to 
abstract an H atom (with very little, if any, addition) 
leading to the transient spectrum with A m ax 295 nm
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Figure 3. Transient absorption spectra of intermediates pro­
duced in aqueous solutions of 1 mM 2,4-hexadien-1-ol from the 
reaction with H atoms ( • ,  pH 0.7, 1.0 M f-BuOH, corrected for 
absorption due to f-BuOH radicals),,OH radicals (O, pH 5.0, 1 
atm of N20  and A, pH 11.2, 1 atm N20 ), and 0 "  radicals (□ , 
pH 14.0, 1 atm of N20). Insert shows change in absorbance at 
270, 280, and 310 nm with pH (total dose =  1 krad/pulse).

shown in Figure 2. This spectrum is suggested to be due 
to radical X, as well as to VIII and IX. From the observed 
overall absorption at 295 nm and the percentage forma­
tion (25%) from the OH radical, one can calculate an e295 
~1 X 104 M _1 cm ^1 for radical X. Comparison of this 
value with the overall observed e = 2 X 104 M _1 cm- 1 
suggests that forms ’/III and IX must have extinction 
coefficients <2 x 104 M -1 cm-1 . Only form VII is expect­
ed to have a delocalized unpaired electron.

Hexadienol. While in l,4-pentadien-3-ol the double 
bonds are symmetrically positioned on either side of the 
a-hydroxy radical (form VII above), in 2,4-hexadien-l-ol 
both double bonds are on side of the a-hydroxy radical 

CH:JCH=CHCH=CHCHOH 
XI

Here also the unpaired electron is, to a certain extent, 
delocalized. From the 3Q  titration method (see Table HI), 
~13% of the OH radicals produce radical XI. Only this 
radical is expected to show acid-base properties
CH;,CH=CHCH=CHCHOH - .. -

XI pK‘, = 96
CHaCH=CHCH=CHCHCT + H+ (13)

XII
The maximum at 310 nm in Figure 3 is considered to be 

due to radical XII while radical XI absorbs at ~275 nm. 
Due to the assymetry of 2,4-hexadien-l-ol, a greater vari­
ety of transient species can be produced from the attack 
of OH radicals. The addition reaction of OH to the double 
bonds can result in the formation of four radicals, all of 
which are expected to absorb weakly and have spectra 
similar to that of the H atom adduct (Figure 3, • ). The

TABLE III: Fraction (Expressed as Per Cent) of a-Hydroxyl Alkyl 
Radicals, >C-O H, Produced from the Reaction of OH Radicals 
with Unsaturated Aliphatic Alcohols in Aqueous Solution12

%  of 
> C O H

N atu re  of rad icals
Solute rad ica l donor1' p rod uced6

Allyl alcohol CH2=CHCHOH 12.0
1.4- Pentadien- CH2= C H C C H = C H 2 25.0

3-ol t ¿H
2.4- Hexadlen- CH3CH=CHCH=CHCHOH 13.0

1 -ol

a D ete rm ined  based on the tran sfer of an e lectro n  from  > C O H  rad ica ls  
to p -b en zoqu lnon e  (B Q ), see text. Form ation  of - B Q -  m onitored a t 430  
nm during the pulse radiolysis of 2 m M  aqueous solutions of a lcoho ls  at 
pH 7 .0  in p resen ce  of 20  f iM  BQ and N 20  (1 a tm ). Total dose ~ 1 . 0  
k ra d /p u ls e . 6 1 00 %  w as determ in ed  from  the reaction  of e a q -  or - C 0 2 ~ 
rad ica ls  with BQ, under o th erw ise  Identical exp erim enta l conditions  
(values good to ± 1 5 % ) .  c The structures show ing the  con jugatio n  of 
the odd e lec tro n  with the  double bonds are  not show n for co nven ience .

abstraction of an H atom by OH radicals can, in addition 
to XI, yield another five radicals of the type > C = C -. 
These species are expected to have high e and apparently 
have maxima in the 270-nm region (Figure 3, A). This 
conclusion follows from the observed absorption remaining 
(at 270 nm) at pH 11.2 when conversion of radical XI to 
XII has occurred.

The O” radicals predominantly abstract an H atom. 
From the increase in absorption at 270 and 310 nm a 
threefold increase is observed at pH 14.0 compared to pH
11.2. Based on 13% formation of radical XII from reaction 
with OH radicals (Table III), ~40% of O - radicals pro­
duce radical XI. The majority of the remaining 0 -  radi­
cals presumably give > C = C - type of radicals and these 
must have high extinction coefficients (~  50,000 A/ - 1 
cm-1 ), see Table II.

Esr Observations
In order to verify the assignments given to the radicals 

produced by the reactions of O - esr experiments have 
been carried out. Solutions contaning 0.01 M  of the alco­
hol and saturated with N20  at pH 13.7 have been irra­
diated continuously by 2.8-MeV electrons while flowing 
through a silica cell within the esr cavity and the spectra 
recorded under steady-state conditions as described pre­
viously.9 The hyperfine constants and g  factors calculated 
from the spectra are summarized in Table IV together 
with the suggested structures of the radicals.

With solutions of allyl alcohol the spectrum consisted of 
lines resulting from two different radicals with relative 
concentration of about 1:1.5. The parameters calculated 
from the more intense lines are shown first in Table IV. 
Both radicals contain three inequivalent protons with hy­
perfine constants between 11 and 13 G and one proton 
with ~2-G splitting. These values are characteristic of 
allyl-type radicals as previously observed for the allyl rad­
ical itself15 and for the hydroxyallyl radical.16 In the latter 
case, as in the present study, two geometrical isomers of 
the radical have been observed. In both cases it is not pos­
sible to assign the parameters to a specific isomer and the 
distinction made in Table IV is only tentative, although it 
is supported from the results for the third radical in that 
table. Comparing the esr parameters determined in the 
present study with those obtained previously for the pro-
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TABLE IV: Esr Parameters and Suggested Structures of Radicals 
Produced by Reaction of 0 “ with Ally! Alcohol and 
1,4-Pentadien-3-ola

Proton
hyperfine

Solute R ad ica l g  factor" constants“

A lly l a lc o h o l H
I 2 .0 0 3 1 7 1 2 .8 5

H. A  H 

I I

1 2 .3 8

1 1 .9 9
H 0 “ 1 .8 7

H

H . ^ < L  ^ 0 -
s* c - '

I I

2 .0 0 3 3 5 1 3 .2 7

1 2 .4 1
H H 1 1 .0 8

H H

H X CX C X C / H
I I I

2 .4 9

1 ,4 - P e n t a d ie n - 2 .0 0 3 0 0 8 .7 6 ( 2 )

3 -o l H O“  H 8 . 4 0 ( 2 )

1 .9 9 ( 2 )

“ E xperim ents  carried  out with aqueous solutions contain ing 1 0 ~ 2 M  
of the a lcoho l, 0 .5  M  K O H , and saturated  with N 20  under continuous  
irrad iation  w ith 2 .8 -M e V  e lec tro n s  directly  in the esr cavity. " D ete rm ined  
by com parison to the peak  fro m  the silica cell and acc u ra te  to ± 0 .0 0 0 0 5 .  
“ G iven In gauss and a c c u ra te  to ± 0 .0 3  G . The num ber of protons dis­
playing the splitting Is given in p aren theses  if d iffe ren t than one.

tonated form of the radical,16 it is seen that dissociation 
of the OH group causes increase in the g factors and de­
crease in the hyperfine splittings as observed for simple 
a-hydroxyalkyl radicals.9 These changes indicate that the 
shift of spin density to the O-  is larger than that to the 
OH.

The reaction of 0 “ with l,4-pentadien-3-ol is expected 
similarly to result in abstraction of the central hydrogen 
atom and to produce a five carbon conjugated system. 
Again, because of lack of free rotation around all the C-C 
bonds, several isomers can be produced of which two are 
symmetrical and one is asymmetrical. The spectrum re­
corded with this compound consisted of lines of one radi­
cal only. Because three sets of two equivalent protons 
have been observed, the structure of this radical must be 
symmetrical. The structure shown in Table IV seems 
more likely than the other possible orientation, where the 
end carbons will be very close to each other.

Experiments with 2,4-hexadien-l-ol were not successful 
because the complexity of the esr spectrum resulted in 
very low signal-to-noise ratio.

Summary
The OH radicals have been shown to predominantly 

add to carbon-carbon double bonds, and a small propor­

tion (~  10- 20%) can abstract from allylic positions or 
more generally from CH groups. The extent of the ab­
straction reactions are enhanced by about a factor of 2 
from C-H bonds conjugated with double bonds, as in the 
case of l,4-pentadien-3-ol. Similarly, it is anticipated that 
a small fraction of the OH radicals will abstract an H 
atom from aromatic substituents (e.g., benzyl alcohol, tol­
uene, etc., and other higher homologs) and from heterocy­
clic substituents (e.g., thymine, 6-methyluracil, meth- 
ylpyridines, etc.).

The O radicals, on the other hand, predominantly ab­
stract H atoms since their rate constants for addition to 
double bonds and aromatic rings are lower.

The acidity of the hydroxyl group in a-hydroxy radicals 
is further increased by the presence of adjacent double 
bonds, e.g., the pK a of CH2=CH C(O H )CH =CH 2 is 3.3 
units lower than that of the CHsC(OH)CH3 radical (pK a 
= 12.2).11 Similarly, the CH3CH=CHCH=CHCHOH 
radical has a pK a of ~ 2  units lower than that of the 
CH3CHOH radical (pK a = 11.6).17

It is suggested that the reactions demonstrated here 
may be of importance in the fields of radiation polymer­
ization and biological radiation damage.
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Combining Rules for Intermolecular Potential Parameters.
III. Application to the Exp 6  Potential

Chang Lyoul Kong* and Manoj R. Chakrabarty
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A set of combining rules for intermolecular pair potentials recently formulated and shown to be satisfac­
tory for both the Lennard-Jones (12-6) potential and the Morse potential is applied to the exp 6 poten­
tial. Examination of the transport properties of the noble gas systems indicates that the same combining 
rules are also satisfactory for the exp 6 potential and, in fact, superior to the other combining rules pre­
viously suggested for the exp 6 potential model.

Introduction
In part II of this series,1 a new set of combining rules for 

intermolecular pair potentials has been formulated based 
on Smith’s model2 of atomic distortion for the repulsive 
potentials and Zener’s model3 of atomic interactions for 
the attractive potentials. Examination of virial data and 
transport properties indicated that the new rules are sat­
isfactory in correlating the effective pair interactions of 
noble gas atoms when the pair interactions are represent­
ed by simple analytical potential functions such as the 
Lennard-Jones (12-6) potential and the Morse potential. 
This paper presents the application of the same combin­
ing rules to the exp 6 potential as a part of the continuous 
test of the proposed rules. Evidence from the transport 
properties of noble gas systems again indicates the new 
rules to be very satisfactory in correlating the pair inter­
actions of noble gas atoms given by the exp 6 potential. 
Several other combining rules previously suggested for the 
exp 6 potential are also examined in comparison with the 
new rules.

The Combining Rules
The exp 6 potential is of the form

U(R) =  ------- 77T
T6 , / r  \61— g«[ 1 — IR/  r)] — |Á )La VR J  J ( 1 )

When the new combining rules, eq 1, 2, and 4 of ref 1 are 
applied to this potential, the following relationships are 
obtained

and

git 12 -|2ru/«u IICcd

r eii«ne““ T"

cT 
—1

L(an -  6)ruJ L(a2,

IfL _ i| l ̂
 

+

«12 2

e!2« 12̂ 126 r en«nrn6

A 22 ~\r22/a22

( « 1 2 . ( « „  -  6) (a ,2 — 6)_

(2 )

(3)

(4)
For a given pair of unlike molecules, the parameters ei2, 
ri2, and a\2 can be predicted from a knowledge of those 
for the corresponding like pairs by numerical solution of 
eq 2-4.

Test of the Combining Rules
To test the adequacy of the combining rules, the binary 

diffusion coefficients, Z)12, of noble gas systems were com­
puted from the unlike-pair parameters predicted by eq
2-4, and the results are compared with experimental data. 
The like-pair parameters of Ne, Ar, Kr, and Xe deter­
mined by Hogervorst4 from recent viscosity measurements 
between 100 and 1600°K were used in the calculation. The 
predicted parameters for the unlike-pair interactions are 
given in Table I together with the Hogervorst’s experi­
mentally deduced values from his extensive D12 data.5 
The parameters of He-Ne, He-Ar, and He-Xe were ob­
tained using the like-pair parameters of helium presently 
estimated from the parameters of Kr-Kr4 and He-Kr5 
with the combining rules. The diffusion coefficients were 
calculated to the first-order approximation6 employing the 
Z* integrals tabulated by Mason and Rice.7'8 In all neces­
sary interpolations of Z* values, at least four significant 
figures were retained. This computational accuracy is ex­
pected to be sufficient for the present purpose. In each 
mixture examined by Hogervorst, the heavier component 
is a small admixture9 and for a mixture with this kind of 
composition the second-order correction factor to D12 is 
very close to unity.6 Thus the neglect of the higher order 
correction in the present calculation would not result in 
any significant computational error. When the calculated 
D12 was compared with the smoothed experimental values 
given by Hogervorst, the agreement was excellent in every 
mixture over the entire temperature range of 300-1400°K 
with the highest per cent deviation of only 0.5% occurring 
in the mixture of He-Xe. The overall accuracy of the ex­
perimental measurements is reported as ± 2%.

Various combining rules have been suggested for the 
exp 6 potential in previous studies.4.10-12 Table II shows 
four sets of those rules reported to be quite effective for 
certain molecular systems. To have a comparative test on 
these rules, the calculated Dy2 of the noble gas mixtures 
from the unlike-pair parameters predicted by each set of 
the combining rules were again compared with the experi­
mental data. For all systems not containing helium, the 
rules of Hogervorst work very well giving practically the 
same successful results obtained with the new combining 
rules. The successes of the other three sets of rules are 
very much mixed depending on the system considered. 
Figure 1 shows an example of the comparisons for the sys­
tem of Ne-Xe, and Table III gives the potential parame-
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TABLE I: Unlike-Pair Parameters of the Exp 6  Potential

11 , K Ti2>Â a-\2

System  pred exp t* pred exp t* pred expt*

Ne--Ar 68.89 64 .5 ±  4 3.447 3.46 ± 0.03 15.52 15.5
Ne -Kr 77.25 71 .5 ±  4 3.594 3.60 ± 0.03 15.74 15.5
Ne--Xe 79.32 73 ±  4 3.841 3.87 ± 0.04 15.78 15.5
A r- Kr 163.1 150 ±  7 3.893 3.94 ± 0.03 14.91 15
A r- Xe 181.0 174 ±  6 4.106 4.13 ± 0.04 14.88 15
He -N ea 28.13 20 ±  4 2.857 2.91 ± 0.03 16.00 16
He -A ra 39.85 40 ±  3 3.322 3.31 ± 0.03 15.73 16
He--Xea 43.13 49 ±  4 3.743 3.72 ± 0.04 16.12 16

a P redictions a re  im ade using the estim ated  He - H e  p aram eters  of ¿11 /k
— 1 9 .6 7 °K , r n  =  2 .6 6 2  À, and =  1 5 .8 8 . S ee  the text. * R efe ren ce  
5.

TABLE II: Combining Rules for the Exp 6  Potential Parameters

C om bin ing rules Ref

M ason-R ice
« 1 2  1 / - « 1 2  « 1 2 \  
712 -  2 \  r  12 +  r 12 / (¡ ) 10

f i 2e“ 12 / « i2e“ 12. <h2e“ 12 \  1/2
« 1 2  -  6 ~~ V « 1 2  -  6 « 1 2  — 6 /

V11/

Equation 4
Srivastava «12 =  (e 11C22) 1/2 

Equation i
(iii) 11

Hogervorst

Equation 4
2f 1 1«22

i 1 2  «11 +  «22
(iv) 4

«12 =  V2 («11 +  « 22) 
Equation 4

(v)

Calvin-Reed f i 2 =  ( r  11 r"22) 1/2 (Vi) 12, 14
«12 =  («11 « 22) 1/2 
Equation iii

(vii)

New rules Equations 2, 3, and 4

ters predicted by the different set of combining rules for 
this system. The success of Hogervorst’s rules, however, 
seems to be a limited one. When his rules are applied to 
He-Xe mixture, the calculated diffusion coefficients show 
deviations from the observed values in excess of the esti­
mated error limit of the experimental measurements at 
the entire temperature range. This result is rather signifi­
cant because the same rules work very well for mixtures 
such as He-Ne and Ne-Xe indicating it is unlikely that 
the poor prediction of DJ2 for He-Xe mixture is simply 
due to improper parameters adopted for He-He or 
Xe-Xe interactions. The D^2 of He-Xe mixture calculated 
with Hogervorst’s rules are also plotted in Figure 1.

Discussion
It has been shown that within the framework of the exp 

6 potential, the new combining rules give very satisfactory 
correlation of the pair interactions for the noble gas 
atoms. Although the present test of the various combining 
rules is by no means an exhaustive one, the new rules 
show a clear advantage over the other rules. Mason and 
Rice’s rules are based on the commonly assumed geomet­
ric-mean relationship of the repulsive potentials, 
Ui2rep(R) = [U1i reHR)U22lep(R)}1/2- Since the Mason- 
Rice rules and the new combining rules both adopt the 
same formula of eq 4 for the attractive interactions, the

TABLE III: Unlike-Palr Parameters of the Exp 6  Potential 
Predicted by Various Combining Rules

System Combining rules « i î/K  °K «12, Â «12

N e-X ea M ason-R ice 134.8 3.501 15.13
Srivastava 105.7 3.663 15.83
Hogervorst 73.80 3.878 15.40
Calvin-Rged 105.7 3.651 15.39
New rules 79.32 3.841 15.78

He-Xe Hogervorst 44.71* 3.716* 15.90*
New rules 43.13 3.743 16.12

0 Predictions a re  m ad e  using the  like -p a ir  param e te rs  of ref 4 . * P re ­
dictions are  m ad e using the H e -H e  param e te rs  ( t n / k  =  2 4 .4 6 °K , r n  =  
2 .5 8 4  A, and « 1 2  =  1 7 .0 ) obtained from  the K r-K r  and H e -K r  p aram eters  
w ith H ogervo rst’s rules.

Figure 1. Comparison of ca lcu lated and experim ental diffusion 
coeffic ients: dots, smoothed experim ental results; curve 1, 
M ason-R ice rules; curve 2, Srivastava-S rivastava rules; curve 
3, Hogervorst rules; curve 4, Calvin-Reed rules; curve 5, the 
new rules.

present test provides another evidence indicating the su­
perior nature of Smith’s rule2 over the geometric-mean 
rule for the repulsive interactions. The rules used by Hog­
ervorst4 include the purely empirical relationship of eq iv 
in Table II. This formula has been extensively tested by 
Lin and Robinson13 in conjunction with the Dymond- 
Alder potential, and has been concluded as a more suc­
cessful formula for the noble gas systems except for the 
systems containing He as a component. The present result 
is in accordance with Lin and Robinson’s conclusion. Cal­
vin and Reed’s rules14 were first proposed for the Mie 
(n-6) potential and recently applied12 to the exp 6 poten­
tial with some apparent success in correlating the second 
virial coefficients of polyatomic gases.

The result of the present test on the new combining 
rules together with the results obtained in part II of this 
series1 seems to indicate that the new rules contain ele­
ments of truly wide range of applicability. Extended ap­
plications of the present rules to the more realistic multi­
parameter potential models are presently under investiga­
tion.
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The Effective Molecular Quadrupole Moment of Water

P. T. Eubank

D e p a r tm e n t  o f  C h e m ic a l  E n g in e e r in g ,  T e x a s  A  & M  U n iv e r s it y ,  C o lle g e  S ta t io n ,  T e x a s  7 7 8 4 3  (R e c e iv e d  N o v e m b e r  27, 1 9 7 2 ;  

R e v is e d  M a n u s c r ip t  R e c e iv e d  J u n e  29, 1 9 7 3 )

P u b l ic a t io n  c o s ts  a s s is te d  b y  th e  N a t io n a l  S c ie n c e  F o u n d a t io n

The theoretical equations for the dipole-quadrupole contribution to the second virial coefficient, AB„q, 
are reviewed for molecules with either weak or strong electrical moments and which possess either axial 
symmetry or not. A method for calculation of the effective quadrupole moment for molecules lacking 
axial symmetry is shown to be exact for weak electrical moments. The use of Qzz as the effective mo­
ment is proven incorrect together with the recent conclusion of Kubin that AB^q is unimportant for 
water at 100°.

Introduction
In a recent issue of this journal, Kubin1 used an effec­

tive quadrupole moment for water of Q = Qzz = -0.266 X  

10~26 esu cm2, where

Qct) =  ^-/3e,rlart/j -  qyy8at,) (1)

and

qaB =  Z e .r ^ r ^  (2)
i

This definition of QaB provides values twice that of Buck­
ingham,2 Stogryn and Stogryn,3 and others. The present 
paper contends that the use of Q = Qzz for molecules with 
less than threefold symmetry (such as water) is faulty as a 
first-order approximation and, thus, the resultant conclu­
sion of Kubin that the dipole-quadrupole contribution to 
the second virial coefficient, A i s  negligible at 100° is 
erroneous.

General Theory
For molecules with axial symmetry

Q = Qu =  -  (1/2 )Q „  = -  (1/2 )Qyy (3)
and the electrical pair potential contribution due to the 
interactions of the permanent dipole and quadrupole mo­
ments is given by Buckingham and Pople4

Uel =  q2r~ 3 ■ -  (3/4)/j.Qr~*g2 +  (3/16)Q2r~b ■ g3 (4)
where g is the dipole moment, r is distance between cen­
ters of mass, and gi, g2, and g3 are each trigonometric 
functions of the angles of orientation of the two molecules. 
Addition of the familiar Lennard-Jones central pair poten­

tial to eq 4 followed by exact integration over the angles of 
orientation and r yields5

B*(y) =  F(y,T) +  G1(y,T,y) +  G¿y,r,y) (5)

where B* = [3B(T)/2Ñire3] is the reduced second virial 
coefficient, B{T) is the second virial coefficient, Ñ  is Ava- 
gadro’s number, cr is the collision diameter, y = 2(c/<cT)1/2 
is the reduced temperature, e is the minimum energy, k is 
the Boltzmann constant, r = (g2/tcr3) is the reduced di­
pole moment, y  = (Q2/4eo-5) is the reduced quadrupole 
moment, F(y,r) is the dipole-dipole contribution (a power 
series in r), Gi (v,t,7 ) is the dipole-quadrupole contribu­
tion (a matrix in r and y), and 62(3/, r,7 ) is the quadru- 
pole-quadrupole contribution. The leading term of the G1 
matrix is - (6 4 )_17r-H8(y), where Hg is one of the tem­
perature-dependent functions introduced by Buckingham 
and Pople. For molecules with small dipole and quadru­
pole moments, the above element of Gj matrix is suffi­
cient. With molecules that are axial symmetric and pos­
sess strong dipoles and quadrupoles (i.e., ammonia), a 
number of leading elements of the G1 matrix must be 
added to obtain an accurate value of the second virial 
coefficient. These methods were developed about 20 years 
ago by Buckingham and Pople; digital computers now 
make possible the accurate calculation of A r e g a r d l e s s  
of the temperature or the strength of the dipole moment 
or quadrupole moment. Truncation of the Gi matrix to 
the single term given above is inexcusable for axial sym­
metric molecules with strong dipoles and quadrupoles.

Calculation of AB^q for molecules not axially symmetric 
(such as water) involves further complications as there are 
two independent elements from Qzz, Qxx, and Qvv of the
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.0

Figure 1. Atomic charge distribution for the water molecule.

traceless, diagonal matrix of the quadrupole moment ten­
sor, Q. For molecules with weak dipole and quadrupole 
moments, Kielich6 has shown that

a r *  =  ~ [ l 2( f r j  W Q : Q)] (6)

where (r~8) for a Lennard-Jones central pair potential is 
[ir//8(y)/3y4(r5]. In general, Q:Q = Qxx2 + Qy y 2 + Qzz2. 
Equation 6 yields — (64)~17 tZ/8-(}') for an axially symmet­
ric molecule [Qzz = - { l / 2 )Qxx = - { l ! 2 )Qyy\ in agree­
ment with the discussion above. The effective quadrupole 
moment Q is defined7 as

Q 2 = (2 /3 )lQ :Q ] or Q2 = |[9 trace(qyy2) — 3(trace q)2]
(7)

so that for molecules with weak dipoles and quadrupoles 
eq 5 and 6 are consistent. It can also be shown that Q2 = 
- 4/2/ 3, where

I> = Q x x Q y y  + Q x x Q z z  + Q y y Q z z  (8 )
is the second invarient of Q. Equation 7 is temperature 
independent under the assumption of weak electrical mo­
ments.

The theory is thus complete except for molecules such 
as water which are neither axially symmetric nor possess 
W'eak electrical moments. Preliminary investigations8 into 
the extension of Kielich’s methods to include molecules of 
stronger moments indicate considerable complexity lead­
ing to prohibitive calculation time and costs even with a 
modern digital computer. As with Kubin,1 an effective 
quadrupole moment for water must be assumed. However, 
Kubin’s use of Q = Qzz does not agree with eq 6 (the cor­
rect first-order approximation to AB^q for a molecule of 
less than threefold symmetry).

Calculations for Water
Measured values of Qzz for water are always small,

I Qzz I < 0.3 X 10"26 esu cm2,3-9-13 where the principal 
axes and quadrupole moment definition of Kubin are 
used. Values of Qyy and Qxx are much larger (2-6 x 
10- 26) with Qyy ~  —Qxx in the traceless, diagonal tensor. 
This can be understood from the triangular, atomic model 
shown by the diagram. From eq 1 and 2, qzz = 2e(b2 -  
l2), qxx = 2ec2, qyy = 0, qa0 = 0 (a ^  /?), Qzz = 2e[2 (b2 -  
l2) — c2], Qxx = 2e[2c2 -  t>2 + l2], and Qyy = 2e[/2 -  b2 -  
c2]. As l C  b and l <S c, tan \p sr c/b, and Qzz s  2e[2t>2 — 
c2] is zero if tan \p = v'2 or \p = 54.2° whereas actually \p = 
(<HOH)/2 52.3°. Likewise, Qxx =  3ec2 and Qxy si —3ec2.
From eq 7, Q s  2V3ec2.

Rowlinson14 used a similar triangular, atomic model to

calculate the charge e from the molecular dipole moment, 
M = eb. A single quadrupole moment corresponding to qxx 
= 2 ec2 = 1.81, was then found and used as the effective 
moment in the dipole-quadrupole term of the pair poten­
tial. Since the pair potential used by Rowlinson is consis­
tent with the definition of Qa0 that yields values one-half 
that of eq 1, Q = 2qxx = 3.62. Kubin first misinterprets 
Rowlinson’s model by failing to double the moment to 
correspond to the definition of eq 1. Second, Kubin as­
sumes that Rowlinson’s qxx is Qzz. The present atomic 
model, which is more detailed than that of Rowlinson, 
yields Q s  2V3ec2 compared to Rowlinson’s Q = 4ec2 or 
a difference of ~'15%.

A modification of Rowlinson’s procedure based on bond 
dipole moments for charge assignments7 does yield values 
of the diagonal elements: Qzz = -0.12, Qxx = +2.80, Qyy 
= - 2.68, Q(eq7) =3.16.

With the measured moments used by Kubin of ref 10, Q 
= 5.92 from eq 7. The measured moments of ref 9, 11, 12, 
and 13 yield Q = 4.24, 4.72, 4.50, and 2.60, respectively. 
These values may be compared to the effective moment 
selected by O’Connell and Prausnitz15 of —2.0 and Buck­
ingham2 of 4.0.

With Q = 2.60, we3 recently calculated dipole-quadru­
pole contributions to B(T) from 150 to 450° using the data 
of Kell, et al. 16 (AB^q/B) is 15% at 150° decreasing to 11% 
at 450° or (AR^q/A R ^) = 21% over the temperature range 
compared to Rowlinson’s value of 24%.

Note. The values of the quadrupole moments given 
above depend on the molecular location of the coordinate 
origin. As equations such as 4 for the pair potential are 
based on the center of mass (ref 2), that coordinate origin 
(see Figure 1) was used above in regard to both estimated 
and measured quadrupole moments. For water the nucle­
us of the oxygen atom is sometimes used as the coordinate 
origin as in the quantum-mechanical calculations of ref 13 
for the quadrupole and octupole moments. Use of this ori­
gin results in an increase of 8.96% in each quadrupole mo­
ment quoted above. Since AB^q gr Q2, (AR^q/R) would 
be about 18% at 150° decreasing to 14% at 450° or (AB^q/ 
AR„m) = 25% over the entire temperature range where the 
Q values are again based on ref 13. Interestingly, the sim­
ple model of Rowlinson yields a quadrupole moment inde­
pendent of the position of the coordinate origin on the z 
axis of Figure 1.
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Application of the Quasilattice Model to Association in Dilute Reciprocal Molten Salt 
Mixtures. The System Silver Sulfate-Potassium Nitrate1

C. E. Vallet* 2 and J. Braunstein

R e a c to r  C h e m is t r y  D iv is io n ,  D a k  R id g e  N a t io n a l  L a b o ra to r y ,  O a k  R id g e . T e n n e s s e e  ( R e c e iv e d  M a y  10 , 1 9 7 3 ) 

P u b lic a t io n  c o s ts  a s s is te d  b y  O a k  R id g e  N a t io n a l  L a b o r a to r y

New emf measurements of the molten salt concentration cell Ag|KN03,AgN03(ref)IKN03,AgN03, 
K2SO4IAg were carried out over a wide range of silver nitrate concentrations (2 X  10-4 to 10-2 mole 
ratio) and with a new temperature cycling procedure. Experimental results are compared with previous 
data and analyzed in terms of conventional association constants and the generalized quasilattice model. 
The pair association energy corresponding to the equilibrium constant Ky of (AgS04) ' , AAi, is found 
temperature dependent with -(dAAy/dT) ~  2.5 X  10~3 kcal/K. The dinuclear association constant K12 
and association energy, AA12 for A g-S04-Ag, are found to be significant in this molten reciprocal sys­
tem.

Introduction
Measurements of association equilibria in dilute recip­

rocal molten salt mixtures {i.e., dilute solutions of at least 
one foreign cation and one foreign anion in a molten salt 
solvent) provide valuable tests of physical models such as 
the quasilattice model of molten salts.3-4 The system sil­
ver sulfate-potassium nitrate is of particular interest for a 
number of reasons, as indicated by previous investigations 
by means of emf measurements5-6 and phase diagrams.7

First, it is one of few systems in which a temperature 
dependence of the association energy has been reported,5 
but this temperature dependence has been questioned in a 
more recent study.6 Second, systems of mixed charge type 
offer a number of problems connected with the Temkin 
activities of various charged and neutral species and the 
counting of sites on the quasilattice.3-4-8 Third, the phase 
diagram investigation7 provided a confirmation of the ap­
plicability of conformal ionic solution theory9 to the con­
centrated solution region of Ag2S0 4 in molten KNO3. 
Data in the dilute solution region, where a quasilattice 
correction term becomes important,10 appeared to be 
more consistent with a temperature-dependent association 
energy5 rather than with a more recent report of a con­
stant association energy.6 It therefore seemed worthwhile 
to carry out a careful reinvestigation of the possible tem­
perature dependence. Finally, the previous investigations 
were carried out over only a limited range of silver con­
centrations, making it impossible to analyze the data for 
higher order associations than the pairwise association

Ag+ + S(V+ *=* AgSOT; Kl
In most dilute reciprocal molten salt systems in which 
further association has been observed, it has been found 
that the association

MX,-'-i)+ + x -  *=s MX2,£_ai+; K, 

is considerably stronger than dinuclear association

MX1-’ - ’ ’4- + M;+ M2Xi2‘’ “1,+; Ka
where M is Ag or Cd. In the case of Cd, K 12 is found to be 
negligible, probably by virtue of the high charge of the 
cation. It therefore seemed reasonable to design new ex­

periments to permit evaluation of K 12 for the silver-sul­
fate association

AgS04~ + Ag+ ;P=t Ag2S04; Kv,

Accordingly, in this paper we report association equilib­
ria and energies obtained from new emf measurements of 
the concentration cell

AgN031 AgNO;
KNCh 1 KNOj 1 J

] k 2so4
Ref
(1) (2)

The silver concentrations were varied over a wide range 
(mole ratio 2 x  10-4 to 10“ 2) in order to make possible 
the determination of K12 and consequent evaluation of the 
second association energy. Measurements were carried out 
at a series of silver concentrations at two temperatures 
(622 and 663 K). However, in order to establish definitely 
whether or not the association energy AAj is temperature 
dependent, in some of the experiments a cell with a given 
silver concentration was cycled in temperature before and 
after several sulfate additions, the difference of values of 
the emf’s providing a more direct measure of the tempera­
ture dependence of AAi. This new technique was essential 
because of the very small emf change observed in this sys­
tem and the very small magnitude of AA\.

Experimental Section
Chemicals. Potassium nitrate used was ACS reagent 

from Baker. Before use it was vacuum dried at 200°, dried 
under an argon flow as the temperature was increased to 
300°, then melted and vacuum filtered at 3700.11 The po­
tassium sulfate used was ACS reagent from Mallinckrodt, 
recrystallized before use.11 Analysis indicates concentra­
tions less than 10 and 5 ppm, respectively, of Cl“ and 
OH". The silver nitrate used was Spectropure crystals 
from the American Platinum Works.

Furnace and Temperature Control. The furnace was a
3.5 x  3.5 x  4-in. Cooley resistance furnace (700 W). The 
cell was set in an aluminum block in the furnace core to 
minimize the temperature gradient in the melt. The tem-
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TABLE I: Reproducibility of Emf Data Obtained in a 
Temperature Cycle

Emf at Emf at
Time, hr R?(Ag) H2(S04) 622 K, mV 663 K, mV

0
2.6 X 1 0 - 3

-32 .14

2.5 -33 .05
4.5 -37 .34
5.5

2.6 X IO “ 3 5.6 X IO "3
-38 .53

6.75 -37 .17
7.75 -38 .52
8.5 -42.01

10.0
2.6 X 10~3 10 x  1 0 - 3

-40 .58

22.0 -40 .95
23.5 -42 .14

perature was controlled by means of a chromel-alumel 
thermocouple in the aluminum block, its hot junction 
being at the same level as the middle of the liquid in the 
cell, connected to a Leeds and Northrup D.A.T. controller 
and Speedomax H recorder.

The temperature of the melt, measured with a second 
chromel-alumel thermocouple dipping in the cell, was 
found constant to ±0.2° over the runs. The temperature of 
the melt was recorded continuously with a Honeywell po- 
tentiometric recorder.

Cell and Electrodes. The reference compartments were 
of Pyrex tubing (8 mm o.d.) with an asbestos fiber sealed 
into the bottom as described previously,12 They contained 
molten (K-Ag)NOa solutions (mole ratio ^(AgNOs) ~  4 
X 10-3) with a silver wire electrode dipped in the melt.

The measuring compartment was a 250-ml Pyrex beaker 
into which was dipped a bare silver wire electrode. The 
melt (KN03-AgN03-K2S04)(/?2(Ag), i?2(SO4)) in the 
beaker was vigorously stirred and sparged with oxygen-free 
argon in each experiment.

The emfs obtained were mostly in the range -50  to 
+50 mV. The quantities of KNO3 employed in the beaker 
as solvent were approximately 1 mol. Emf measurements 
were made with a Keithley dc differential voltmeter.

Electrode Behavior, (a) Potassium. Nitrate-Silver Ni­
trate Melt. Previously,13 similar cells have been used ex­
tensively and it was shown they follow well Nernst’s law

r  RT x,(AgNQ3) 
L ~ F  ln x](AgN03) ( 1 )

where 1 refers to the reference compartment, ^(AgNOs) 
being the mole fraction of AgNC>3 in compartment i.

First, we checked our electrodes for comparison with 
Nernst’s law by isothermal runs; we found very good 
agreement, better than 0.1 mV. Furthermore, runs carried 
out at two temperatures provided a test of Nernst behav­
ior of the electrodes by means of the difference [ (V /  
T)E(T) -  E(T')J. The average deviation was found less 
than 0.1 mV for ten runs and three electrodes. Although 
we observed after two working weeks a shift of the Nernst 
line, the E vs. In /^(AgNCH) relation was still a linear one 
during a run.

(b) Potassium Nitrate-Silver Nitrate-Potassium Sulfate 
Melt. An estimation of the errors was provided by simul­
taneous emf measurements with two reference electrodes 
in many of the cells. In such cases we found an average

discrepancy through a run of 5 X 10 2 mV. The emf’s 
were unchanged if measured relative to different silver 
electrodes in the beaker. In this way, random errors aris­
ing from variations of bulk melt composition or tempera­
ture variation are separated from errors associated with 
the reference electrodes.

When we operated at 663 and 622 K in a run, we 
checked the reproducibility of the emf measurements on 
returning to the initial temperature. An emf measurement 
was taken first at temperature T, and then the tempera­
ture was fixed at T' and another emf measurement made; 
the temperature was then returned to T and a new mea­
surement was made, followed by another at T'. Table I 
gives results of one such cycle (this one being the worst 
case in terms of Nernst behavior before adding sulfate). 
The relative variation in measured emf changes is less 
than 1% at the lower temperature and less than 5% at the 
higher temperature.

The Evaluation of Association Constants and 
Quasilattice Parameters from Emf Measurements

Calculation of Conventional Constants K lt K 12. The 
emf change upon K2SO4 addition to compartment 2 of 
cell A is given by

x(Ag )x(NQ3) 
x(Ag)i(NO:!) 7(AgN 03) ( 2 )

where i(Ag) and x(NC>3) are ionic fractions before the 
K2SO4 addition and y(AgNOs) is the activity coefficient 
of silver nitrate.

In terms of ionic and mole ratios R, the activity coeffi­
cient may be expanded in power series for dilute solutions 
in AgNOg and K2SO4.14

ln =  K &  -  \ *t*) W K 2S0 4)2 +

(2K yK n ~ K ,2)RlAgN03)f?(K2S04) +  -  (3) 

where K fs  are the conventional association constants

fl(AgSQ4)
’ -  fi(A g)E (S04) ’

R( Ag(SQ4)2) 
J?(AgS04)f?(S04) ’

K, R( Ag2SQ4)
R(AgSO<)R(Ag) (4J

Equation 2 can be rewritten in terms of the mole ratios R, 
since the experiments are most conveniently carried out 
at constant mole ratios of silver nitrate rather than at 
constant mole fractions of silver nitrate. The resulting ex­
pression for the emf change is

X

r _______________ (!+ /? ( AgNQ3))2_____________________
_ln (1 •+ R( AgN03) +  R( K2S04 ) h i + R( AgNO;. ) + 2i?(K2S04 ) )

“  ln T(ÂfÏN07)] {5)

For experiments carried out in dilute solutions, i.e., 
¡R(K2S04) and f?(AgN03) <  1, and at constant mole ra­
tios of silver nitrate, the slope of AE vs. the mole ratio of
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potassium sulfate can be written as the infinite series in 
the stoichiometric mole ratios
r 3AE
L<3Ä(K2S04)_ WAgNOj)

RT
F [(3 +  K J -

R( AgN03)(3 +  K !2 -  2K xK n) -  Ä(K2S04) (5 +  K r  -

M )  +  - ]  (6)

and and the same bond energy, AAy, for successive associ­
ations (AgS04)~, (Ag2S 0 4), (AgzS 0 4) ,2- 2)+ was first ap­
plied. In this approximation K\ and K \2 are given in 
terms of the bond energy AA4 as

K, = Z(e~AAllRT - 1) (8a)

K 1 2

z - 1
2

çe~àAt/RT- 1) (8b)
after substituting eq 3 for the activity coefficient of 
AgNC>3 into eq 5 and expanding the logarithmic expres­
sion in the mole ratios. K1 and K n  are evaluated by first 
determining the limiting slope (s) of eq 6 at vanishing 
E(K2S 0 4) from a plot of AE vs. R(K2S 04) at each silver 
nitrate concentration.

(s) lim
ä (K 2S04)=  0

r dAE 1
_ai?(K2so4)JRlAgNOj)

~  t(3 +  K 0 -

R(AgN03)(3 +  K i2 - 2K ^ )  +  - ]  (7a)

These limiting slopes (s) are then plotted as a function of 
the silver nitrate mole ratio. The extrapolated limit of this 
second plot

i =  lim (s)
fl(AgNO;,l = 0

leads to K 1

K, (7b)

The slope of this second plot at vanishing mole ratio of 
silver nitrate leads to K i2

K 12 3 +  K r J L  r (  d(a) V 
RT fi(A1™ ). 0 \dÄ(AgN0 3);J

(7c)

The numerical values of the mole ratios (Rf) and the ion 
fractions (xt) differ little. However, the definition of the 
activity coefficient in terms of Temkin ion fractions, and 
the fact that the ion fraction of silver is changed by the 
addition of potassium sulfate in the experiment, gives rise 
to the additive numerical factors 3 and 5 in eq 6. With 
strong associations (e.g., K  > 100), these numerical fac­
tors are negligible. The silver-sulfate association con­
stants, however, have values about 13 and hence the nu­
merical factor 3 in eq 7b cannot be ignored. The factor 3 
in eq 7b is not an approximation but results from the 
evaluation of the limit. Because the measurements in this 
study were carried out over a wide range of silver contents 
and extrapolated to zero silver concentration, eq 7b gives 
an evaluation of K\ that is independent of the quasilattice 
model. In previous investigations of this system only a 
very limited range of silver concentration was investi­
gated, and it had therefore been necessary to employ the 
quasilattice model in the evaluation of the association 
constants. Our wide range of silver concentration also 
made possible the evaluation of K i2 from eq 7c, which 
was not possible with earlier investigations.

Quasilattice Model Calculations. With the quasilattice 
model,15 the association constants obtained from the 
above relations are related to energy parameters for non- 
random mixing on the quasilattice. In the present case, 
ions of differing charge type are present in the melt; hence 
the asymmetric approximation16 for a single kind of lig-

where Z is coordination number of the lattice.
The generalized quasilattice model proposed by Blan­

der15 considers the possibility of different bond energies 
for successive associations with a single kind of ligand. 
This model is therefore more appropriate for the evalua­
tion of the successive association energies, AA4, A,412, etc. 
Since associations such as (AgS04) _ , (Ag-S04-Ag) are 
more probable than (S 04-A g -S 04)3_ because of the rela­
tive ion sizes and charges, the solute anion, sulfate, rather 
than the solute cation, silver, is taken as the central ion in 
the asymmetric approximation. In the generalized model, 
the relation between K\ and AAi is the same as in the 
asymmetric (or symmetric) approximation with a single 
bond energy, i.e., eq 8a. However, the relation between 
K \2 and the bond energy AA42 for formation of A g-S04-  
Ag becomes15

Z — 1 ["e -& .Ai/RT(e - A A a /RT _1) 1
A 12 =  Ol , 1 w)2! L e-A.4,/Rr — 1 J

Equation 9 reduces to eq 8b in the special case AA12 =
Ai.

The assumption made in this calculation is that the 
second Ag+ ion can attach itself to a S 042 ' ion in (Z -  1) 
equivalent positions. If only a single orientation, such as 
linear, is possible for the second silver ion, a slightly dif­
ferent relation for K 12 results.1517

p - A  At/RT

K J  = Z — 1
2!

! e~^An!RT

e - A  AJR T —  I
-  1 ( 10)

Results
Emf Measurements. Since previous investigators5’6 re­

ported very small emf changes in cell A on potassium sul­
fate additions and a discrepancy in the temperature de­
pendence of the association energy, we carried out a rath­
er large number of experiments 18 in order to resolve the 
discrepancy conclusively. We made measurements mainly 
at 349 and 390°, the higher temperature being below 400° 
to avoid salt decomposition, mentioned as a possibility in 
the discussion of results in ref 6. A few measurements 
were made also at 430°.

Calculations. Determination of Association Constants 
from the Emf Measurements. In the K2S 0 4 concentration 
range studied, 0 < jR2(K2S 04) < 10" 2 we found a linear 
dependence of the emf changes on the potassium sulfate 
mole ratio. From the experimental data, [dAE/ 
3-R2(K2S0 4)]i?2(AgN03) was derived with a least-squares 
eq 7b and 7c, values of (s) = [3A£/dJR2(K2S 0 4)]fl2(AgN03) 
are plotted against the mole ratio of silver nitrate 
tions were employed to reduce the subjectivity of the re­
sults.) The data scattering being very small, the least- 
squares lines are very close to each experimental result; at 
I?2(K2S 04) = 0, for example, the zero shift, \AE\, is al­
ways found to be less than 0.1 mV. The least-squares fits 
to the data are shown in Table II.
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TABLE II: Least-Squares Limiting Slopes (s) -  [dA£/dA?2 (K2 S0 4 )]R2 (AgN>i i at f?2 (K2 S0 4 ) -  0 Fitted to the Emf Measurements

T = 622 K T = 663 K

R2(AgN 03) 
x  10~3 (s), V

Zero shift, 
V x  1 e r 5

A gN 03) 
x  1 e r 3 (s), V

Zero shift, 
V X 10” 5

/?2 (AgN03) 
X 10~3 (s), V

Zero shift,
v  x  n r 5

0.207 -0 .8 5 0 s - 3 . 9 0.17 -0 .8 8 8 o - 4 . 5 3.87 -0 .9 1 0 o - 5 . 8
0 .4 8 6 “ — 0 .8 5 3 7 - 5 . 6 0.38 -0 .9 0 4 ? - 2 . 4 4.4 -0 .9 0 9 o - 1 . 5
0.96 — 0 .8 5 7 2 3.2 0 .4 86a -0 .9 0 8 o - 1 9 4.77 —O.9 2 2 5 - 1 . 4
1.43 - 0 .8 7 2 0 3.4 0.759 -0 .9 6 3 o - 6 4.77 -0 .9 3 4 o - 0 .7 4
1.43 -0 .8 7 3 ? 3.9 0.89 — 0.9499 - 1 . 5 6 .96 “ - 0 .9 7 9 4 2
2 .6 " -0 .8 8 1 ? - 2 . 5 2.2 -0 .9 3 5 a - 0 . 8 7.38 - 0 .9 4 7 0.17
2 .6 6c -0 .8 6 6 o 5.3 2 .6* -0 .9 1 2 o - 1 1 7.77 -0 .9 0 1 - 1 . 3
6 .96 “ — 0.8426 - 5 . 8 2.66e — 0.8835 - 4 . 3 8 .7e - O . 9 O64 - 0 . 4
8.3 — 0 .8 584 - 1 . 4
8 .7e —0 .7 9 5 2 - 1 4

a~e Values obtained in temperature cycles.

In order to obtain the association constants as given by 
eq 7b and 7c, values of (s) = [5A £/Ii2(K3S0 4)]R2(AgN03i 
are plotted against the mole ratio of silver nitrate 
/?2(AgN0 .3; at both temperatures, 622 and 663 K, as 
shown in Figure 1. The least-squares equations of these 
lines are: for 10 silver concentrations at 622 K

(s) =  lim dAE
fl2(K2S04)= 0 L ^ K s S a ^ A g ^ )

-0.870o(± 0.0172) +  4.3985(±3.7367)i?2(AgN03) 
and for 16 silver concentrations at 663 K 

dAE(s) =  lim
fi2(K2so4) - o  l ^ 2( K 2S 0 4) . i?2<AgN03)

-0 .9 1 7 o(±0 .0 2 0 o) -  1.39l5(±4.3463)Æ2(AgN03)
The corresponding value of the association constant for 
the equilibrium

Ag+ + S042-  (AgS04)- ; Ki
calculated by means of eq 7b is

at 622 K: Ki =  13.232 ±0.321 
at 663 K: K x =  13.051 ±  0.350

Since the evaluation of K 12 involves both the intercept 
and the less accurate slope of the least-squares line, the 
accuracy of K12 will depend on the relative magnitudes of 
the second and third terms on the right-hand side of eq 
7c. Since

±  J L
K, ET

lim
R( AgNC>3) — 0

( - J * ___V
\dfi(AgN03) /

compared to about 13 for Ki, the uncertainty of K12 will 
be greater than that of K%.

From the larger set of data (16 points) at 663 K we find 
for the equilibrium

(AgSO„r + Ag+ 3=* Ag-S04-Ag; Kn

Kv, = 7.6 ±  3.0; T = 663K19
Comparison with the Quasilattice Model. (AgSOi)^ 

Association Energy. In either the asymmetric, symmetric, 
or generalized approximations, the association energy 
(AAi) of the (AgSOA“ grouping is given by eq 8a. Watt 
and Blander5 found an unexpected temperature depen­
dence for AAx; more recently, Sacchetto, et al. , 6 conclud­
ed that AAi was temperature independent. As shown in

-to

2: -0.9to
- 0.8

0 2 4 6 8 (x 10 3)
'‘?2(AgN03 )

Figure 1. Least-squares extrapolation of limiting slopes (s) to 
zero silver nitrate mole ratio.

(s) =  lim [dAE/di?2(K2S0 4)]fl,(AgN03)
R2(K2SO4) - 0

vs. mole ratio of silver nitrate at 622 ( • )  and 663 K (O).

Table III, the disagreement between these authors is 
greatest at the highest temperature (440°).

Our measurements at 430° were in excellent agreement 
with Watt and Blander’s result at this temperature as 
seen in Figure 2. In further calculations we omitted the 
discordant result arising probably from a systematic error. 
Assuming a linear variation of pair formation energy with 
temperature, and taking Z = 5, we found the following re­
sults for least-squares fits. By taking all the data
A Ai /  kcal =  0.3345 (±3.3 X  1(T2) -

3.01 X10~3 (±2.5 x 10~6)T/K (Fit I)
and by taking only our data
AAi/kcal = —0.2873(±1.9 X 10~2) —

2.11 X 10“ 3 (±9.05 X  10~6)T / K' (Fit II)
These lines are drawn in Figure 2 along with the experi­
mental results. The data from ref 5 are given without 
error estimation, but from the scattering of the emf mea­
surements we believe this error may be in the range of 100 
cal.

In order to compare the results of this investigation 
with a previous estimate of the (AgS04) _ association 
energy from the K,Ag/N0 3,S04 phase diagram,7 we cal­
culated AAi at 607 K, the melting point of KNO3 

FitI: AAi/kcal = -1.493 ±  0.029 
Fit II: AAi/kcal = -1.568 ±  0.018 

The range of values of AAi estimated from the liquidus

- T

-0 .9 1 7 0 ( +  0.C

O

2O 0 > - 1.391, 

8

( + 4 .3 4 6 3 ) /?

O
O

2(AgN03 )

T  =  6 6 3  K

T T - r - V
é>--- * •

r  =  6 2 2K
r - 0 .8 7 0 0 ( + 0. 

_____________

0 1 72 ) +  4 .3 9 35 (+  3 .7 3 6 ? )  ^ ( A g f jo j )  

I
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TABLE III: Temperature Dependence of (AgS04) Pair 
Formation Energy (A A ,) Assuming Z -  5

T/K -A A ,/kca l Ref

622 1.55 ±  0.05 6
622 1.599 ±  0.023 Our work
636 1.53 5
646 1.61 ±  0.05 6
663 1.691 ±  0.026 Our work
680 1.63 ±  0.05 6
681 1.69 5
703 1.77 ±  0.05 Our work
706 1.80 5
715 1.52 ±  0.05° 6
722 1.90 5

0 Value omitted from least squares calculation.

TABLE IV: (AgS04)~ and (A g-S 04-Ag) Association Energies
Calculated Assuming Z = 5

r/K A 4,/kcal AAu/kcal“ Ä/4i2/kcalö
622 -1 .59 9  ±  0.022
663 -1.691 ±  0.026 -1 .9 7  ± 0 .2 9 -3 .8  ±  0.29

a From eq 9, random o'ientation tor second Ag+ and with experimental 
results taken at 663 K. f From eq 10, fixed [e.g., linear) orientation tor 
second Ag+ and with experimental results taken at 663 K.

measurements,7 -1 .5  to -1 .2  kcal, overlaps the values ob­
tained from the emf investigations. It may be concluded 
that all the experimental results, including those of Sac- 
chetto, et al.,e if one omits their highest temperature re­
sult, are in accord with a temperature dependence of the 
(AgS04)~ pair formation energy, the small temperature 
coefficient being in the range of - 2  to -3  x 10 ~3 kcal/K 
between 622 and 722 K.

Temperature Coefficient of AAi from Temperature Cy­
cles. From the results of cycles such as that illustrated in 
Table I, the limiting slopes

r dAE i
* ¿ £ , - 0  L<5tf2(K,S04)J

at differing silver nitrate concentrations always exhibited 
a more negative value for the higher temperature, the av­
erage difference being «622 -  s663 = 0.070 (±0.052) V.

This difference between the slopes at 622 and 663 K 
corresponds to a difference of the association energy 
AAj(622) -  AAi(663) = 0.127 (±0.061) kcal. The small 
variation of the limiting slope with f?(AgNC>3) is neglected 
in this estimate, whose purpose was to verify the sign and 
magnitude of the difference of AAi at the two tempera­
tures. The above differences of slope and of AAa obtained 
from the series of temperature cycles in a single cell may 
be compared with the corresponding differences obtained 
from the series of isothermal measurements in different 
cells reported in the previous section: S622 “  *663 = 0.047 
(±0.038) V and AAi(622) -  AAi(663) = 0.092 (±0.049) 
kcal.

Ag-SOi-Ag Association Energy. Our results were suffi­
ciently accurate to allow a determination of K 12 at 663 K 
with eq 7b and 7c. The association energy AAi2 was cal­
culated from eq 9 and 10 of the generalized quasilattice 
model and assuming either random or fixed orientation of 
the A g-S04-Ag groupings. The results are given in Table

H k)
620 640 660 680 700

t (°C)

Figure 2. Temperature dependence of (A g-S 04K  pair associa­
tion energy: ▲, data from ref 5; ■ , data from ref 6; *, omitted 
value in least squares calculations; • ,  our work. Fit I is ob­
tained from all these data. Fit 11 is obtained from our results.

IV. Although the uncertainty of AA12 does not permit a 
determination of whether it too, like AAi, is temperature 
dependent, it is clear that this second association is sig­
nificant and may have a higher stability than the first as­
sociation.20

A more negative association energy for the second (di- 
nuclear) association than for the pair-wise association has 
been reported21 for the association of Ag+ and 1“ ions in 
molten KNO3. The association energy corresponding to a 
fixed (e.g., linear) grouping would indicate an unusually 
high degree of stabilization for addition of the second Ag+ 
which seems highly unlikely.

Conclusions
We have reported new emf measurements for the dilute 

charge unsymmetric reciprocal molten salt system K,Ag/ 
N03,S0 4 (dilute in Ag+ and S 0 42 -).

Investigations over a wide range of silver nitrate concen­
trations permitted an evaluation for the first time of the 
(Ag-S04-Ag) triplet association energy. The (Ag-S04-Ag) 
groupings probably do not have fixed orientation (e.g., 
linear) since such an assumption would lead to unusually 
high stabilization for addition of the second Ag+. Even 
with unrestricted orientation of the (Ag-S04-Ag) group­
ings, the dinuclear association energy is comparable to 
and may be more negative than for the (AgS04) -  pair.

Our study confirms the increased stability of (AgS04)~ 
pairs with increasing temperature.5 This dependence is in 
the same direction as observed for AgCN pairs22 and for 
the charge unsymmetric CdX+ (X = Br^ or I- ) pairs.23 
In the quasilattice calculations only configurational entro­
py is taken into account; the variation of AAi with the 
temperature, [-ÔAA1/ 0T] ~  2.5 x 10~3 kcal/K, may be 
understood as the “ specific entropy of association” char­
acterizing a change in the internal degrees of freedom of 
the S 042~ ion.
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Photoconductive Properties of Arylethynylcopper Polymers. Effects of Structure and 
Oxygen

Y osh iyuki O k a m o to *1 and Sam ar K. Kundu

R esearch  D iv is io n .  D e p a r tm e n t  o f  C h e m ic a l  E n g in e e r in g .  N e w  Y o rk  U n iv e r s it y .  U n iv e r s i t y  H e ig h ts .  N e w  Y o rk .  N e w  Y o rk  1 0 4 5 3  

( R e c e iv e d  A u g u s t  3 . 1 9 7 3 )

Eleven selected arylethynylcopper compounds were synthesized from their corresponding acetylenic com­
pounds with cuprous salt. The dark resistivities of the compounds were in the range of lCF-lO11 SI cm. 
Under illumination by a tungsten light (100 W), the resistivities dropped to 10*-109 S2 cm. The dark con­
ductivities were increased when electron-donating groups were introduced on the aromatic ring. The con­
ductivities were also enhanced if the size of aryl groups were increased. More conductive compounds 
were generally smaller in their photoconductive responses. The photocurrents of the copper compounds 
on surface cells tended to be considerably lower when measured under vacuum, compared with those 
under dry air. This phenomenon was attributed to the fact that oxygen in air reduced the recombination 
rate of the carrier, i.e., oxygen traps the electron and increases the hole conductivity. However, these re­
sults contradicted Myl’nikov’s observation that the photocurrent of phenylethynylcopper was increased 
when measured under vacuum. The photocurrent-intensity dependence and the Seebeck effect of these 
compounds were measured under vacuum and dry air. These results confirmed our observations.

Introduction
Arylethynylcopper compounds (R -C =C -C u) are coordi­

nation polymers having substantial back coordination 
from filled metal d orbitals to antibonding orbitals of 
acetylene groups toward the metal as shown in Figure l.2a 
The coordination bondings were not affected by adding 
various electron-donating substances such as pyridine, 
bipyridyl, and triethylamine. However, we have found re­
cently that the electrical conductivities of arylethynylcop­
per compounds were greatly increased by adding a small

amount of nitrocellulose.213 This was attributed to forma­
tion of a charge-transfer complex between the copper 
compounds and nitrocellulose.

Recently, Myl’nikov and Terenin have reported inter­
esting electrical properties for phenylethynylcopper.3 The 
dark and photoconductivities of the copper compound 
were found to be depressed by oxygen and water vapor.4 
These phenomena accounted for the fact that the oxygen 
forms new effective recombination centers, thus dimin­
ishing the whole carrier lifetime. However, we have found
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TABLE I: Physical Constants and Electrical Properties of Copper Arylethynylides

C om pounds

OCH

In fra red  absorption  
trip le bond, c m ^ 1

v C = C — H

i 
„

I 
o III 0 1 o c

M e lting point 
(d e c ) , °C

Resistivity  
at 2 5 °, i l  cm

D ark  c u rre n t  
id. A

Light c u rren t, 
/p, A

2 1 1 5 1 9 3 3 2 2 9 2 .3  X  1 0 11 3 .0  X  1 0 " a 1 .4  X  1 0 " 7

2 1 1 4 1 9 3 5 2 3 6 1 .6  X  1 0 ” 2 .5  X  1 0 “ 8 3 .0  X  1 0 “ 6

2 1 0 3 1 8 9 0 2 6 0 2 .3  X  1 0 1° 1 .6  X  1 0 - 8 4 .0  X  1 0 " 7

2 1 0 8 1 9 4 0 3 01 6 .2  X  1 0 14 1 .0  X  1 0 " 1° 2 .0  X  1 0 - 10

2 1 2 7 1 9 3 8 2 21 5 .2  X  1 0 9 3 .6  X  1 0 ~ 8 5 .2  X  1 0 ~ 8

2 1 3 0 1 9 5 0 2 3 3 6 .7  X  1 0 ” 2 .1  X  1 0 ~ 9 2 .4  X  1 0 - 9

2 1 0 0 1 9 2 8 2 5 0 2 .1  X  1 0 ” 8 .0  X  1 0 “ 1° 3 .0  X  1 0 ^ 8

2 1 0 0 1 9 3 0 2 01 6 .0  X  1 0 10 6 .0  X  1 0 ~ 9 1 .2  X  1 0 ” 7

2 1 4 5 1 9 8 5 2 7 2 6 .7  X  1 0 7 8 .0  X  1 0 “ 6 1 .2  X  1 0 ~ 5

2 1 0 0 1 9 1 8 3 2 2 5 .0  X  1 0 9 2 .2  X  1 0 ~ 6 5 .9  X  1 0 - 6

2 1 0 0 1 9 1 5 3 0 1 5 .2  X  1 0 9 1 .8  X  1 0 “ 7 1 .1  X  1 0 " 6

that the oxygen in phenylethynylcopper increases both the 
dark and photoconductivities. Therefore, in order to in­
vestigate the discrepancy, various arylethynylcopper com­
pounds were synthesized and effects of oxygen and their 
chemical structures on the electrical properties of the 
compounds were investigated.

Experimental Section
Eleven selected arylethynylcopper compounds such as 

phenyl-, p-methylphenyl-, p-methoxyphenyl-, p-nitro- 
phenyl-, a-pyridyl-, /3-pyridyl-, a-naphthyl-, /3-naphthyl-, 
9-anthracenyl-, IV-carbazolyl-, and 2-pyrenylethynylcopper 
compounds were synthesized from the corresponding 
acetylenic compounds5 with cuprous salt. Since the re­
sulting copper compounds were insoluble in organic sol­
vents, the products were washed thoroughly with water, 
ethanol, and benzene, and were dried under vacuum. The 
copper derivatives v/ere generally stable in dry air up to 
around 200°. The decomposition points were determined 
by using Du Pont 900 thermal analyzer.

Electrical measurements were performed on both sand­
wich and surface cells. The latter was of comb design with

14 pairs of legs. Each leg was a 100 mm length of gold or 
nichrome deposited on a quartz plate (15 x 20 mm) with 
a gap of 0.25 mm. Powdered samples were placed uni­
formly on the plate.

The electrical characteristics of the surface cells were 
measured in a chamber described in the literature.6-7 The 
monochromatic light source for surface cells was a Bausch 
and Lomb grating monochromator No. 33-86-45 with a 
Hanovia 800-W xenon light pressure arc lamp. Entrance 
and exit slits were 5 and 2 mm, respectively. An Eppley 
bismuth-silver thermopile provided a calibration of light 
intensity. The final data were normalized to equal inten­
sity throughout the 300-600-m/i range after the light in­
tensity at 470 m/i (highest intensity cf xenon lamp) was 
standardized at 15 mW /cm2.

The sandwich cells consisted of compressed pellets of 
sample to a thickness of 0.02-0.04 cm and transparent 
quartz plates coated with tin oxide. The contact between 
the electrodes and sample was attained by applying pres­
sure. For both types of cells, we regulated dc voltage by 
means of a Keithley high-voltage supply Model 241 and 
recorded the photocurrents measured by a Keithley elec-
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C
I R
Cu j
t C

R— C = C — Cu ¡1
C
I
Cu
etc.

R = Aryl group
Figure 1 . Structure of arylethynylcopper polymers.

Figure 2. Spectral distribution of the photocurrent of phenyleth- 
ynylcopper (surface cell).

trometer Model 610B on the Electronic Associates X-Y 
variplotter Model 1100. Sandwich cells were irradiated by 
tungsten light (100 W) from a distance of 10 cm.

The apparatus for measuring the variation of the cur­
rent with light intensity consisted o: a 200-V dc battery 
power supply with a set of Kodak neutral density filter. 
The measurements were taken on surface cell under air 
and vacuum with monochromatic radiation at the range of 
525-565 mp.

Results and Discussion
The electrical properties of the arylethynyl compounds 

are summarized in Table I. The dark as well as the photo­
currents showed linear (ohmic) behavior up to applied 200
V.

The dark resistivities of the arylethynylcopper compounds 
studied were in the range of 107-10l:1 il cm. In the pres­
ence of illumination by a tungsten light (100 W), the 
resistivities dropped to 105- 109 A cm.

From Table I, it can be seen that the conductivity of 
the copper compound was increased when electron-donat­
ing groups were introduced on the ring. The conductivity 
was also enhanced if the size of aryl groups were in­
creased, e.g., from phenyl to anthracenyl. Similar trends 
were also reported in triphenyl dyestuffs8 and pyrazine 
compounds.9

As a qualitative generalization, the electric conductivi­
ties appear to correlate with the number as well as the de­
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Figure 3. Spectral distribution of the photocurrent of a-naphthyl- 
ethynylcopper (surface cell).

Figure 4. Kinetics of photoconductivity of phenylethynylcopper.

gree of delocalization of the it electrons. Hence an increase 
in the number of aromatic rings or methyl or methoxy 
substitution enhances conductivity while substitution of 
electron-withdrawing groups diminishes it. Thus, the nitro 
group on the ring resulted in the decrease of conductivity 
and the photoconductive response was quenched. It is also 
found that the more conductive compounds were generally 
smaller in the photoconductive response, e.g., p-methyl- 
phenylethynylcopper (1.6 x  1011 A cm), Ip/Id = 100 us. 
9-anthracenylethynylcopper (5.0 x 109 A cm), IP/Ia = 3.

Figures 2 and 3 show the typical spectral distributions 
of the photocurrent of the copper compounds. For phenyl­
ethynylcopper, the spectral curve of photocurrent has two 
clearly pronounced maxima at 432 and 525 m/j (vs. 430 
and 500 mp, reported by Myl’nikov). However, the spec­
tral curve for a-naphthylethynylcopper has only one maxi­
ma at 553 m/i in the 350-600-mp range. The photocurrents 
of all copper compounds measured in the present study 
using surface cells tend to be considerably lower when 
measured under vacuum, compared with those under dry 
air. In apparent contradiction to the present results, Myl­
’nikov observed that the photocurrent of phenylethynyl­
copper is increased when measured under vacuum. The 
source of this discrepancy is not clear. However, the con­
ductivity of organic compounds were often found to be in­
creased when measured in dry air. This phenomenon is 
generally attributed to the fact that the oxygen in air re­
duced the recombination rate of the carrier, i.e., oxygen 
traps the electron and increases the hole conductivity.10
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Figure 5. Kinetics of photoconductivity of a-naphthylethynylcop- 
per.

Figures 4 and 5 show the typical path of the increase 
and drop of the photocurrent on the layer of the copper 
compounds in air and under vacuum at the same intensity 
of monochromatic illumination. As are seen from these 
figures, both the photocurrent response and the decay in 
dark were very slow. This indicates that the photocarriers 
were deeply trapped in the polymers. It was also found 
that evacuation of air from the vessel leads to reduction in 
the conductivity and a faster response to light.

The photocurrent-intensity dependence was studied in 
order to further clarify the effect of the oxygen. The inten­
sity dependency of the photocurrent measured under dc 
conditions is shown plotted in Figure 6 on a log-log scale 
for phenyl-, p-methylphenyl, and a- and d-naphthylethyn- 
ylcopper compounds. The figure shows that a good linear 
plot is obtained for all intensities, i.e., the photocurrent 
varies as a power(s) of the light intensity. The slopes, S, 
were calculated using an equation / o = KLS, where Iq = 
photocurrent, K  = constant, and L = light intensity and 
the values were the range from 0.5 to 1.2. The measure­
ments under vacuum have slopes close to 0.5 while same 
samples measured in dry air have slopes equal to unity. 
These results further supported that when the samples 
were explored in air, the oxygen in air traps the electron 
and the conductivity is due mainly to hole carriers.11 The 
Seebeck effects were measured on these copper com­
pounds under vacuum and the results indicated that the 
conductivities are p type. These observations also support 
the above results.
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Spectrophotometric H0 and potentiometric pHapp (with a glass electrode) measurements were performed 
in H2O-CH3CN mixtures containing acetate buffers and mineral acid (HC1). The results indicate that, 
to a good degree of approximation, the effective pH of the solutions can be calculated from the concen­
tration of the acid in the aqueous portion of the solvent, neglecting the cosolvent altogether. The results 
with mineral acid indicate that the notion of the chemical hydration of the proton also extends to mixed 
solvent systems.

In a recent nmr study on the mechanism of the hydroly­
sis of the enamine ethyl /3-cyanomethylaminocrotonate it 
became necessary to establish an approximate pH scale in 
aqueous buffer-acetonitrile (AN) mixtures.3 A brief sur­
vey of the literature indicated that there had not been any 
previous attempts to define an H0 scale in such mixtures 
of AN with pH 4 and 5 buffers. This note is concerned 
with such a study involving a comparison of hydronium 
ion activity measured by a glass electrode and via the Ho 
indicator method.4

The major conclusion of this work is that the effective 
pH of solutions of acids in aqueous acetonitrile can be cal­
culated, to a good degree of approximation, from the con­
centration of the acid in the aqueous portion of the sol­
vent, neglecting the cosolvent altogether.

Experimental Section
pH and Ho Determinations. The pH of all solutions was 

measured with a Radiometer pHM 4b pH meter employ­
ing a combination glass electrode. The H2O-CH3CN 
mixtures studied exhibited no drift and quick response to 
the electrode employed.

The spectrum of the indicator p-chloroaniline in the 
various solutions was recorded on a Cary 15. p-Chloroani- 
line exhibits the following spectral properties:5

S olvent nm  e nm  e

According to the definition of Ho4 (assuming one for the 
activity coefficient ratio)

H 0 =  pK., +  log ([I ] /[IH +])  (1)

where [I] and [IH+] represent fractions of deprotonated and 
protonated forms of the indicator, respectively. Since 
the protonated form does not absorb at 290 nm, Ho for 
any CH3CN-H2O mixture can be obtained from the for­
mula

H 0 =  p K a +  log
eCH3CN—buffer

^CH3CN—base — eCH3CN -buffer
( 2)

where e(CH3CN-buffer)  is the molar extinction coeffi­
cient for any mixture with the desired buffer and 
c(CH3cN-base) is the extinction coefficient for the totally 
deprotonated form in the same volume per cent mixture.

The pH of each solution was also measured with a con­
ventional glass electrode and such apparent pH values are 
quoted along with the Ho values in Table I and Figure 1.

Distilled, deionized water was used in the preparation 
of aqueous buffers. Commercial, reagent grade chemicals 
were employed without further purification.

Fischer spectrograde CH3CN (stored over molecular 
sieves) was used in the Ho determinations, along with 
Eastman highest purity p-chloroaniline.

2 N HCI 215.5 9200 239 11,700
0.1 A/ NaOH 263 360 290 1,500

Under acidic conditions (0.1 or 1.0 N  HCI) no absorption 
was detected at 290 nm. This wavelength was chosen for
all the subsequent H0 work.

First the pKa of p-chloroanilinium ion was determined 
spectrophotometrically at 290 nm at 30° and 0.1 ionic 
strength using various aqueous buffers. Since the proton­
ated form has no absorbance at this wavelength any ab­
sorption will be due entirely to the basic form of the indi­
cator. Measurement of the absorption at seven different 
pH’s between 2.2 and 6.0 gave an average value of 4.05 =fc 
0.05 for the pKa in satisfactory agreement with the litera­
ture value of 4.15 at 25°.6

Next the extinction coefficient of p-chloroaniline in
aqueous alkali-CH3CN and dilute mineral acid-CH3CN 
mixtures was measured at 290 nm to provide the values 
for totally protonated and totally deprotonated forms in 
the mixtures. Finally, the absorption at 290 nm was mea­
sured in the aqueous buffer-CH3CN mixtures of interest.

Results and Discussion
The Ho measurements indicate that addition of acetoni­

trile decreases the acidity of acetic acid-acetate type buff­
er systems (Table I). Qualitatively, this agrees with the 
effect on proton activity of AN addition (AN is a cosol­
vent of lower basicity and dielectric constant than H2O). 
The results also parallel those of Bates and Schwarzen- 
bach7 in water-ethanol mixtures.

The pKa of anilinium type indicators has been shown to 
be essentially independent of AN concentration to per­
haps 60-70% (v/v) AN added,8 which finding would justi­
fy the choice of the indicator in the present study.

Vedel studied the behavior of two different functions: a 
ferrocene-ferrocinium couple and a colorimetric indicator 
in H2O-CH3CN mixtures with varying amount of HCIO4 
added.9 In the mole fraction AN region here employed 
both functions indicated much lowered acidities with in­
creased AN concentration as is observed in the present 
study.

It was of some interest to compare the Ho values with
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TABLE I: H 0 and pH Scales in H20-C H 3CN-Acetate Buffers“

% CH3CN in Mixture

9̂. o'->> 0 10 20 30 40 50 60
mol % 0.0 3.83 7.93 12.87 18.68 25.63 34.07
€ basic 0.730 0.727 0.730 0.730 0.724 0.718 0.718
(0.1 N NaOH)

pH 3.95 Buffer6

e buffer 0.454 0.595 0.665 0.706 0.716 0.716
pHobsd 3.94 4.12 4.34 4.58 4.80 5.06 5.31
paH* c 4.18 4.42 4.71 4.99 5.34 5.74
H 0e 4.30 4.69 5.07 5.62 5.94

pH 2.92 Buffer“

e buffer 0.096 0.210 0.371 0.555 0.650 0.700
pHobsd 2.92 3.05 3.25 3.54 3.79 4.03 4.28
paH* c 3.11 3.33 3.67 3.98 4.31 4.71
H oe 3.24 3.67 4.06 4.53 4.93 5.33

a  Ionic strength in aqueous layer m ainta ined at 0 .1 ; p H 0bsd m easured w ith a glass e lec tro d e , H o  as defined in text based on indicator ratio . 6 A ce tic  
a c id -a c e ta te  buffers. c p H obSd co rrec ted  with S values  as given in ref 11. d C h lo ro ace tic  a c id -c h lo ro a c e ta te  buffers. e C a lcu la ted  with a pK a of 4 .0 5  for 
th ep -ch lo ro a n ilin iu m  ion.

TABLE II. Acidity Scales in H20 -C H 3CN-HCI Mixtures“

%  C H 3 C N  in Mixture
v /v  % 0 10 20 30 40 50 60
mol % 0.0 3.83 7.93 12.87 18.68 25.63 34.07
Sb -0 .0 0 -0 .0 6 -0 .0 8 -0 .1 3 -0 .1 9 -0 .2 8 -0 .4 3

0.002 M HCI

PHobsd 2.715 2.650 2.600 2.544 2.500 2.400 2.270
paH* 2.715 2.71 2.68 2.68 2.69 2.68 2.70
pHcaicd 2.700 2.65 2.60 2.544 2.477 2.400 2.300
Ac 0.00 -0 .0 5 -0 .1 0 -0 .1 5 -0 .2 0 -0 .3 0 -0 .4 3

0.02 M HCI

pHobsd 1.725 1.680 1.650 1.605 1.500 1.485 1.380
paH* 1.725 1.74 1.73 1.73 1.69 1.76 1.81
pHcaicd 1.710 1.660 1.610 1.560 1.490 1.420 1.320
A c -0 .01 -0 .0 3 -0 .0 6 -0 .11 -0 .21 -0 .2 3 -0 .3 3

“ pHobsd m easured  with glass e lec tro de ; p a n *  operational pH as defined in text; p H caicd m olar co n centra tion  of HCI per vo lum e of H 20  added . 6 From  
ref 11. c A  values equal to p H nbSd -  ( - l o g  (H + ) ) .

pH meter readings. In mixtures of H20  with cosolvent one 
needs to define a reference point for apparent hydrogen 
ion activity. Bates approached this problem by defining 
an “ operational pH” quantity10 pan* where g ih *  “ is the 
hydrogen ion activity referred to the standard state in the 
mixed solvent” (Bates); with

paH* =  pH0bsd -  Es +  log 7 H =  pH obsd -  <5 (3)
where pHobSct is measured with a glass electrode employ­
ing standard aqueous buffers for calibration, Es is the 
liquid junction potential, and yw is the activity coefficient 
of the proton. 5 then is the difference between the liquid 
junction potential effect and the medium effect on hydro­
gen ions. Values of <5 have been tabulated by Douheret11 
for aqueous mixtures of AN and some other solvents.

Table I and II and Figures 1 and 2 provide pH (mea­
sured with glass electrode), paH* (corrected with the 5 
values extracted from ref 11), along with the 5 values for 
aqueous acetate buffer-AN mixtures.

A study with strong acid (HCI) added to H2 0-A N  
mixtures is included. In this case pHobsd decreases with 
added AN, again as suggested by Bates and Schwarzen-

bach;7 the pan*, on the other hand, remains essentially 
constant as expected, irrespective of AN concentration.

The pHobsd in H20-A N  solutions of HCI is, within ex­
perimental error limits, identical with the pHcaiCd a quan­
tity equal (in each mixture) to molar concentration of H+ 
per liters of H2O (only) present.

One can also define a quantity, A, the difference be­
tween pHobsd and -lo g  (H+ molar concentration). Such A 
values in HCI solutions are essentially identical with 
Douheret’s 5 values11 (the latter arrived at by a much 
more rigorous process) and thus their application to any 
buffer solution leads immediately to pan* values for any 
H20-A N  mixture, i.e., an “ operational pH scale.”

As Table I indicates such acidities (pan*) are uniformly 
below H0 values for acetate type buffers.

It should be emphasized that the phenomenon con­
cerning the behavior of the pHobsd in H20 -C H 3CN solu­
tions of HCI is precedented. Bascombe and Bell12 and 
Wyatt13 advanced the notion of the chemical hydration of 
proton14 based on the fact that very similar Ho values are 
obtained for similar acid molalities of strong acid solu­
tions independent of the anion present. Ho depends only
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Figure 1. Behavior of the glass electrode and the indicator. (H0) 
in H2O-CH3CN mixtures.

on the ratio of the number of hydrogen ions to the number 
of water molecules. The present finding extends the pro­
ton hydration theory to mixed solvent systems. The fact 
that the pHobsd for any mixture with HC1 corresponds to 
the pHcaicd values can be explained with the above theory 
since the increased acidity is accompanied by a decreased 
water activity.
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Figure 2. Response of the glass electrode to mineral acid in 
H20 -C H 3CN.
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Self-Diffusion Coefficients of Sodium Ion in Aqueous 
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Self-diffusion coefficients of sodium ion in aqueous sodium polyacrylate solutions containing sodium 
chloride have been measured using a capillary method. The experimental values were found to be in 
good agreement with the values predicted by the line change model for the polyion of Manning. The 
counterion self-diffusion constant was observed to be inversely dependent on the polyelectrolyte concen­
tration at constant simple salt concentration. An additivity rule for the self-diffusion coefficients of the 
counterion in a polyelectrolyte-simple salt solution was found.

The model which has been considered the most realistic 
representation for a pclyelectrolyte in solution is an infi­
nitely long rod with a continuous charge distribution 
along its surface. This model was first used approximately 
20 years ago1-2 and since then it has received much atten­
tion.3”9 Unfortunately, for a polyelectrolyte solution con­
taining simple salt, the adjustable parameters which have 
been used to bring the theoretical predictions into agree­
ment with the experimental results were inconsistent for 
different polyelectrolytes. Recently, Manning developed 
limiting laws for polyelectrolyte solutions which obviate 
these short comings.10 There are no adjustable parameters 
in the theory. He considered the polyelectrolyte to be an 
infinitely long line charge which interacts with the small 
ions about it via Debve-Hiickel interactions. Central to 
the theory is a nonadjustable linear charge density param­
eter which is determined from a knowledge of the charge 
spacing of the polyelectrolyte. Comparison of experimen­
tal activities in salt and salt-free solutions with the values 
predicted from the theory are good, especially in very di­
lute solutions where the assumptions of the theory are 
more reasonable.

There are few theoretical studies reported dealing with 
the transport properties of polyelectrolyte solutions, espe­
cially for diffusion. Lifson, Jackson, and Coriell11-13 were 
the first to develop theoretical expressions for the self-dif­
fusion of ions in polyelectrolyte solutions. Manning14 was 
able to extend their procedure to consider polyelectrolyte 
solution behavior in an electric field. More recently, Man­
ning’s limiting laws have been developed for transport 
properties as well as for equilibrium properties.15 The 
only additional assumption is that the condensed counter­
ions have negligible mobility along the chain as compared 
to the uncondensed counterions. Comparison of conduc­
tance and self-diffusion results in salt-free solutions indi­
cated a good correlation with theory.

Since Manning’s theory is most simple in concept, 
being an extension of simple electrolyte theory, and sim­
ple to use, it should be subjected to extensive experimen­
tal verification. In this light, we have initiated a system­
atic study of self-diffusion experiments for ions in salt and 
salt-free aqueous poly electrolyte solutions. Here we report 
the results of the determination of the self-diffusion coef­
ficients of Na+ in aqueous solutions of sodium polyac­

rylate (NaPA) containing sodium chloride at 25°. Sodium 
polyacrylate was the polyelectrolyte chosen because the 
Na+ diffusion coefficients determined in salt solutions 
could be compared with the classical transport results of 
Wall, et al. , 16 for salt-free NaPA solutions.

To minimize the quantity of radioactive sodium ions 
used, a capillary method was used rather than the porous 
cell procedure. A uniform capillary of known length and 
closed at one end is filled with an isotopically tagged solu­
tion of known radioisotope concentration and immersed in 
a vessel containing a relatively larger amount of an inac­
tive solution of the same material at the same concentra­
tion. While the inactive solutions should be stirred gently, 
Fernandez-Prini and coworkers17’18 showed that the use of 
an unstirred inactive solution gave accurate, reproducible 
results for aqueous solutions of polystyrenesulfonate. They 
used an approximate solution to the Fick equation devel­
oped by McKay19

where D is the diffusion constant, Cav is the average con­
centration of radioisotope in the capillary at time t, Co is 
the concentration of radioisotope at t = 0, and l is the 
length of the capillary. McKay’s solution given by eq 1 is 
valid for the experimental conditions employed in this 
work.

Experimental Section
Preparation of Solutions. Sodium polyacrylate was ob­

tained from Pfaltz and Bauer. It was purified by repeated 
dissolution in water followed by precipitation using a 
methanol-acetone mixture. The purified product was 
dried in an oven, ground, redried, and handled with mini­
mum exposure to air. It has a molecular weight of 16,300, 
as determined by its viscosity in aqueous 0.10 N  NaCl so­
lution.20

To prepare 0.0300 N  polyelectrolyte solutions, accurate­
ly weighed quantities of polymer were transferred to volu­
metric flasks and were dissolved in some of the required 
water. The required quantity of NaCl was then added, al­
lowed to dissolve, and water was added to the mark.

To prepare 0.100 N  polyelec "olyte solutions, the same
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procedure was followed as for the 0.0300 N  solutions. 
However, in some cases, aliquots of the 0.0300 N  solutions 
were transferred to another volumetric flask, the required 
quantity of sodium chloride was calculated and added, 
and the solution made up to the mark.

Solutions of partially neutralized polyacrylic acid 
(PAA) were prepared from the purified sodium salt. The 
stoichiometric quantity of salt was transferred to a volu­
metric flask and some water was added to dissolve it. 
Then standardized HC1 solution was added from a buret 
equivalent to one-fourth the salt to make the % neutral­
ized acid, or one-half the salt to make the one-half neu­
tralized salt. Additional NaCl was added to bring the 
total NaCl content to the desired value, making allowance 
for the NaCl formed in situ when the HC1 was added to 
the salt. It should be noted that when the half-neutralized 
0.0300 N  solution was prepared, there was formed in situ, 
a 0.0150 N  NaCl solution. This solution was used as pre­
pared, and the solution containing only 0.0100 N  NaCl 
was not run in this series since it could not be prepared by 
this procedure.

Radioactive sodium 22Na, a y-ray emitter (half-life of
2.6 years), was obtained from Amersham-Searle Corp. A 
nominal 0.1 /tCi of 22Na in the form of NaCl was obtained 
in 0.1 ml of HC1 solution. The long half-life of this radio­
isotope made it unnecessary to correct for its loss of activ­
ity during the course of an experimental run.

The contents of the ampoule were transferred to a small 
beaker, and the excess HC1 was neutralized with dilute, 
standardized NaOH solution, using a pH meter. The neu­
tralized solution was transferred to a 250-ml volumetric 
flask and made up to volume. This stock solution was 
used to prepare all the tagged solutions.

It was found that if 1 or 2 ml of this solution of 22NaCl 
were diluted to 10 ml, and the resultant dilute solution 
was used to fill a capillary as described previously, the 
quantity of radiosodium in the capillary was suitable for 
convenient counting. Under these conditions a count in 
the range of 10,000 to 20,000 disintegrations was obtained 
in approximately 10 min.

To prepare a solution containing 22NaCl for introduc­
tion into a capillary, the inactive solution was first pre­
pared as described above. The bulk of the solution was used 
as the inactive solution, and a few milliliters (approxi­
mately 10 ml) were used to prepare the tagged material.

Approximately 1 or 2 ml of the stock 22NaCl solution 
was placed in a clean beaker. The beaker was placed in 
an oven at 70° and the water was evaporated until the res­
idue (no residue was visible!) was dry. After cooling, ap­
proximately 3 ml of the polyelectrolyte was added to the 
beaker and the contents were stirred continually for at 
least 5 min to dissolve the small quantity of 2ZNaCl and 
disperse it uniformly through the polyelectrolyte solution. 
The solution was covered to prevent evaporation, allowed 
to stand for 0.5 hr, then restirred for 5 min. The tagged 
solution was transferred to a storage vessel. The beaker 
was rinsed twice with fresh portions of the polyelectrolyte 
solution and the rinsings were added to the storage vessel. 
After stirring the contents of the storage vessel to assure 
homogeneity, this tagged solution was stored until used.

Validation of the Capillary Technique. To compute the 
diffusion coefficients from eq 1, it is necessary to measure 
the ratio of the amounts of radioisotope in the capillary 
before diffusion starts and after diffusion has occurred for 
a measured time. In order to assure that this ratio could

be measured reproducibly, samples containing different 
concentrations of 22NaCl were prepared and counted at 
two counting stations. The counting ratios for each of 
three pairs of samples gave reproducibilities of better than 
1% at the two counting stations. The counting ratios for 
one pair of samples were found to be constant when 
counted on eight consecutive days. Counting ratios for 
pairs of samples were found to be independent of the 
counting rates between 2000 and 25,000 counts per 10 
min. It was shown that the transfer of radioactive materi­
al from the capillary to the culture tube used for counting 
was very reproducible. Also, it was demonstrated that the 
counting and transfer procedure accurately reflected a dif­
ference in radioisotope concentration by counting a tagged 
solution and counting an aliquot of this solution which 
was accurately diluted in half. The ratio was found to be 
0.501.

The Fernandez-Prini capillary method18 for measuring 
diffusion coefficients was used because it required a 
smaller amount of untagged outer solution and the time 
required for a run was significantly less than for other 
methods. Also, because stirring of the outer solution is not 
required, larger capillaries could be used. The error in the 
Fernandez-Prini procedure was found to be 2-3%. 
Employing this method, self-diffusion coefficients for Na+ 
in 0.0100 and 0.100 N  aqueous NaCl solutions at 25° were 
found to be 1.32 ±  0.01 X 10-5 and 1.32 ±  0.01 x 10-5 
cm2/sec, respectively, which is in good agreement with 
the literature value of 1.31 x 10~5 cm2/sec for these con­
centrations.21 An additional check of this method was 
made by determining the self-diffusion coefficient for Na+ 
in salt-free aqueous NaPA at 25°. The results in 0.0100 
and 0.0300 N  NaPA were found to be 0.485 ±  0.006 X 
10~5 and 0.468 ±  0.005 x 10-8 cm2/sec, respectively, 
which is also in good agreement with the respective litera­
ture values of 0.484 X 10-5 and 0.472 x 10-5 cm2/sec.16 
All diffusion experiments were carried out in a bath ther- 
mostated at 25.00 ±  0.02°.

Results and Discussion
Self-diffusion coefficients for Na+ were determined in 

dilute aqueous solutions of NaPA, at three different de­
grees of neutralization, containing NaCl at 25°. To be con­
sistent with the NaPA concentrations reported for the 
self-diffusion coefficients for Na+ in salt-free aqueous so­
lutions, concentrations of NaPA in the range of 0.00500- 
0.0300 N  were used. The NaCl concentrations ranged 
from 0.0100 to 0.100 N. Thus the values of the quantity X  
defined by

X  — ne/ns (2)

where ne and ns are the equivalent concentrations of the 
polyelectrolyte and sodium chloride, respectively, ranged 
from 0.0500 < X  < 1.00 for 0.0100 monomolar NaPA to 
0.150 < X  < 3.00 for 0.0300 monomolar NaPA.

The classic work of Huizenga, Grieger, and Wall16 
showed that the self-diffusion coefficient Dx for Na+ in a 
salt-free NaPA solutions showed a strong inverse depen­
dence upon the degree of neutralization a at constant 
polyelectrolyte concentration and a very weak inverse de­
pendence on the polyelectrolyte concentration at constant 
degree of neutralization. From Table I it can be seen that 
for the NaPA-NaCl-H20  system, at constant a and ne, 
the values for Di increase as ns increases, no doubt due to 
increased screening. Also, at constant a and ns, the values
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TABLE I: Self-Diffusion Coefficients for Na+ in 
NaPA-NaCI-H20  Solutions at 25°

a ne n s

D ,  X  10 s, 
c m 2/s e c

D ,  X  10 5, 
c m 2/ s e c  

(theor)

0 . 5 0 0 . 0 0 5 0 0 0 . 0 1 0 0 1 . 1 3  ±  0 . 0 3 1 . 1 2

0 . 0 0 5 0 0 0 . 0 5 0 0 1 . 2 5  ±  0 . 0 3 1 . 2 5

0 . 0 0 5 0 0 0 . 1 0 0 1 . 2 9  ±  0 .0 1 1 . 2 7

0 . 0 1 5 0 0 . 0 1 5 0 0 . 9 9  ±  0 . 0 2 1 . 0 4

0 . 0 1 5 0 0 . 0 5 0 0 1 . 1 2  ±  0 .0 1 1 . 1 7

0 . 0 1 5 0 0 . 1 0 0 1 . 2 2  ±  0 . 0 3 1 . 2 2

0 . 7 5 0 . 0 0 7 5 0 0 . 0 1 0 0 0 . 9 4  ±  0 . 0 2 0 . 9 6

0 . 0 0 7 5 0 0 . 0 5 0 0 1 . 2 0  ±  0 .0 1 1 . 2 0

0 . 0 0 7 5 0 0 . 1 0 0 1 . 2 2  ±  0 . 0 2 1 . 2 4

0 . 0 2 2 5 0 . 0 1 0 0 0 . 7 6  ±  0 .0 1 0 . 7 5

0 . 0 2 2 5 0 . 0 5 0 0 1 .0 1  ±  0 . 0 3 1 . 0 5

0 . 0 2 2 5 0 . 1 0 0 1 . 0 9  ±  0 . 0 2 1 . 1 5

1 . 0 0 0 . 0 1 0 0 0 . 0 1 0 0 0 . 8 4  ±  0 .0 1 0 . 8 4

0 . 0 1 0 0 0 . 0 5 0 0 1 .1 1  ±  0 . 0 3 1 . 1 5

0 . 0 1 0 0 0 . 1 0 0 1 .2 1  ±  0 .0 1 1 .2 1

0 . 0 3 0 0 0 . 0 1 0 0 0 . 6 6  ±  0 .0 1 0 .6 1

0 . 0 3 0 0 0 . 0 5 0 0 0 . 9 9  ±  0 . 0 2 0 . 9 5

0 . 0 3 0 0 0 . 1 0 0 1 .1 1  ±  0 . 0 3 1 . 0 8

TABLE II: Values for A(1; £ " 'X )

f - ’x A (1 ;£ - ’X) ¿T1X A (1 ;£ - ’X)

0.0351 0.017 0.211 0.084
0.0702 0.030 0.351 0.125
0.105 0.045 1.05 0.235

for Hi decrease as ne increases; at constant ne and ns, the
values for Hi decrease as a increases.

The data in Table I could be used as a test of the infi­
nite line charge model of Manning. Since the theory gives 
rise to limiting laws, the results are strictly valid at infi­
nite dilution of all ions. However, the assumptions of the 
model are realistic for low equivalent concentrations of 
polyelectrolyte. Central to Manning’s model is the experi­
mentally determined linear charge density parameter £

£ =  Z pe2/ekTb (3)
where Zp is the valence of a charged group on the polyion, 
e is the unit of electrical charge, e is the dielectric con­
stant of the pure bulk solvent, k is the Boltzmann con­
stant, T is the absolute temperature, and b the distance 
between charges on the polyion. For a fully charged vinyl­
ic polyelectrolyte b = 2.5 A. If a is the degree of neutral­
ization of polyacrylic acid, i.e., the fraction of vinylic 
group charged on the polyion, b = 2.5a" 1 A. Three values 
for £ were used in the present work, 1.43, 2.14, and 2.85 
for half neutralized, three-fourths neutralized, and full 
neutralized polyacrylic acid, respectively.

From Manning’s model, a condition of instability arises 
for £ > 1, thereby causing counterions to condense onto 
the polyion to achieve an effective £ value of unity. Thus, 
the concentration of condensed counterions is (1 -  £ "r)ne 
and the concentration of uncondensed counterions is 
(£ "xne + ns). Assuming that the mobility of the con­
densed counterions is much less than for the uncondensed 
counterions, the resulting equation for the self-diffusion 
coefficient Hi for uncondensed counterions is

D J D J  = ( r 1A + l> (X + ir 1[ l - ( l /3 ) A ( l ;r IX)] (4)

Figure 1. Dependence of D-t on X fo r sodium polyacrylate in 
aqueous NaCI solutions at degrees of neutralization: a  =  0.50, 
•  ; a  =  0.75, © ; a  =  1.00, O . The points are experim ental and 
the lines are theoretical.

where Hi0 is the self-diffusion coefficient of counterion in 
pure solvent and A (1;£_1X) is a rapidly converging series 
given by eq 32 of ref 15. Values for A(1;£_1X) pertinent to 
the present investigation are given in Table II. The values 
of Di/Di0 were calculated from eq 4. From this ratio, the 
values for B i were calculated using the value of B i° = 
1.31 X 10" 5 cm2/sec21 for all concentrations, since the lit­
eratures reveals no significant change in Hi0 values over 
the concentration range of interest here. Also, the values 
obtained for D\ are plotted against X  in Figure 1. From 
Table I and Figure 1 it is noted that the observed and 
theoretical values for Hi are in good agreement through­
out the range of measurement, thereby giving further sup­
port to Manning’s model. The relative deviation of the 
theoretical values of Hi from the experimental values vary 
from 0 to 5%, except for the highest X  values which is 8%. 
In light of this verification, other self-diffusion experi­
ments are in progress to examine the model more critical­
ly. The theory predicts that the ratio of H i/H i° is much 
smaller than the analogous ratio for the coion; thus the 
self-diffusion coefficients of the coion are being deter­
mined for the system described here. Also, since all poly­
electrolytes with the same charge spacing should give the 
same theoretical value for the ratio H i/H i° this ratio is 
being determined for Na+ for different vinylic polyelectro- 
lytes containing NaCI.

Empirical additivity rules for the counterion polyelec­
trolyte-simple salt solutions have been explored experi­
mentally22-25 and theoretically.10-26 Applying this concept 
to self-diffusion coefficients

_  0 , %  +  A V  5
np +  ns

where Hi* is the self-diffusion coefficient for Na+ in salt- 
free sodium polyacrylate at concentration np. Using the 
literature values for Hi0 21 and Hi*,16 the additivity values 
of Hi were calculated from eq 5. A comparison of these 
calculated values with the observed values, together with 
their per cent deviation A%, is made in Table III.27 With­
in the range of salt concentration studied, it is evident 
that the per cent deviation for almost all concentrations is 
better than 5%. The additivity rule for the counterion ac­
tivity coefficients24-25 was found to show larger deviations

The Journal of Physical Chemistry, Vol. 77, No. 22, 1973



Pressure Dependence of Weak Acid Ionization 2687

from the experimental values than those reported here for 
counterion diffusion coefficients. Also, it should be point­
ed out Manning’s theory predicts that the additivity rule 
for the counterion does not hold. Moreover, the additivity 
rules should be viewed as empirical rules only, since their 
theoretical basis is unsound.28

Supplementary Material Available. Table III will ap­
pear following 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, 20X reduction, negatives) containing all of the sup­
plementary material for the papers in this issue may be 
obtained from the Journals Department, American Chem­
ical Society, 1155 16th St., N.W., Washington, D. C. 
20036. Remit check or money order for $3.00 for photocopy 
or $2.00 for microfiche, referring to code number JPC-73- 
2684.
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Changes in the pH of buffer solutions under pressure have been monitored using the optical indicators
2,5-dinitrophenol and p-nitrophenol. Data were obtained to 6500 kg/cm2 for acetate, cacodylate, phos­
phate, and Tris buffers. The results give the pressure dependences of the ionization constants for the 
weak acid components of these buffers. These can be described by the equation RT In (Kp/Ko) = 
-AVa°P + O.bAVP2 where A Va° is the limiting volume change on ionization at atmospheric pressure and 
Ak° reflects the pressure dependence of KVa.. Respective values of AVa° (cc/mol) and Kk° (cc/m ol/ 
(103kg/cm2)) determined using acetic acid (-11.2, -1.44) as a reference are 2,5-dinitrophenol, -11.3, 
-1.28; p-nitrophenol, -11.3, -1.41; cacodylic acid, -13.2, -1.94; H 2 P O 4 - , -24 , —3; TrisH+, +1, ~0.

Ionization constants of weak acids increase with in­
creasing applied pressure.2 The changes are substantial 
and range from factors of about 2 (carboxylic acids) to 8 
(carbonic acid) over a pressure change of 2000 kg/cm2. 
One important consequence of this is that the pH of aque­
ous buffer solutions varies with pressure.3 Since biochemi­
cal systems are best studied under buffered conditions, 
quantitative interpretation of results arising from pressure 
experiments on them requires detailed knowledge of pres­
sure-induced changes in buffer pH. The data obtained in 
this study have been extensively used in an investigation 
of pressure effects on myoglobin spectral changes which 
will be reported in a separate communication.3

The pressure dependence of Ka, the molal equilibrium 
constant, (eq 1) gives the apparent volume change for ion-

HA A- + H+ (1)

ization (AVa) of the acid (eq 2). This volume change can

AVa =  -R T  d In K J d P  (2)

be measured at 1 atm by density measurements. However, 
the pressure dependence of In Ka is not linear and values 
of AVa change with pressure. Thus, direct pressure experi­
ments are necessary to obtain accurate measures of pH 
changes with pressure.
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Using the optical pH indicators 2,5-dinitrophenol and 
p-nitrophenol, the effects of pressure on the acid dissocia­
tion of acetic acid, cacodylic acid (Me2As02H), dihydro­
gen phosphate (H2PO4-) , and TrisHCl (tris(hydroxymeth- 
yl ) aminomethane hydrochloride) have been examined to 
6500 kg/cm2. These are the acidic components of the 
commonly employed acetate, cacodylate, phosphate, and 
Tris buffer solutions.

Extensive pressure studies of acetic acid utilizing con­
ductance measurements have been reported and these 
serve as reference data for the optical experiments re­
ported here.4 No data have been available for cacodylic 
acid. However, values of AVa at atmospheric pressure for 
ionization of H2P04_ and Tris have recently been re­
ported from limited pressure studies utilizing a glass elec­
trode,5 and for H2P 0 4_ using density experiments at 1 
atm.2

Procedure
The pH of buffer solutions depends on the pK a of the 

buffer weak acid and the concentration ratio of the acid 
(HA) and its conjugate base (A) (eq 3). When buffer con-

PH =  PA a +  log ((A )/(H A )) (3)

centration is sufficiently high as in these studies (0.05- 
0.10 M), pressure-induced changes in pH do not signifi­
cantly alter the concentration ratio term and can be at­
tributed directly to changes in pK a (eq 4).

d(pH)/dP -  (pK.J/3P (4)
The pH of solutions can be determined using optical in­

dicators and eq 5 applies if the concentration of the conju-

gate base of the indicator is followed spectrophotometri- 
cally; pK\ is the dissociation constant of the acid form of 
the indicator, ODi is the optical density at Xmax correspond­
ing to complete conversion of the indicator to its conju­
gate base, and OD is the observed optical density at the 
same wavelength due to the conjugate base of the indica­
tor acid. Changes in pH with pressure can be determined 
from the pressure dependence of OD (eq 6) if the pressure

TOD, -  ODI
d(pH)/dP =  d(pKd/dP -  d log | _ -^ 0 D----- y dP

( 6 )

dependence of pK, is known. The effect of pressure on 
pKa can thus be determined using eq 7 which arises from 
combination of eq 4 and 6.

3(pK,)/dP =  d(pKJ/dP -  d log (AO D/OD )/dP (7)
The observable quantity d log (AOD/OD)/5P reflects 

the difference in the pressure dependences of pKj and 
pKa. The pressure dependence of pK{ for 2,5-dinitrophenol 
(pKi = 5.10) was calculated from data available for acetic 
acid.4 The indicator 2,5-dinitrophenol was then used to 
monitor the pressure dependences of pKa for cacodylic 
acid and H2PO4". The pressure dependences of the pKa 
values for H2PO4* and TrisHCl were calculated from ex­
perimental results using the indicator p-nitrophenol (piO 
= 7.05). The pressure dependence of its acid dissociation 
was obtained from experiments with cacodylate buffer,

Figure 1. Pressure dependence of OD at Xmax (400 m a) for p- 
nitrophenoxide ion in aqueous basic cacodylate, phosphate, and 
Tris solutions, and at Xmax (440 m p) for 2,5-dinitrophenoxide 
ion in aqueous basic cacodylate, acetate, and phosphate solu­
tions. Each error bar represents spread of data for the three salt 
solutions. The solid line shows the pressure dependence of the 
molar volume of pure water (20°).

and 3(pK a)/dP for cacodylic acid determined using 2,5- 
dinitrophenol.

Measured values of OD were corrected for compression 
of the solutions under pressure. Correction factors were 
obtained by monitoring the change in OD values for aque­
ous solutions of 2,5-dinitrophenoxide ion and of p-nitro- 
phenoxide ion under conditions approximating the buffer 
studies. The correction factors also include any pressure- 
induced changes in molar absorptivity of the absorption 
bands in question.6

Results and Discussion

The OD values for solutions containing p-nitrophenox- 
ide ion and 2,5-dinitrophenoxide ion increase with in­
creasing pressure (Figure 1). This is expected because so­
lution volumes decrease with pressure leading to increased 
concentrations of solutes. The pressure decrease in the 
volume of a sample of pure water (20°) is shown by the 
solid line (Figure l ).7 The difference in the behavior of the 
two phenoxide ions reflects a difference in the pressure 
dependence of their respective molar absorptivities. The 
fact that the data for 2,5-dinitrophenoxide ion fall on the 
pure water curve suggests that the molar absorptivity of 
this ion is relatively pressure insensitive. On the other 
hand, the OD values for p-nitrophenoxide ion increase less 
than expected with pressure. The absorption band itself 
does not, however, show any change in shape with pres­
sure, and there is no detectable shift in the position of the 
maximum. Evidently this behavior of the OD reflects a 
decrease in the integrated molar absorptivity of the p-ni­
trophenoxide ion by about 4% when the pressure is in­
creased from 1 atm to 6500 kg/cm2. The pressure depen­
dences of OD for the phenoxide ions are independent of
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PRESSURE, kg /cm 2 (xlCT3)

Figure 2. Pressure dependence of log (A O D /O D ) for the optical 
indicator 2,5-dinitrophenol in acetate (O ), cacodylate (A ) ,  and 
phosphate (13 ,3 ) buffers, and fo r p-n itrophenol in cacodylate 
(A),  phosphate ( + ) ,  and Tris ( 0 )  buffers.

the specific added buffer salt within experimental error; 
the bars in Figure 1 in each case represent the spread of 
data for three buffer salts (see caption, Figure 1).

After correction of the values of OD using the data pre­
sented in Figure 1, values of log (AOD/OD) were calculat­
ed for each buffer-indicator system and a summary of 
these data is presented in Figure 2.8 The values of A log 
(AOD/OD) are equal to ApKi — ApA'a where the A sym­
bol indicates the difference between the quantity at 1 atm 
and at some pressure P.

The values of A log (AOD/OD) for 2,5-dinitrophenol in 
acetate buffer in conjunction with previously available 
data for the pressure dependence of pKa for acetic acid 
permitted the determination of the pressure dependence 
of pKi for 2,5-dinitrophenol. These values together with 
the data for 2,5-dinitrophenol in cacodylate and phos­
phate buffers allowed calculation of ApK a values for 
cacodylic acid and H2PO4- . The results for cacodylic acid 
taken with those for p-nitrophenol in cacodylate buffer 
(Figure 2) gave values of ApA/ for this indicator. These 
ApAj values in conjunction with the data for p-nitrophe­
nol in phosphate and Tris buffers gave an alternate deter­
mination of ApKa values for H2P 0 4 and a new set of 
values for TrisHCl ionization. The results are given in 
Figure 3.8 These data have not been extrapolated to infi­
nite dilution. They correspond to the behavior of the weak 
acids in solutions whose overall solute concentrations are 
roughly 0.05-0.10 M  and of variable ionic strength. They 
are adequate, however, for the purposes intended since er­
rors in kinetic or equilibrium studies of biological systems 
will generally be substantially greater than those in these 
results.3

With the exception of TrisHCl, dissociation of the acids 
is favored by pressure. The increases in ApKa values for 
acetic acid, cacodylic acid, and the two phenols are very 
similar. The changes in pK a for H2P 04 “ are much great­
er. While the pH of an acetate or cacodylate buffer would 
decrease by less than one pH unit over a pressure range of 
6500 kg/cm2, pH of phosphate buffers would change by

PRESSURE x IO-3 , kg/cm 2

Figure 3. Pressure dependence of calcu lated values of log 
K p /K o for acetic  acid (O ), 2 ,5-dinitrophenol (O ), p-nitrophenol 
( • ) ,  cacodylic acid (A ) , H2P 0 4_ ( □ , a ,  +  ) and TrisHCl ( 0 )  in 
aqueous buffer solutions. The points for 2,5-dinitrophenol and 
p-nitrophenol are displaced upward 0.1 and 0.2 units on the ver­
tica l axis.

almost two units. In striking contrast to these results is 
the fact that the pH of a Tris buffer solution is almost 
pressure insensitive; over the 6500 kg/cm2 range, pKa ap­
pears to decrease by less than 0.2 units. This is under­
standable in terms of the ionization equilibrium. While 
the other acids ionize increasing the number of formal 
charges (e.g., eq 1), acid dissociation of TrisHCl occurs 
without a change in the number of charged species (eq 8). 
When charges are created, substantial volume contraction 
occurs due to solvation effects and processes characterized 
by volume decreases are favored by increasing pressure 
(see eq 2). Little volume change would be expected for 
reaction 8 and hence a small pressure dependence is pre­
dicted.

TrisH+ +  H,0 Tris +  H30+ (8)

Experimental values of log K p/K0 for acetic acid were 
available only to a pressure of 3059 kg/cm2 (Table I).4 
Values to 6500 kg/cm2 were calculated from eq 9 with

2.303RT log ( K J K 0) =  - A V ° P  +  C.5Ak°P2 (9)

A Va° and Sic0 equal to —11.2 cc/mol and -1.44 X 10 3 
cc/m ol/(kg/cm 2), respectively.4 Such a quadratic equa­
tion has been found to be useful in fitting observed pres­
sure dependences of both equilibrium and rate constants. 
In this particular case, AVa° is the limiting volume 
change for ionization of the weak acid at atmospheric 
pressure and Aic° is a compressibility term which accounts 
for the pressure dependence of A  V'a. These two quantities 
were obtained from the slope and intercept of a plot of 
[log (Kp/K0)]/P vs. P  (eq 10) using the experimental data

[\og(Kp/K0)]/P =  -A V a°/2.303RT +  (50°/4.606RT)P
(10)

to 3059 kg/cm2 (Table III). Lown, et al., obtained a 
slightly different value of S/c° from the same data, but it
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TABLE I: Experimental and Calculated Values of Log K p / K 0 for
Acetic Acid Ionization In Water (25°)

P, bars“ P, kg /cm 2

Log Kp/Ko
Exptl Çalcd6

400 40£ 0.0759 0.0764
1000 1020 0.1824 0.1833
1400 1428 0.2453 0.2494
2000 2039 0.3347 0.3408
2400 2447 0.3925 0.3966
3000 3059 0.4748 0.4726
4000 4079 0.5786
5000 5099 0.6589
6000 6118 0.7134
7000 7138 0.7422

a Pressures reported in bars for experimental data, see ref 4; calcula-
tions carried out using this pressure unit for convenience. s Calculated 
using eq 9, as described in text.

did not give calculated values which fit the experimental 
data (Table I) as well as those obtained using our value. 
The extrapolated pressure dependence of log K p/Ko for 
acetic acid above 3059 kg/cm2 is shown as the dashed por­
tion of the curve in Figure 2.

Since the data for acetic acid above 3059 kg/cm2 are 
derived from an extrapolation, all of the absolute values of 
log K p/Ko for the various weak acids are subject to great­
er error above this pressure. However, the values of A log 
(AOD/OD) for the various buffer-indicator systems do not 
depend on this extrapolation and when experimental 
values of log Kp/Ko become available for the full pressure 
range for acetic acid or any of the other weak acids, ap­
propriate corrections can be made.

Values of AVa° and Ak° were calculated, using eq 10, 
from the experimental values of log K p/Ko (Figure 2) for
2.5- dinitrophenol, p-nitrophenol, cacodylic acid, and 
H2P 04 . These are given in Table II along with an ap­
proximate value of AVa for TrisHCl obtained from a plot 
of log K p/Ko vs. P  (see eq 2). The small change in Ka for 
this acid together with scatter in the data precluded the 
use of eq 10.

The similarity in the values of AVa° for the two phenols 
is gratifying and supports the validity of the procedures 
used. They are also close to a previously reported value of 
-10.3 cc/mol for p-nitrophenol determined from data at 
only two pressures,2 and a value of —11.8 cc/mol deter­
mined for 2,5-dinitrophenol at three pressures.93 The re­
sults for cacodylic acid are comparable to a AVa° of ca. 
— 12 determined from dilatometric measurements at at­
mospheric pressure.9b The values of AVa° for H2P04_ ion­
ization are slightly smaller than a value of -28  cc/mol re­
ported from a density experiment at 1 atm,2 and similar 
to a value of —24.0 cc/mol calculated from data obtained 
usings a glass electrode to 1000 kg/cm2.5 The small value 
of AVa for TrisHCl ionization is close to that obtained re­
cently (+2.5 cc/mol) by Disteche.5

Experimental Section

Materials. p-Nitrophenol. A sample of p-nitrophenol 
(Eastman) was dissolved in absolute ethanol and treated 
with charcoal. Recrystallization twice from ethanol-water 
gave long needles which were filtered and dried in vacuo 
over phosphorous pentoxide; mp 112-114° (lit.10 mp
114.5- 115°). 2,5-Dinitrophenol. A sample of 2,5-dinitro-

TABLE II: Values of AVa° and A k °  for Weak Acids“

Weak acid A t/a°, cc /m o i
A k° X 103, 

c c /m o l/(k g /c m 2)

2,5-D initrophenol -1 1 .3 -1 .2 8
p-N itrophenol -1 1 .3 -1 .4 1
Cacodylic acid -1 3 .2 -1 .9 4
h 2p o 4~ — 25.3* -3 .0 5 *

— 24.5e — 2.98c
— 23.8d — 2.62d

TrisH + +  1
(A cetic  acid) - 11.2 - 1 .4 4

“  Calculated using the data In Figure 2 and eq 9. 6 2,5-DNP indicator,
pH 6.31. c 2,5-DNP indicator, pH 6.11. “ p-NP indicator, pH 7.97.

TABLE III: Determination of pK a  for 2,5-Dinitrophenol

Buffer pH
(ODi -  O D )/ 

OD Calcd pKa

0.1 M  a ce ta te 5.63 0.3001 5.10
5.63 0.2940 5.11
5.52 0.4270 5.15
5.22 0.7812 5.11

0.05 M  ca co d y la te 6.00 0.1365 5.14
5.77 0.2075 5.09
5.64 0.2801 5.09
5.53 0.3657 5.09
5.37 0.5158 5.08

phenol (Aldrich) mp 106-107° was used as received. Buff­
ers. Buffers were prepared according to published formu­
lations.11 Sodium cacodylate (MCB) was used as received. 
Tris buffer was prepared from Trizma Base (Sigma) and 
Trizma HC1 (Sigma) which had been dried in vacuo over 
phosphorous pentoxide prior to use. Other components 
were reagent grade chemicals.

Sample Preparation. 2,5-Dinitrophenol Solutions. Stock 
solutions of 2,5-dinitrophenol in water (0.036 M) were pre­
pared by bringing 0.165 g of indicator to a volume of 25 ml 
using water containing an equivalent amount of sodium 
hydroxide. Solutions of this indicator in the various buff­
ers were prepared just prior to use by diluting 0.5 ml of 
the stock solution to 50 ml with the appropriate buffer. 
Samples of this concentration (3.6 X 10-4 M) were suit­
able for use in 1-cm uv cells. Samples for pressure studies 
were prepared by bringing either 5- or 10-ml aliquots of 
the latter solution to a volume of 25 ml with the same 
buffer (7.2 X 10~5 and 1.44 x 10-4 M, respectively), p- 
Nitrophenol Solutions. A stock solution of p-nitrophenol 
in water (0.01 M) was prepared by bringing 0.069 g of in­
dicator to 50 ml with distilled water. Solutions of this in­
dicator in the various buffers were prepared just prior to 
use in the same way as described above. High-pressure 
samples were 2 x 1(V8 or 4 x  1(V 5 M. “ Basic” Solutions. 
“ Basic”  solutions used to obtain the data in Figure 1 were 
prepared just prior to use from the indicator stock solu­
tions using the same dilutions as above. In place of buffer 
solutions, aqueous solutions of the appropriate buffer con­
jugate base (same concentration as buffer) were used. Ad­
ditionally, one pellet of sodium hydroxide (0.1 g) was 
added during the dilution to 50 ml except in the case of
2,5-dinitrophenol in aqueous Na2HP04 solution.

Uv Spectra at High Pressures. Samples of indicators in
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buffers were placed in 3.4-cm quartz cells which were then 
enclosed in a high-pressure optical bomb. A spectrum 
from 650 to 350 m/u was recorded at atmospheric pressure 
and then at a series of higher pressures to 6500 kg/cm2. 
After release of pressure, another spectrum was recorded. 
The adjusted optical density at Xmax typically differed by 
no more than 1% between the initial and final 1-atm spec­
tra. Some baseline shift was observed with increasing 
pressure and this was taken into account in calculating 
the optical density at Xmax. Shifts of less than 3 m/j were 
observed in the positions of the absorption bands over the 
6500-kg/cm2 pressure range.

pH Measurements. For the purpose of checking the pH 
values at 1 atm, measurements were made on the various 
buffers and other solutions using a Radiometer pH meter 
and Radiometer electrodes.

pKi Measurements for Indicators at 1 atm. Measure­
ments10 in buffer of pRj for p-nitrophenol give a value of
7.05 and our data are in agreement with this number. 
Several pK\ values in the range 5.1-5.2 have been re­
ported for 2,5-dinitrophenol.12 Using acetate and cacody- 
late buffers the data shown in Table HI were obtained at 
atmospheric pressure. Reliable data could not be obtained 
at pH values less than 5.1 to 5.2 because of the develop­
ment of an interfering absorption band at 360 mp from 
the neutral phenol. Absorption bands of p-nitrophenoxide 
ion and 2,5-dinitrophenoxide ion used in these studies 
were at 400 and 440 m^, respectively.
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Prehydration Scavenging of eaq“ and the Yields of 
Primary Reducing Products in Water 7-Radiolysis

Z. D. Draganic and I. G. Draganic*

Boris Kidrid Institute of Nuclear Sciences, Beograd, Yugoslavia (Received May 14, 1973)

The formation of primary reducing yields of water radiolysis was examined in neutral aqueous solutions 
of alanine and glycine. Increase in concentration of the amino acids was found to lead to decrease in G- 
(eaq“ ), G(H), and G(H2). Low reactivities toward eaq-  in the solutions studied suggest that the prehy­
dration scavenging of eaq_ is the cause of decrease in G(eaq ) and therefore in G(H) and G(H2). The con­
sequences of prehydration scavenging for the water decomposition yield are considered.

Introduction
Experimental testing of the free-radical model of water 

radiolysis has confirmed the importance of eaq~ reactions 
for the formation of primary yields of H and H2.1’2 It 
might be expected, therefore, that a possible prehydration 
scavenging of eaq_ should influence not only G(eaq_ ) but

also G(H) and G(H2). It should also affect the values of 
G (-H 20) calculated from the data on the yields of pri­
mary reducing species by the equation of material bal­
ance. The accumulating evidence on the importance of 
eaq_ precursor reactions3-6 and some inconsistency con­
cerning G (-H 20) dependence on the reactivities toward
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ea<1 and OH7 pointed out that the prehydration scaveng­
ing could be important for the formation of all primary 
yields in irradiated water. The present work provides 
some clear evidence for the reducing products. The solutes 
used were alanine and glycine, both known as fairly ineffi­
cient in scavenging eaq~, H, and OH, but assumed to 
react effectively with the precursor of the hydrated elec­
tron.5'7 The irradiated solutions (natural pH) consisted of 
the amino acids studied at various concentrations and of 
appropriate amounts of nitrite, or formate and nitrate, to 
react with the primary free radicals in the bulk only. The 
amount of chemical change and the steady-state kinetics 
were used in the calculations of the primary yields.

Experimental Section
The chemicals used were BDH or Merck of the highest 

purity available. Irradiations were carried out in a ra­
dioactive cobalt source giving 2.1 X 1019 eV g_1 hr-1 ; the 
absorbed doses ranged from 2 X 1017 to 7 X 1017 eV g -1 . 
Molecular hydrogen was determined by gas chromatogra­
phy and the nitrite concentration by spectrophotometry. 
Sample preparation, irradiations, and chemical analyses 
were described in full detail in the preceding paper.7

Results and Discussion
Table I summarizes the yields of stable products deter­

mined in irradiated solutions and used in the calculations 
of primary yields.

GiHz). Primary yield of molecular hydrogen was direct­
ly measured in aqueous solutions of amino acids (AA) 
containing the nitrite ion (0.01 or 0.05 M). Nitrite is effec­
tive in scavenging OH, H, and eaq_ without producing 
H2. Its concentration was sufficient to prevent some addi­
tional formation of hydrogen by reaction H + AA —► H2 + 
P, and

G(H2) =  G(H2)meas (1)

The measured yields are lower than 0.45 because of inter­
ference with the H2 formation in the spurs, caused by 
somewhat higher reactivities of nitrite toward eaq _ .

G(H). In aqueous solutions of amino acids we had ni­
trate ion to scavenge eaq_ and HCOCU to remove OH and 
H species from the bulk. Because of the reaction H + 
HCOO- —*H2 + COO-, we had

G(H2)meas =  G(H2) +  G(H) (2)

The nitrate ion present (5 X 10~3 or 2.5 X 10~2 M) re­
moves the hydrated electron from the bulk. However, at 
higher concentrations of amino acid one has also to take 
into consideration the reaction eaq~ + NH3+CH(R)COO~ 
—*■ H + NH2CH(R)COO~ and the values of G(H) have to 
be calculated from the following relation

G(H,)meas = G(H2) + G(H) +  /G(eaq") X
( ^p...-+Nor[N03 ]
1 + .[AA] f (3)

The value of /  amounts to 0.09 and 0.37 for alanine and 
glycine, respectively. It takes into account the fraction of 
eaq ~ yield leading to the formation of H atoms in a solu­
tion of the given amino acid; we have derived it from the 
following values of H2 yields reported for neutral aqueous 
solutions of 1 M  alanine and 1 M  glycine: 1.25s and 2.02,9 
respectively. As G(H2) in eq 2 and 3 we have used the ex­
perimental values of H2 measured at corresponding amino
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Figure 1. Dependence of experim entally derived prim ary yields 
of eaq_ , H, and H 2 on the concentration of am ino acid: A , a la­
nine; O , glycine. The open symbols refer to a solution conta in­
ing 5 X 10-3  M  NaNCB and 0.1 M  HCOONa. The solid symbols 
refer to a solution containing 2.5 X 10~ 2 M  NaNC>3 and 0.1 M  
HCOONa.

acid concentration (Table I). The reactivities of nitrite 
ion in these solutions corresponded to the reactivities of 
nitrate (5.25 X 107 and 2.6 X 10s sec^1) toward the hydrat­
ed electron.

G(eaq~). The yield of the hydrated electron was mea­
sured in aqueous solutions of amino acid containing a 
small amount of nitrate, to remove eaq-  from the bulk, 
and the formate ion to react with the H and OH radicals 
and to convert the intermediate of nitrate-hydrated elec­
tron reaction to the nitrite ion. Under these conditions the 
yield of nitrite was used as a measure of eaq_ yield. Since 
some hydrated electrons are lost in the reaction with 
amino acid we had to use for G(eaq") calculation the fol­
lowing relation

G(eaq-) =
ĉa,- + AA[AA] 1

¿eaq- + NO;!-[N0 3- ] / (4)

Since the pH of solutions was about 6.4, the values of 
&(eaq~ + AA) used in eq 4 refer only to the reactions of 
the hydrated electron with the dipolar ions of amino 
acids.10 The eventual contribution of undissociated mole­
cules, formed within the spurs due to the H30+ from the 
water radiolysis, could not be taken into account because 
of the complex pH situation within the places of localized 
energy deposit in the systems studied. As can be seen in 
Table I, the presence of sodium hydroxide in irradiated 
samples does not affect the nitrite ion yields, which 
suggests that this contribution can be neglected.

Dependence of the Primary Yields on Amino Acid Con­
centration. Relations 1-4 and the data given in Table I 
were used to calculate the primary yield vs. amino acid 
concentration curves shown in Figure 1. As was to be ex­
pected, the increasing concentrations of amino acids lead 
to depression of all the primary reducing yields. Solid and 
open symbols are used to distinguish between the solu­
tions with various reactivities toward the hydrated elec­
tron. At increased reactivities, represented by solid sym­
bols, the absolute values are different because of some 
scavenging from the spurs but the trends are practically 
the same. Alanine is somewhat more effective in reducing 
the yield of eaq_ than glycine; the difference is not signifi­
cant. In solutions containing simultaneously up to 1 M  of 
alanine and of glycine, the decrease in the yield is very
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TABLE I: Yields of Stable Radiolytic Products Measured in Deaerated, Neutral, Aqueous Solutions of Alanine and Glycine

[Amino
acid],

M

Alanine Glycine

G ( H2)meas G(H2)measa G(N 02- ) a G(H2)meas G(H2)measa G (N 02- ) °

5 X 1 0 - 3 M N a N 0 3

0 .4 0 " 0.94 2.73 0.40* 0.94 2.73
0.1 0.40* 0.94 2.66
0.25 0.37* 0.90 2.50 0.37* 2.54
0.5 0 .36* 0.85 2.35 0.35* 2.37
1,0 0.34* 0.83 2.12 0.34* 0.96 2.15
2.0 0.30* 1.00 1.68
2.5 0.29* 1.11 1.33

2.5 X 1 0 - 2 M N a N 0 3

0.34* 0.88 3.19 0.34* 0.88 3.19
0.1 3.15 0.33* 0.88 3.17
0.25 0.32* 0.82 2.92 0.32* 0.83 3.04
0.5 0.31* 0.83 2.75 0.30* 0.80 2.85
0.5 2 .8 2 ;d 2.65*
1.0 0.30* 0.75 2.57 0.29* 0.78 2.87
2.0 0.25* 0.78 2.35
2.0 2 .3 4 ;7 2 .2 9 ;«  2 .33*
2.5 0.25* 0.74 2.06

a Solution contains 0.1 M HCOO . * Solution contains 0.01 M NaN02; N aN 03 absent. c Solution contains 0.05 M N aN 02; N aN 03 absent. d 2 X 10" 2 M 
NaOH added (pH 8.6). e 0.1 M NaOH added (pH 9.4). f  1 X K T 2 M NaOH added (pH 7.6). « 5 X 10“ 2 M NaOH added (pH 8.4). h 0.1 M NaOH added 
(pH 8.7).

TABLE II: Yields of eaq~ in Aqueous Solutions of Alanine and 
Glycine Mixtures'2

[Amino acid], M G(eaq )

Alanine Glycine G (N 02- ) b c

0.5 0.5 2.70 2.77 2.52
1.0 1.0 2.35 2.45 2.30
0.5 2.0 2.40 2.58 1.97
1.0 2.0 2.14 2.30 1.73

a 2.5 X 10-2  M NaN03 and 0.1 M HCOONa present in irradiated sam­
ples. 6 Calculated from nitrite yield. * Derived from Figure 1.

nearly equal to the sum of their combind effects (Table 
II).

The prehydration scavenging of eaq” should also influ­
ence the formation of G(OH) and G(H2C>2). According to 
the free-radical model, an efficient removal of the hydrat­
ed electron leads to an increase n OH yield because of 
depression of water re-formation n reaction eaq + OH. 
This increase was experimentally proved with various sys­
tems7 and points out that, at the amino acid concentra­
tions used in this work, it should be about 10% because of 
prehydration scavenging.

The Yield of Water Decomposition and the Prehydra­
tion Scavenging. In calculating the radiation chemical 
yield of water decomposition, use is widely made of the 
assumption of material balance, G (-H 20) = G(eaq~) + 
G(H) + 2G(H2). When the data from Figure 1 are used, 
the calculated G (-H 20) values decrease considerably 
with increasing amino acid concentration. At 2.5 M  gly­
cine, for example, this decrease is about 1.3G units. It 
shows that the water decomposition yield cannot be de­
rived only from the measurements in the bulk of the solu­
tions and that one has to take into account the water mol­
ecules decomposed due to the pxehydration scavenging. 
This contribution is for the present not well defined. One 
can only estimate the yield of the precursor scavenged 
from the difference between G(—H20), calculated from

the primary reducing yields, obtained in the absence and 
in the presence of amino acid.

It is worth noticing that previously reported correlation 
of primary yields with reactivities turned out to be less 
successful in the case of the reducing products of water 
radiolysis than for the oxidizing ones.1-2-7 Also, significant 
deviations from the yield-reactivity curves have still re­
mained after the dependence of the eaq_ rate constant on 
ionic strength has been taken into account.7-11 The pres­
ent work suggests that a better understanding of the reac­
tions between the eaq_ precursor and the solutes used in 
the examination might be helpful for a satisfactory expla­
nation of these inconsistencies.

The experimental results obtained in this work do not 
allow any conclusion about the nature of the precursor 
species or the scavenging mechanism. The prehydration 
scavenging takes place already at low amino acid concen­
trations and the results do not contradict the assumption 
that we are dealing with a highly mobile electron which 
can traverse rather long distances before it has fully de­
veloped its ionic atmosphere.
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The ion pair extraction constants for 26 alkyl sulfates have been determined at a minimum of nine tem­
peratures from which the free energy, enthalpy, and entropy of transfer data were calculated for 18 dif­
ferent organic groups. The trends in the free-energy data are interpreted in terms of interfacial interac­
tions, water structuring, and specific solvation in the aqueous phase. From correlations between the free 
energies of transfer for the hydrocarbon groups investigated and their respective van der Waals volumes 
and relative surface areas, it is demonstrated that interfacial solute-solvent interactions in the aqueous 
phase, as reflected by the relative surface areas, are of greater significance than the volume of the solute 
in determining the solution behavior of organic molecules. A simple method for measuring surface areas 
with molecular models is described and evaluated, and the areas thus determined are shown to correlate 
closely with free energies of transfer of saturated hydrocarbon groupings from water to a nonpolar phase. 
From the extraction data for a homologous series of alkyl sulfates, it was found that the transfer process 
was ar. entropy controlled one below 25° for the larger anions. It was also shown that, at 30°, there was a 
constant increment of -916 cal/mol in the free energy, -378 cal/mol in the enthalpy, and 1.77 eu in the 
entropy of transfer for each additional methylene group for those anions containing five or more carbons. 
The importance of the specific solvation of polar groups in the organic phase was evaluated for the halo­
gen substituents and the ether group. Although the results indicated that the increase in the average sol­
vation number is not large, the absolute magnitude of the thermodynamic data should be affected by the 
additional 0.25 and 0.50 molecules of chloroform found to be solvating the ion pairs containing the halide 
and ether groups, respectively.

Introduction
One of the major goals of research in the field of solu­

tion thermodynamics has been the development of a priori 
methods for the prediction of solution behavior and the 
utilization of these methods in various physical and bio­
logical studies. However, rigorous attempts to predict how 
a given solute will behave in a given solvent simply from 
the physical properties of the pure components have been 
limited almost entirely to mixtures of nonpolar species.3 
The semiempirical group contribution approach is, how­
ever, an a priori method which has achieved a relative de­
gree of success. In this approach a molecule is considered 
to be composed of groups which are associated with cer­
tain thermodynamic properties. Consequently, the activi­
ty coefficient, free energy, or partition coefficient can be 
found from the sum of the values for the different groups 
comprising the molecule. In contrast to the more theoreti­
cal approaches, this method is derived solely from an 
analysis of empirical data. However, the results frequently 
assume a form similar to those mathematically derived 
from statistical mechanics. This concept was first intro­
duced by Langmuir4 as the “ principle of independent sur­
face action,” and was verified and refined by Butler in his 
papers on the thermodynamics of hydration.®-6

Since that time many investigators have applied the 
group contribution approach to the transfer of a whole 
molecule from one phase to another. Nevertheless, the ap­
plication of this concept has been limited largely through 
lack of accurate data. At this time we wish to report some 
of the necessary data and also a relatively simple predic­
tive approach which seems to yield numerical values for

free energies of such phase transfers from water to nonpo­
lar solvents for various hydrocarbon groupings. The ap­
proach used permits accurate and ready estimation of 
partition coefficient values for these systems and also pro­
vides an additional insight into the nature of solute-sol­
vent interactions in both aqueous and nonaqueous sys­
tems.

Various types of experimental data have been used to 
obtain values for the transfer of functional groups between 
phases.3 Measured partition coefficients have been partic­
ularly useful. However, the limited solubility of many or­
ganic molecules in water often presents difficulties in 
measuring partition coefficients. Thus, the use of ion pairs 
to facilitate the measurement of partition coefficients was 
considered. The feasibility of such an approach is sup­
ported by correlations reported by Schill and his cowork­
ers7 -8 between measured extraction constants and carbon 
number, and by the previous thermodynamic data ob­
tained from the studies of ion pair extraction equilibria in 
this laboratory.9

In this study, the protonated form of dextromethor­
phan, d-3-methoxy-N-methylmorphinan (I), was chosen as 
the extracting cation to be paired with several inorganic 
anions and a series of alkyl sulfates. The organic phase 
consisted of chloroform or chloroform-carbon tetrachloride 
mixtures where the chloroform acted as a solvating agent 
to aid in the extraction process. A detailed investigation 
of the effects of such factors as pH, anion concentration, 
ion pair dissociation, and extraction procedures on the ob­
served ion pair extraction constants was conducted also.10 
In addition, a correlation was made between the corre-
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sponding free-energy differences attributable to alkyl sub­
stituents and their effective surface areas. These differ­
ences were found to be essentially determined by the ef­
fective surface areas exposed by the hydrocarbon groups 
in the aqueous phase, and to a lesser degree by the surface 
interactions of the same solute groupings in the organic 
phase.

Experimental Section

Ion Pair Extraction Studies. Equipment and Reagents. 
All absorbance readings were made using a Cary Model 16 
spectrophotometer and complete spectra were recorded on 
a Cary Model 15 spectrophotometer. Shaking was carried 
out on a Burrell Wrist-Action shaker and all pH measure­
ments were determined with a Corning Model 12 research 
pH meter.

Dextromethorphan, obtained through the courtesy of 
Vick Divisions Research of the Vick Chemical Co., was 
found to be 99.75% pure by a nonaqueous titration.11 All 
other chemicals used in the study were Analytical Re­
agent grade.

Solutions were prepared with water which had been dis­
tilled a second time from acid permanganate in an all 
glass apparatus. Reagent grade chloroform was shaken 
three times with distilled water to remove its preserva­
tive, dried over phosphorus pentoxide, and distilled im­
mediately prior to its use. Reagent grade carbon tetra­
chloride was also distilled before use.

Phosphate buffers were prepared to contain 0.1 M  
NaH2P04 and sufficient H3PO4 to adjust the pH to the 
desired value. A pH of 2.40 was mos" commonly em­
ployed. The buffer solutions were saturated with the or­
ganic phase prior to use.

Chloroform-carbon tetrachloride mixtures were pre­
pared on a per cent volume basis and all organic phases 
were saturated with water prior to use.

Preparation of the Sodium Alkyl Sulfates. Equimolar 
amounts of the respective alcohol and concentrated sulfu­
ric acid were mixed in an ice bath and allowed to react at 
room temperature for 48 hr. The mixture was diluted with 
water and was neutralized with sodium carbonate. After 
evaporating to dryness, at room temperature, the residue 
was extracted with hot methanol and the solution was 
again evaporated. This residue was recrystallized twice 
from hot methanol-2-propanol mixtures and the product 
was dried in a vacuum oven for 3 hr.

Procedure. Ten milliliters of the aqueous phase was 
placed with 10 ml of the organic phase in a sealed 25-ml 
volumetric flask. Twenty-five-ml flasks were used to re­
duce the amount of vaporization of the organic phase. The 
two phases were shaken for 2 hr in water baths held at 
constant temperatures controlled to ±0.05°. A determina­
tion of extraction constants as a function of shaking time 
indicated that equilibrium is reached within 15 min. The 
shaker was stopped and the flasks were allowed to equili­

brate for at least 10 min. The contents of the flasks were 
transferred to separatory funnels equilibrated to the same 
temperature as the solutions. The two phases were sepa­
rated with the aqueous phase being filtered through a 
small plug of glass wool. If readings were to be made on 
the organic phase, the ion pair was converted to the free 
base by shaking the organic phase in a volumetric flask at 
room temperature for 45 min with about 10 ml of 0.1 M 
NaOH which had been saturated with the respective or­
ganic phase. The contents were transferred to a separatory 
funnel and the organic phase was collected. Using data 
given in ref 10, the concentrations of dextromethorphan in 
the aqueous NaOH phase both in the protonated and free 
base form was found to be negligible (< 0.1%) compared 
with dextromethorphan in the organic phase. In most 
cases, readings were made only on the aqueous phase, and 
the concentration of the ion pair in the organic phase was 
found by difference. However, readings were made on the 
organic phase for all of those anions exhibiting an interfer­
ing uv spectrum of their own. Aqueous solutions contain­
ing four to six different anion concentrations and approxi­
mately 5 x  10“ 4 M  dextromethorphan were shaken at 
nine to ten different temperatures for each anion investi­
gated. The overall range of anion concentrations was 9 X 
10_4-7 X 10-2 M. For short-chain alkyl sulfates, the con­
centrations were about (1.0-5.0) x 10-2 M, while for the 
majority of the compounds, the anion concentration range 
was about (1.0-5.0) X 10~3. All data can be considered to 
be obtained under conditions of infinite dilution, so that 
the concentrations of the species under investigation are 
equal to their activities.

Surface Area Measurements. The relative surface areas 
of the group (terf-butyl being set equal to one) were esti­
mated by covering CPK atomic models obtained from the 
Ealing Corp., Cambridge, Mass., with spheres approxi­
mately corresponding to hydrogen atoms in diameter and 
determining the average number of such contacting 
spheres. Spheres the size of hydrogen atoms were rather 
arbitrarily chosen to approximate the maximum possible 
surface area “ seen”  by the hydrogen atoms of a water 
molecule. Styrofoam balls having a diameter of 1 in. were 
attached to the models with rubber cement. Care was 
taken to get as many spheres around the model as possi­
ble while being certain that each sphere came into actual 
contact with the model. A plane formed by placing the 
model on a flat surface using the point of attachment of 
the group was used to define the surface to be measured. 
After all the spheres were in place, the number of spheres 
were counted and the average number of at least five de­
terminations was used to calculate the surface area rela­
tive to the fert-butyl group. Often, more than five deter­
minations were made, particularly in the cases where 
rotation and various conformations were possible. These 
were taken into account in arriving at the average num­
ber. Two individuals using styrofoam balls obtained from 
different sources (both labeled as 1 in. but having slightly 
different diameters) determined the areas reported here 
independently. Although the absolute number of spheres 
surrounding the groups differed significantly (e.g., for the 
tert-butyl group the average values were 29 and 25.4) the 
relative surface areas showed good agreement.

Results and Discussion
Calculation of Group Contribution Data. The extraction 

of the protonated form of dextromethorphan paired with 
suitable anions seems to provide an ideal system for the
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collection of theromodynamic data. In an attempt to en­
sure the accuracy of this data, an investigation of the ion 
pair extraction equilibria used in the study was undertak­
en. Three competing equilibria were found to interfere in 
the determination of true extraction constants: (1) the ex­
traction of dextromethorphan as the free base; (2) the ex­
traction of buffer anions; (3) the dissociation of the ion 
pair in the organic phase.

The extraction constant for the buffer ion (H2P0 .i_) 
was measured between water and 100% CHCI3 and found 
to be 4.76 x 10-2 at 25°. This small value should be even 
smaller in the 25% CHCI3 in CCU mixture used in this 
study. The amount of solvation of its ion pair by the chlo­
roform molecules in the organic phase was relatively low. 
Such behavior is expected for large anions with dispersed 
charges.

The extent of dissociation of the ion pair in the organic 
phase was examined by making a series of measurements 
on dextromethorphan propyl sulfate into 25% chloroform 
in carbon tetrachloride at 25°. The dissociation constant 
was calculated to be 6.32 X 10_6. Only at low anion con­
centrations, where the concentration of the ion pair in the 
organic phase approaches 10_ 6 or 10- 5 M, is the ion pair 
dissociation significant. It was found that through proper 
control of pH (keeping the pH low) and the use of suffi­
ciently large anion concentrations, interferences from 1 
and 3 can be essentially eliminated.

Assuming that dissociation of the ion pair and extrac­
tion of the free base is negligible, the observed partition 
coefficient can be related to the anion concentration as 
follows

PCohsd =  X dm+x~[X~] +  constant (1)

at a constant pH, temperature, and buffer concentration 
where PCobsd is the observed partition coefficient, 
-Kdm+x -  is the true extraction constant, [X - ] is the 
concentration of the anion, and the constant represents 
the extraction of the buffer anions. The true extraction 
constant was obtained by plotting PCobsd us. anion con­
centration and the slope becomes K dm+x -- In nil cases, 
a straight line with a positive nonzero intercept was ob­
tained as predicted if dissociation is unimportant and the 
extraction of the other species occurs.

This part of the investigation served to emphasize the 
importance of thoroughly studying and understanding the 
factors affecting the efficient use of ion pair extractions. It 
further indicates that many interfering equilibria can be 
eliminated or adjusted for by simple variations in the ex­
traction conditions. Details of this portion of the work can 
be found in ref 10.

Group contribution data can be obtained by an extrapo­
lation procedure or by a difference method. In this study, 
the latter approach was adopted, and the thermodynamic 
data were collected by finding the difference between a 
substituted and unsubstituted parent compound, for ex­
ample, AG3o(3,3-dimethylbutyl sulfate) -  AG3o(ethyl sul­
fate) = A A Gaol tert-butyl). This method supplies true 
group contribution values provided the hydrogen atom 
which has been replaced makes an insignificant contribu­
tion to the thermodynamics of transfer. Nemethy and 
Scheraga12 have pointed out that there is a significant dif­
ference in the number of water molecules around a methyl 
group, as compared to a methylene group, and various 
earlier extrapolation procedures have suggested that the 
contribution of a methyl group is about 1.06 kcal/mol 
greater than a methylene group.13-14 However, the validi-

TABLE I: Thermodynamic Values for the Extraction Equilibria 
of Dextromethorphan Alkyl Sulfate ion Pairs between Water and 
25% v/v CHCI3 in CCI4

Alkyl sulfate
AG3o,a
cal/mol

AH,
cal/mol

AS30,
eu

Ethyl - 1 9 0 -1 2 5 8 -3 .5 2
Propyl - 9 9 5 -2 1 4 2 -3 .7 8
Butyl -1 8 4 3 -3 3 6 8 -5 .0 3
Pentyl -2 8 0 6 -4 1 5 5 -4 .4 5
Hexyl -3 7 7 4 -4 5 4 4 -2 .5 4
Heptyl -4 6 3 3 -4 9 6 0 -1 .0 8
Octyl -5 5 7 5 -5 2 8 1 0.97
3-Methyl butyl -2 6 9 7 -3 0 3 5 - 1 .11
3,3-D imethyl butyl -3 3 2 6 -3 9 6 0 -2 .0 9
Cyclohexylpropyl -5 4 0 9 -5 4 2 2 -0 .2 9
Cyclohexylethyl -4 5 9 5 -4 9 1 9 -1 .0 7
Phenethyl -3 1 6 6 -5 0 0 6 -6 .0 7
Phenyl propyl -3 8 2 3 -5 5 7 8 -5 .7 9
Phenyl butyl -4 7 1 5 -5 6 4 1 -3 .0 6
4-Pentene 1-sulfate -1 9 4 1 -3 8 0 3 -6 .1 4
5-Hexene 1-sulfate -2 5 3 8 -3 0 4 8 - 1.68
Cyclopentylethyl -3 8 8 9 -4 3 8 4 -1 .6 3
3-Bromo-1 -propyl -1 8 0 2 -3 9 3 1 -7 .0 2
3-Methoxy-1 -propyl - 6 2 9 -2 2 2 9 -5 .2 8
3-M ethyl-1-pentyl -3 5 6 6 -3 9 8 1 -1 .3 7
2-Butoxy-1-ethyl -2 2 4 3 -1 3 5 0 2.95
p-Fluorophenethyl -3 3 4 5 -4 7 5 9 -4 .6 6
3-Chloro-1-propyl -1 4 3 4 -3 3 4 5 -6 .3 0
Neooctyl -5 0 3 1 -4 1 1 8 3.01
Phenoxy ethyl -3 0 8 7 -4 8 6 0 -5 .8 5
Fluoroethyl - 2 2 8 -1 7 0 7 -4 .8 8

a A G  P T  In ^extraction-

ty of extrapolation procedures is questionable, and no ad­
ditional evidence for this end group effect has been pre­
sented. Consequently, the overall group contribution 
values obtained in this study probably include an end 
group contribution, the value of which is presently un­
known.

Table I summarizes the thermodynamic data from 
which the group contribution data tabulated in Table II 
were calculated. The actual extraction constants for each 
alkyl sulfate are listed in ref 10. The ir values are defined 
after the manner of Hansch15 (i.e., ir is defined as ir = log 
Px — log Ph, where PH is the partition coefficient of the 
parent compound and Px is the value for a derivative). 
The F  factors are the antilogs of the tv values and repre­
sent the factor by which the partition coefficient changes 
when the group is substituted in a molecule. When several 
derivatives were investigated to find the thermodynamic 
properties of a single group, the alkyl derivative from 
which the data were derived is shown in parentheses in 
Table II.

The reproducibility of the free-energy data for nonpolar 
or slightly polar groups, together with their agreement with 
values obtained in earlier investigations, serves to empha­
size the reliability of the results found in this study. The 
accuracy of the enthalpy and entropy data for these 
groups, however, is less reliable, inasmuch as the data 
were differentiated to obtain the AH  values, and an as­
sumption was made that the enthalpy change of transfer 
is temperature independent.

Solvation of Polar Groups. In interpreting the data list­
ed in Table II, the fact that the organic phase in this 
study consisted of 25% chloroform in carbon tetrachloride
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TABLE II: Thermodynamic Values for Various Organic Groups at 30°

Group AAG30, cal/mol AAH, cal/mol A AS30, eu 7r value F  factor

Neohexyl -4 8 3 1 -2 8 6 0 6.53 3.49 3090
Cyclohexyl -4 4 0 5  (Et) -36 6 1 2.45 3.18 1510

-4 4 1 4  (Pr) -3 2 8 0 3.49 3.18 1510
Neo pentyl -4 0 3 6 -1 9 7 6 6.79 2.91 813
Cyclopentyl -3 6 9 9 -3 1 2 6 1.89 2.67 468
sec-Butyl -3 3 7 6 -2 7 2 3 2.15 2.43 269
ferf-Butyl -3 1 3 6 -2 7 0 2 1.43 2.26 182
Phenyl -2 8 7 2  (Bu) -2 2 7 4 1.97 2.07 118

-2 8 2 8  (Pr) -3 4 3 6 - 2.01 2.04 110
-2 9 7 6  (Et) -3 7 4 8 -2 .5 5 2.14 139

Phenoxy -2 8 9 7 -3 6 0 2 -2 .3 3 2.08 120
Isopropyl -2 5 0 7 -1 7 7 7 2.41 1.81 64.6
Butoxy -2 0 5 3 - 9 2 6.47 1.48 30.2
Ethylene -9 4 7 -1 8 9 1 -3 .0 9 0.68 4.79
Methylene -9 1 6 -3 7 8 1.77 0.66 4.57
Bromo -8 0 7 -1 7 8 9 -3 .2 4 0.58 3.80
Chloro -4 3 9 -1 2 0 3 -2 .5 2 0.32 2.09
4-Fluoro -1 7 9 247 1.41 0.13 1.35

(arom atic)
Fluoro - 3 8 -4 4 9 -1 .3 6 0.03 1.06

(aliphatic)
Methoxy 303 - 8 7 -1 .5 0 -0 .2 6 0.55
-O -

(M eO Pr“ ) 1214 1139 -0 .2 5 - 0.88 0.13
(B uO E t-) 1541 3208 5.50 - 1 .11 0.08
(P hO E t-) 79 146 0.22 -0 .0 6 0.87

must be taken into consideration. Consequently, the 
thermodynamic values for the polar groups investigated 
reflect the specific solute-solvent interactions existing in 
both the aqueous and the organic phases. Behavior of this 
type is expected for the halogen substituents, the phenyl 
group, and groups with ether linkages. The average solva­
tion number of the ion pair in the organic phase should be 
indicative of the extent of this interaction. The extent of 
solvation can be obtained from measurements of extrac­
tion constants as a function of chloroform concentration 
employing

log K obsd =  log-K W x- +  n log [CHC13] (2\

where K <**<* = [(DM +X-)(CHCl3)n]/[D M +][X -],
^ D M  +  X  — =  [(DM +X-)(CHCla)n]/[DM+][X-][CHCls]B,
and n = the average solvation number. The average solva­
tion numbers for 3-chloropropyl sulfate, propyl sulfate, 
butoxyethyl sulfate, and hexyl sulfate were found from the 
slopes of the graphs shown in Figure 1. As expected, the 
normal alkyl sulfates exhibited approximately identical 
average solvation numbers of 2.76 and 2.82 for hexyl and 
propyl sulfates, respectively, while values of 3.26 and 3.08 
were found for butoxyethyl sulfate and 3-chloropropyl sul­
fate. From the difference in the numbers found for the an­
ions containing the polar groups and their corresponding 
alkyl sulfates, an additional 0.26 molecule of chloroform 
was shown to solvate the halogen-substituted ion pair, 
while the solvation number was increased by 0.50 for the 
molecules containing the ether linkage. Although these in­
creases in the average solvation number are small, their 
effect on the thermodynamic values appears to be signifi­
cant, and must be considered when using the data collect­
ed in this study.

Effect of the Surface Area of the Group. When examin­
ing theoretical explanations for solution behavior, it is 
found that the solution process is frequently divided into 
three steps: the removal of the solute molecule from its

Figure 1. Determ ination of the average number of chloroform  
molecules solvating the Ion pairs in the organic phase. Scale for 
Ke is 1 -100  for 3-chloropropyl sulfate and propyl sulfate, 10- 
1000 for butoxyethyl sulfate, and 100- 10,000 for hexyl sulfate.

environment; the formation of a cavity in the liquid to 
which it is being transferred; and the introduction of the 
solute molecule into the cavity. According to these consid­
erations, the thermodynamic properties of a solute in so­
lution ultimately depend on two factors (the size of the 
solute molecule and the magnitude of the molecular inter­
action energies). Using the free energy of transfer data ob­
tained in this study, an attempt was made to clarify 
whether the effective surface area or the volume of the so­
lute species is more important in determining its thermo­
dynamic properties in solution.

The relative surface areas of a wide variety of saturated 
straight chain, branched chain, and cyclic hydrocarbon 
groups were measured as described in the Experimental 
Section and are reported in Table III.16 In columns SD,
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TABLE III: Relative Surface Areas for Several Saturated 
Hydrocarbon Groups

Relative surface“ 
area

Functional group A B %° SD %c SE n

M ethyl 0.51 0 0 6
Ethyl 0.70 0.74 2.2 0.9 6
n-P ropy l 0 .93 0.96 2.2 1.0 5
Isop ropy l 0.88 0.90 3.7 1.6 5
n-B u ty l 1.18 1.18 3.8 1.2 10
se c -B u ty l 1.08 1.15 1.6 0.6 8
t e rt-  Butyl 1.00 1.00 2.2 1.0 5
n-P enty l 1.42 1.42 0.9 0.3 10
N eopenty l 1.29 1.29 1.5 0.5 7
C yc lope n ty l 1.18 1.20 3.5 1.1 10
C yc lohexy l 1.38 1.33 3.4 0.6 33
n-H e xy l 1.70 1.64 3.6 1.2 9
se c -H e xy l 1.40 1.5 0.7 5

“ These are relative surface areas with the ferf-butyl group set equal
to one. Those values in column A were determined by one Individual and
those In column B by another. The statistical data refer to the values in
column B. “ This refers to the per cent standard deviation in the n values 
reported in column B for that group. c This refers to the per cent standard 
error for the values in column B.

SE, and n  are listed the standard deviations, standard er­
rors, and number of measurements made in the determi­
nation of the values listed in column B. The average of 
the standard deviations for all groups measured16 is 1.6% 
and of the standard error, 0.6%. These values are quite 
good when one considers that a difference of one sphere 
will introduce from 2 to 6% difference in the value ob­
tained for most of the molecules considered.

In Figure 2 is shown the correlation obtained between 
the free energies of transfer taken from Table II for a num­
ber of saturated straight chain, branched chain, and 
cyclic hydrocarbon groups and their relative surface areas 
in water.

It is evident from the plot that there is a direct rela­
tionship between the free energy of transfer and the rela­
tive surface areas of all of the groups. It may also be noted 
that despite the differences in molecular configuration, 
the butyl and the cyclopentyl groups are represented by 
the same data point. This behavior is also in line with 
Langmuir’s suggested relationship between the activity 
coefficient of a solute and its interfacial energy of interac­
tion,4 with Butler’s interaction energies proposed to ex­
plain the thermodynamic data obtained for the hydration 
of alcohols and alkyl halides,5'6 and with recent correla­
tions between the surface areas of solutes and their parti­
tion coefficients,17 solubilities,18 and complex formation 
constants.19

Interesting results were observed when the thermody­
namic values for the pair, butoxy and pentyl, and the 
pair, phenyl and cyclopentyl, were compared. Each group 
within the respective pairs has the same relative surface 
area and differ only in that the first member of each pair 
can undergo specific solvation by the two' phases. Table 
IV tabulates the data for comparison.

According to the above proposal, groups having the 
same relative surface areas should exhibit the same free 
energies of transfer. In both cases, the groups in Table IV 
which are capable of undergoing specific interaction with 
the two solvent phases have free energies of transfer which 
are more positive than predicted. Assuming that the so­
lute-solvent interactions in the aqueous phase are strong­
er than those in the organic phase, the transfer of the

AA G ( C A L / M O L E )

F igure  2. A co rre la tio n  be tw een the  fre e  e n e rg ie s  o f tra n s fe r at 
30° and the  re la tive  su rfa ce  areas o f com m on  o rg a n ic  g roups .

TABLE IV: A Comparison of Enthalpies and Entropies of 
Transfer for Groups with Similar Relative Surface Areas

AAG3 0 , A A 4 , AAS3 0 ,
Group ca l/m ol ca l/m o l eu

Butoxy - 2 0 5 3 - 9 2 6.47

Pentyl - 4 5 8 0 - 1 8 8 0 8.85
Phenyl - 2 8 7 2 - 2 2 7 4 1.97
C yc lopen ty l - 3 6 9 9 -3 1 2 6 1.89

group should require heat. As a result, the overall enthal­
py of transfer should be more positive than that expected 
in the absence of specific solvation. Although the absolute 
values of the enthalpy data in Table IV are questionable, 
they do show the expected trends. It can also be assumed 
that interactions between water and a butoxy group 
should be stronger than between water and a phenyl 
group, and this seems to be reflected in the greater differ­
ence between the free energies of transfer for the butoxy 
and pentyl groups compared to that for the phenyl and 
cyclopentyl groups. Consequently, it would appear that 
the free-energy values for groups capable of undergoing 
specific solvation by either phase will be in direct propor­
tion to the strength of the specific solute-solvent interac­
tions involved.

Effect of the Volume of the Group. Contrary to the 
above proposal, some workers20-25 have postulated that 
the thermodynamic properties of a solute in solution are 
primarily determined by the volume of the solute mole­
cule. Figure 3 shows the free-energy data obtained in this 
study correlated with the van der Waals volumes calculat­
ed from the values given by Bondi,26 while Figure 4 is a 
graph published by McAuliffe27 for the solubility of hy­
drocarbons in water as a function of their molar volumes. 
In both plots, there does not appear to be a similar depen­
dence on volume for the straight chain compounds as 
compared to the branched chain and cyclic compounds. 
This is in direct contrast to the behavior observed in the 
relative surface area correlation of Figure 2.

It is suspected that previous volume correlations are the 
fortuitous result of several factors. In most studies, the 
physical significance of the volumes used is ambiguous, 
and their values are highly dependent on the method cho-
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A A  6 ( C A L / M O L E )

F igure 3. A c o rre la tio n  be tw een the  fre e  en e rg ie s  o f tra n s fe r a t 
30° and the  van de r W aa ls  vo lu m e s  o f co m m o n  o rg a n ic  groups.

SO LU B IL ITY

M O L A R  VOLUME OR HY DR OC ARB ON 
M L / M  O L E

Figure 4. S o lub ility  o f hyd ro ca rb o n s  In w a te r as a fu n c tio n  o f 
th e ir m o la r vo lum es as re po rted  by M c A u llffe  In re f 20.

sen to obtain them. Frequently, the compounds have been 
judiciously chosen so that only compact symmetrical mol­
ecules have been investigated. For such compounds, there 
appears to be a direct relationship between the volume 
and the effective surface area of the molecule, so that ex­
cellent correlations result with either property. In addi­
tion, many investigations have been limited to homolo­
gous series of compounds, which is, in effect, correlating 
the solution property with the volume of the methylene 
group.

It appears that in this study, many of these problems 
have been avoided through the investigation of a diverse 
selection of organic groups. The relative surface areas de­

Figure 5. V a n ’t H o ff p lo ts  fo r seve ra l a lky l su lfa te s  ex tra c te d  
w ith  d e x trom e tho rph an  fro m  pH 2 .40  phospha te  b u ffe r (p =  
0 .1) in to 2 5 % C H C I3 in C C U .

termined by the method used in this investigation are in­
dependent of any volume measurements and should re­
flect the true values with a high degree of confidence. 
Subsequent to this work, a similar approach has been re­
ported by Hermann,18 in which he calculated the surface 
areas of a number of hydrocarbon molecules and found 
that the areas were linearly related to the hydrocarbon 
solubility in water. Our studies confirm his results for 
functional groups, as well as whole molecules. A major 
difference between this study and Hermann’s is that his 
surface areas are based upon calculations using bond 
lengths, atomic radii, and solvent molecule radii and 
solved by a computer, whereas, in this work, molecular 
models were used, and the relative surface area estimated 
from the number of spheres that one could place around 
the model. The excellent correlation obtained with the 
relative surface areas seems to indicate that although the 
volume of a molecule or group cannot be neglected, the 
interfacial interactions between water and the solute are 
of greater importance in explaining the thermodynamic 
behavior of organic molecules in aqueous solutions. Such a 
correlation further implies that it may be possible to pre­
dict partition coefficients for large hydrophobic molecules, 
which are difficult to obtain empirically, from a simple 
determination of their relative surface areas. Table III 
(microfilm edition)16 includes surface area measurements 
for a large number of saturated hydrocarbon groups which 
should prove useful in such predictions.

Methylene Group. By far, the greatest amount of group 
contribution data has been collected for the methylene 
group. Essentially this is due to the ease with which parti­
tion coefficient and solubility measurements can be made 
for a homologous series of compounds. In this study, the 
protonated form of dextromethorphan was paired with a 
series of alkyl sulfates from ethyl to octyl. Figure 5 shows 
the van’t Hoff plots obtained for each homolog.

Figure 6 shows the relationship between the thermody­
namic data of transfer and the number of carbons in the 
alkyl chains at 30°. Similar to the behavior reported for
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F igure  6. T h e rm o d yn a m ic  p rope rties  as a fu n c tio n  o f ca rbon  
n u m ber fo r s tra ig h t cha in  h yd roca rbon  g roups at 30°,

the lower members of the alcohol and alkane series,27-29 
ethyl sulfate is off the line due to the relative sizes and 
proximity of the ethyl and sulfate portions of the mole­
cule. From the slope of the line, the free-energy incre­
ment per methylene group was found to be -917 cal/mol. 
This agrees quite well with reported values of -800,30 
-872,31 — 850,3’32 and —988 cal/mol.33 It appears that the 
enthalpic portion of Figure 6 is composed of approximate­
ly two straight lines. The transfer equilibrium for anions 
containing four or less methylene groups seems to be an 
enthalpy controlled process in which there is a constant 
increment of -992 cal/m ol/-CH 2-. Once the chain length 
reaches five or more carbons, both the enthalpy and en­
tropy increase steadily by -378 cal/mol and 1.77 cal/m ol/ 
deg for each additional methylene group. Data for these 
alkyl sulfates between 20 and 30° yielded a similar plot 
except that for the larger aliphatic compounds, the trans­
fer process appears to be entropy controlled. This is re­
flected in an apparent leveling of the enthalpy of transfer 
and a rapid increase in the entropy of transfer as the 
chain lengthens.

In recent years, although the additivity of the enthalpic 
and entropic portion of the solution process has been 
questioned, some investigators have shown that if the 
studies are extended to compounds with sufficiently long 
chains, a constant increment in the enthalpy is ob­
served.3436 However, it has also been observed that com­
pounds with chains longer than Cs no longer seem to exhibit 
a constant increment in their excess enthalpy values with 
carbon number.34-37 The change in the methylene group 
contribution at or around C5 which is observed in Figure 6 
for the enthalpy curve has previously been reported for 
measurements of the heat of micelle formation and for 
heats of solution studies34-37 and seems to be satisfactori­
ly ascribed to a head group effect. The behavior observed 
in this study at temperatures greater than 30° agrees quite 
well with previous work, and it can be concluded that, al­
though the excess enthalpy and entropy values for a group 
are much more sensitive to chain length than the free 
energy, all three thermodynamic properties for a methy­
lene group are additive, and the surface area of the solute 
molecule is the important factor in determining the 
thermodynamic qualities.

Cyclic Hydrocarbons. Values of —4405 and —3699 cal/ 
mol were found for the free energy of transfer associated 
with a cyclohexyl and cyclopentyl group, respectively. 
Using the value of —916 cal/m ol/-CH 2-  which was deter­
mined earlier, the values of the excess free energy found 
for the cyclohexyl and cyclopentyl groups are equivalent 
to acyclic compounds containing five and four carbons, 
respectively. Consequently, it appears that ring closure 
has the effect of raising the free energy to a value compa­
rable to that of a normal alkyl chain containing one less 
methylene group than the cyclic structure.

The increased solubility of cyclic compounds in water 
seems to be due to both enthalpy and entropy effects, nei­
ther of which appears to be the controlling factor. It may be 
noted that both cyclic anions show more positive enthal­
pies and more negative entropies of transfer than the cor­
responding aliphatic ions. From an examination of Figure 
2 and Figure 3, it can be seen that both the relative sur­
face areas and the van der Waals volumes are greater for 
the normal alkyl chains. Since it has been shown earlier 
that the free energies of transfer for hydrocarbon groups 
are a function of the effective surface areas of the groups, 
a greater amount of interfacial interaction is expected be­
tween the normal alkyl anions and water. Therefore, it 
seems plausible to attribute the increased solubility of cy­
clic hydrocarbons to their compact structure. However, 
this does not seem to be reflected in the trends in the en­
thalpy values listed in Table I. Consequently, it appears 
that either due to the inaccuracy of the enthalpy data, or 
due to some effect peculiar to the systems investigated, it 
is impossible to support any particular explanation for the 
increased solubility of cyclic hydrocarbons with the 
thermodynamic data available.

Phenyl Group. The phenyl group is an important group 
because of the frequency with which it appears in so many 
compounds. However, it must be kept in mind that the 
thermodynamic values found in this study for this group 
are influenced by the specific interactions occurring be­
tween the 7t electrons of the phenyl group and the chloro­
form molecules in the organic phase. Consequently, the 
data for this group indicate a lower solubility in the aque­
ous than would have been obtained if a nonpolar organic 
phase had been employed, but the values can be of use to 
indicate obvious trends in comparisons to saturated hy­
drocarbons.

In order to verify the reproducibility of the data, the 
group contribution values of the phenyl group were deter­
mined from a study of thè phenyl-substituted ethyl, pro­
pyl, and butyl ion pairs for which the free energies of 
transfer of the alkyl sulfates were found to be —3166, 
-3823, and -4715 cal/mol, respectively. The difference 
between each pair should be equal to the contribution of a 
methylene group. However, it can be seen that this is only 
true for phenylpropyl sulfate and phenylbutyl sulfate. The 
sensitivity of the phenyl group to the chain length of the 
parent compound probably arises from its ability to inter­
act with the charge center since a comparison of cyclohex- 
ylethyl sulfate and cyclohexylpropyl sulfate, with free 
energy values of -4595 and -5408 cal/mol indicate ap­
proximately the correct contribution for a methylene 
group. This example serves to point out the importance of 
separating the group under study far enough from the sul­
fate portion of the anion, and renders questionable any 
data obtained from compounds with very short chains. It 
also indicates that a priori predictions using group contri­
bution data most probably will require a correction term
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if a molecule contains two polar groups sufficiently close 
to interact with each other.

It again appears that the group contribution to the free 
energy remains constant once the chain length is suffi­
ciently long. Other workers have reported free-energy 
values of -290538 and —4979 cal/mol.39 On the other 
hand, it seems that the enthalpy and entropy values are 
very dependent on the compound used to obtain them, 
which could be an example of the compensation phenome­
non described by Lumry and Rajender40 that they attrib­
uted to some vague type of water interaction. In this 
study, however, it may also be possible "hat variations in 
the enthalpy and entropy data could arise from the meth­
od used to find them. When calculating thermodynamic 
properties from the difference in the data for a substituted 
and unsubstituted parent compound, an implicit assump­
tion is made that the thermodynamic behavior of the 
alkyl chain in the parent compound and substituted com­
pound is identical. Two factors may render this assump­
tion invalid. First, if the substituent is a large bulky 
group, it may shield the alkyl chain from the surrounding 
water molecules. The shorter the chain, the more signifi­
cant would be this effect. This would result in an overall 
decrease in the enthalpy and entropy values relative to 
the values expected if the group had no effect on the 
chain. Second, a large substituent on the end of an alkyl 
chain could also limit the number of configurations the 
chain could assume in comparison to the unsubstituted 
parent compound. This would imply that in the substitut­
ed compound a larger surface may be exposed to interact 
with water, and therefore, a greater amount of water 
structuring would occur relative to the normal unsubsti­
tuted alkyl sulfate. Consequently, the enthalpy and entro­
py of transfer would be higher than the expected values. It 
is impossible to definitively say which effect is more im­
portant, and the data in Table I could be interpreted ei­
ther way, with the former effect dominating in the propyl 
derivative and the latter in the butyl derivative. It might 
be speculated that if the chain length were sufficiently 
long these effects would become negligible and a constant 
value for the enthalpy and entropy for each group would 
be observed.

It is interesting to compare the group contribution data 
listed in Table II for the phenyl group and the cyclohexyl 
group, both of which were calculated from their propyl 
derivatives. It can be seen that the substitution of a phe­
nyl group on a compound renders it 14 times more water 
soluble than the use of a cyclohexyl group in this extrac­
tion system, and the effect would be even larger for ex­
traction into a nonpolar organic solvent. The source of 
this effect seems to be the large positive entropy of trans­
fer associated with the cyclohexyl group which probably 
arises from the significant amount of water structuring 
caused by this group relative to the phenyl group. Al­
though the absolute values of the enthalpy and entropy 
data are questionable it appears from this preliminary 
data that the overall solubility of the compound in water 
is influenced to a much greater extent by this structuring 
effect than by the specific solvation of the phenyl group in 
the aqueous phase.

Ether Group. The presence of an oxygen atom with its 
lone pair of electrons should result in an increased water 
solubility due to interactions between the oxygen and the 
dipoles of the water molecules. Butler has calculated 
these interactions to be of the order of 5100 cal41 while 
McGowan has indicated that the actual values are highly

dependent on the molecules studied.42 Several other pub­
lications have listed free-energy data for aromatic and ali­
phatic alkoxy compounds,18’43-45 and all of these seem to 
reflect the strong interaction of the ether group with 
water. Similar findings have appeared in this investiga­
tion, but, once again, the values are altered, due to inter­
actions between the group and the chloroform molecules 
in the organic phase. For anions containing an ether 
group, even the free energy of transfer, which has been in­
dependent of the compounds studied, for other groups, 
shows a wide variation. In addition, the values appear to 
be much lower than the 3000 cal/mol predicted from ac­
tivity coefficient measurements. As indicated earlier, this 
is probably due to the nonideal behavior of the ether com­
pounds in the organic phase in this study, in addition to 
the effect of the relatively small separation of the ether 
group from the sulfate portion of the anion. It may be 
noted, that the enthalpy values do reflect the specific sol­
vation of the oxygen atom by water molecules. Of the 
groups studied, with the exception of the aromatic fluoro 
group, molecules containing an oxygen atom are the only 
ones showing positive enthalpy values. The drastic de­
crease in the contribution of the ether linkage derived 
from phenoxyethyl sulfate reflects both the electronic in­
teractions of the phenyl group with the oxygen atom and 
the shielding effect of this bulky group, which prevents 
the oxygen from interacting with the water molecules. As 
a result, a comparison of the F  factors in Table II indi­
cates that the use of a phenyl group or a phenoxy group as 
a substituent will have approximately the same effect on 
the partition coefficient.

Halogen Groups. A scarcity of information exists for ali­
phatic substituents, but Hansch has reported46 values of 
-532 cal/mol for chloro, -818 cal/mol for bromo, and 232 
cal/mol for fluoro which are similar to the data observed 
in this investigation. Although the interaction between 
the organic phase and the halogen derivatives is not large, 
it must be kept in mind that the thermodynamic values 
for these groups are affected by this interaction. It ap­
pears that the free energy of transfer tends to become 
more negative as the size of the group increases. Since 
compounds containing halogen substituents exhibit a di­
pole, solvent-solute interactions are expected, and should 
be reflected in the enthalpy and entropy values. However, 
similar results should also arise from the disordering of 
water structure as the size of the group increases. There­
fore, the gradual decrease in the enthalpy and entropy in 
the order F" > Cl" > Br is probably due to both fac­
tors. The difference in the behavior of an aromatic fluoro 
group as compared to an aliphatic one is common to all 
halogen substituents.15’46 The fluoro group should act to 
withdraw electrons from the ring, allowing it to interact 
more strongly with nearby water molecules. This specific 
solvation effect is indicated in Table II by the positive en­
thalpy and entropy of transfer values listed for the aro­
matic fluoro group in comparison to the negative values 
for the group as an aliphatic substituent. It can be as­
sumed that, in general, the halides decrease the water sol­
ubility of a molecule more as an aliphatic substituent 
than as an aromatic group and, in all cases, their effect on 
the partition coefficient is only slight.

Branched Hydrocarbons. It has long been observed that 
a branched isomer is more soluble in wacer than the 
straight chain one. This increased solubility can be pre­
dicted from a consideration of effective surface areas, 
since the isomer with the greater degree of branching
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should also have the smallest effective surface area ex­
posed to its aqueous surroundings. Consequently, the in­
teraction energy should be less, and the branched com­
pound should be more soluble in water.

Once again, the increase in water solubility with 
branching is reflected in the difference in the free-energy 
values for ieri-butyl and sec-butyl. From the results ob­
tained for neopentyl and neohexyl, it can be concluded 
that branching on nearby carbon atoms does not seem to 
influence to any large degree the contribution of a methy­
lene group. It was previously found to be —916 cal/mol, 
and from these data, it is calculated as -800 cal/mol. The 
large positive entropies of transfer are indicative of the 
water structuring caused by these groups. Thus, it would 
appear that these substituents act to increase the parti­
tion coefficient of a given compound primarily through an 
entropy controlled process.

The value of the free energy of transfer again seems to 
be independent of the compound chosen to determine it, 
while the enthalpy and entropy of transfer are quite sensi­
tive to their environment. It was found that the excess 
free energies for a ieri-butyl group determined from 3,3- 
dimethylbutyl sulfate and neooctyl sulfate were —3136 
and -3188 cal/mol, while the enthalpy values were -2702 
and -750 cal/mol and the entropy terms were 1.43 and
8.04 eu. Due to the bulky nature of the ieri-butyl group, it 
seems probable that the effect of its shielding of the chain 
from water interactions, and the influence of its size on 
the average configuration of the alkyl chain, as described 
earlier for the phenyl group, are also applicable in this 
case. The importance of either is difficult to ascertain due 
to the lack of any previously published enthalpy and en­
tropy data for these groups.

Ethylene Group. The validity of the group contributions 
for the ethylene group is highly questionable due to the 
difficulty encountered in isolating the unsaturated sodium 
alkyl sulfate together with the fact that it too can interact 
with the organic solvent phase. However, the data are in­
cluded in Table II to indicate the trends expected. The 
value of —947 cal/mol for the free energy of transfer for 
the ethylene group agrees closely with that observed by 
other workers.17-47 It indicates that the effect of the pres­
ence of each isolated double bond in a compound is com­
parable to that due to the presence of a single methylene 
group. It is impossible to place much significance on the 
enthalpic or entropic data for this group. However, it is 
expected that both terms should reflect specific interac­
tions with the water phase, and consequently, should 
show endothermic behavior accompanied by an increase 
in the entropy term upon transfer into the organic phase.

Conclusions
The data presented in this study show that, for saturat­

ed hydrocarbon groups, excellent correlation is found for 
the free energy of transfer from aqueous to nonpolar phas­
es with the surface areas of the group. A relatively simple 
method for estimating surface areas is described and ana­
lyzed. A statistical analysis indicates that the measure­
ments probably have an average uncertainty of about 2%. 
Group contributions are reported for 18 functional groups 
and are interpreted in terms of interfacial interactions, 
water structuring, and specific solvation.

From the consistency of the thermodynamic data col­
lected in this study, it can be concluded that ion pair ex­
traction equilibria provide a feasible method for the deter­
mination of group contributions. Although the free-energy

values appear to be highly reliable, the enthalpy and en­
tropy data seem to be very sensitive to the compounds 
and the method used for their determination. However, 
such information does serve to indicate trends and to des­
ignate controlling factors in the solution process.

The data collected and evaluated in this investigation 
should be of use in the a priori prediction of partition 
coefficients and excess thermodynamic properties for or­
ganic molecules provided the species in question contains 
no groups capable of interacting with each other. These 
predicted values can be of great significance for large mol­
ecules of importance in biological systems whose partition 
coefficients are difficult to determine. Further studies in 
this area should clarify the role of steric and electronic ef­
fects on the group contributions, investigate the contribu­
tion of a methyl group in aliphatic compounds, and verify 
the apparent compensation phenomenon observed in the 
enthalpic and entropic portion of the solution process.
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The surface tension of anhydrous liquid H2S in the temperature range 25-40° varies from 11.3 to 8.7 dyn/ 
cm. The Guggenheim equation fits these data precisely. Measurements of the surface tension of water in 
contact with H2S at pressures up to 300 psi and from 25 to 40° show that H2S causes a greater reduction 
in surface tension with pressure than any gases previously studied. The data for H2S and for other gases 
suggest that the maximum lowering of surface tension corresponds to the adsorption of one close packed 
monolayer of gas molecules on the water surface. H2S and C 02 reach monolayer adsorption at about V2 
saturation pressure. If general, this behavior may permit order-of-magnitude prediction of surface tension 
effects from values of the pressure required for phase change. We have also obtained an estimate for the 
contact angle of H2S-saturated water on the solid H2S hydrate.

Introduction
In the GS process for enriching the deuterium content 

of natural waters,1 liquid water and gaseous H2S under 
pressure are contacted on a large scale and surface proper­
ties probably play an important role. Slowinski, et al. , 2 
have shown that pressurized gases may substantially re­
duce the surface tension of liquids. In a limited study 
(below 1 atm) Tamamushi3 found that for equal pressures 
hydrogen sulfide gas had a larger effect on surface tension 
than several other gases. Rough estimates by Heuer4 
showed that additions of H2S (up to 10 mol % in the gas) 
caused increased surface tension reduction in the meth­
ane-water system. The authors of ref 2 and 3 suggest that 
the more condensable or more soluble gases have the larg­
er effect. Accordingly, there is both practical and scientif­
ic interest in the effect of pressurized H2S on the surface 
tension of water. This report presents and discusses such 
measurements. We also present the results of surface ten­
sion determinations on liquid H2S.

Experimental Section
Surface tension measurements were made using the dif­

ferential capillary rise method. Two Pyrex glass capillary

tubes, of radius 0.025 and 0.0595 cm, were mounted side 
by side in a Teflon holder which could be inserted verti­
cally in a two-window pressure vessel. This vessel consist­
ed of a commercial liquid level gage with top and bottom 
valves and fittings suitable for sample manipulation and 
flow-through cleaning. Only Teflon, type 316 stainless 
steel, and Pyrex glass were used in the assembly. The 
completed vessel had a maximum working pressure of 
about 2000 psi. In operation it was immersed with the 
capillaries vertical in a 20-gal controlled-temperature 
water bath. A thermistor sensor working through a com­
mercial narrow proportional band solid state controller to 
an electric immersion heater controlled bath temperature 
to ±0.01°. Bath temperature was measured using a mer­
cury thermometer calibrated at the Bureau of Standards 
to 0.01°. Two centrifugal pumps circulated bath water 
around the pressure vessel at a total rate of about 10 gpm. 
The 22-lb mass of the pressure vessel constituted a large 
thermal inertia against small temperature changes so that 
satisfactory isothermal conditions were achieved.

Working surfaces were cleaned before use by a warm 
(heat of mixing) 2/1 mixture of 98% H2SC>4 and 36% 
H N O 3 .  The capillaries were immersed in the acid for 16
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hr and the pressure vessel was completely filled with the 
acid for the same time. Both were then rinsed ten times. 
Each rinse consisted of a complete filling with distilled 
water followed by complete emptying. The capillaries 
were emptied by wicking onto a mechanically pulped 
paper toweling which gave no evidence of back-contami­
nation. In preliminary experiments, significant contami­
nation was encountered from a presumed vacuum pump 
oil aerosol in the laboratory air which replaced the water 
during the emptying phase of each rinse. Accordingly, the 
replacement air was passed through an activated charcoal 
bed, and this eliminated the contamination.

After rinsing, the component parts were either filled 
with H2S saturated distilled water and assembled if the 
succeeding measurement was to be H20 (])-H2S(v), or 
dried thoroughly with noncontaminating nitrogen and as­
sembled if the succeeding measurement was to be
h 2s (1,-h 2s (v).

The cleaned capillaries were calibrated in six liquids, 
acetone, hexane, benzene, toluene, chloroform, and water, 
against air by determining the capillary constant C for the 
equation

7 =  C(pj -  pv)^Ah _  (3 +  3̂ )  d )

where 7 is surface tension in dynes/cm, pi and pv are the 
densities of liquid and vapor phases, respectively, in 
grams/cm3, Ah is the difference between heights of liquid 
columns in the capillaries in cm, and r\ and r2 are the 
capillary radii in cm. The average value of C for all six 
liquids was 22.94 with a standard deviation of 0.17. 
Water-air surface tensions calculated in this way are 
slightly higher than published values demonstrating that 
the laboratory distilled water source was free of surface­
contaminating agents.

Distilled water for use in H2S measurements was de­
gassed in a Pyrex vessel by boiling. While still boiling the 
liquid was transferred to a separate Pyrex storage vessel 
maintained under 1 atm of H2S pressure by a continuous 
gas bubbler system leading to a flare. After the water 
cooled at room temperature under the H2S atmosphere it 
was ready for experimental use.

The H2S was Linde CP grade of 99.6% purity. This H2S 
content was confirmed by gas chromatography on the gas 
actually used. C 02 was the major contaminant. Since H2S 
is stored as a liquid, a vapor take-off from the cylinder 
causes C 02 enrichment resulting in variable gas composi­
tion. To maintain the rated purity it was necessary to re­
move H2S from the storage cylinder as a liquid, then 
vaporize the entire sample removed. During the measure­
ments on liquid H2S, it was noted that the liquid, initial­
ly clear and colorless, slowly developed a light brown color 
in the experimental chamber. The cause of this change, 
which did not affect the surface tension readings, is un­
known. (It is possible that it resulted from the formation 
of some colloidal sulfur, due to traces of residual oxygen.)

Pressure measurements were made using an Ashcroft 
1082 test gauge with 0-300 psi range, 1 psi divisions, and 
accuracy 0.25% of full scale. Capillary column height 
measurements were made to 0.0001 cm using a Gaertner 
traveling microscope. Liquid and vapor densities given by 
Galley, et al. , 5 based on the experimental data of Janik6 
and Reamer, et al. , 7 were used.

Surface tension values are estimated accurate to ±0.25 
dyn/cm.

Figure 1. Surface tension of liquid H2S against its saturated 
vapor.

Results

Surface Tension of Liquid Hydrogen Sulfide Against Its 
Vapor. Liquid H2S was charged directly to the experimen­
tal vessel without a phase change. Surface tension values 
for liquid H2S against its saturated vapor for tempera­
tures from 25 to 40° are shown in Figure 1.

Surface Tension of Water Against Hydrogen Sulfide 
Vapor. The system was equilibrated at 1 atm H2S pres­
sure before each set of readings. After each increase in 
pressure the capillary rise equilibrated within 1 min, how­
ever, the liquid columns in the capillaries required weeks 
to equilibrate to the new density. Consequently measure­
ments at pressures above 1 atm were made in rapid suc­
cession until the pressure excursion was completed. Then 
the 1 atm liquid density was used in eq 1 at all pressures. 
It was assumed that the surface tension was fully deter­
mined by the composition of a thin layer of liquid imme­
diately below the surface and that when this thin layer 
was in equilibrium with the gas phase that equilibrium 
values of the surface tension were obtained. After comple­
tion of a pressure excursion the initial capillary rise value 
was reproduced upon reequilibrating the water surface at 
1 atm for 60 hr.

Surface tensions of water against its own vapor were es­
timated by correcting the accepted values against air at 1 
atm to zero pressure using the slope of the nitrogen pres­
sure data measured by Slowinski, et al. , 2 and these values 
were used for zero pressure of H2S. The experimental re­
sults are given in Figure 2. At each temperature a straight 
line is drawn through the zero pressure surface tension 
using the slope calculated by a least-squares fit of the ex­
perimental data taken in the presence of H2S. The resul-
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Figure 2. Surface tension of water saturated with H2S against 
H2S vapor.

tant fit is within experimental error at all temperatures. 
Values for the surface tensions indicated by the lines in 
Figure 2 can be calculated within 0.01 dyn/cm using
7 =  75.828 -  0.1451 -  2.6 X H TV  +  6.38997P -  
0.821572Pt +  2.62702 X l(T 2Pi2 -  2.6396 X 10~* Pt3

(2)
where y  is in dynes/cm, P is in atmospheres of H2S, and t 
is in degrees centigrade.

At 25° and 12.25 atm a crystalline solid hydrate was ob­
served. This temperature is about 0.5° above the position 
of the hydrate phase line at this pressure as derived from 
the data of Selleck, et al. 8 Hydrate formation in the capil­
laries was accompanied by a large decrease in column 
height. By suitable repeated manipulation of the degree of 
supersaturation solid hydrate was formed on the inner 
walls of both capillaries in layers so thin that no change in 
diameter could be detected by the microscope. Capillary 
rise measured against the hydrate covered surface Ahh 
compared with that against glass Ahg permits an estimate 
of the contact angle between H2S saturated water and the 
H2S hydrate.

cos 6 =  ^Ahh -  y  +  '^hg -  ~  +  y )  (3)

The observations fell within the limits 62° < 0 < 69°. 
Hydrate formation on the outside of the large capillary at 
the immersion line limited visibility and prevented a clos­
er estimate.

Discussion

equation10

( rp v 1 1 /9

i  — 2\J (4)

fits our data precisely, using the critical temperature Tc 
= 373.6°K, and 70 = 80, as shown in Figure 1. Galley, et 
al. , 5 estimated 70 = 79.02 from the critical constants.

Liquid H2S surface tensions calculated from the para- 
chor value of 80.1 recommended by Quayle11 were about 
20% smaller than the experimental values.

Surface Tension of Water Against H2S Vapor. The ef­
fect of compressed gases on the surface tension of liquids 
has not received extensive study. Slowinski, et al.,2a who 
measured the pressure effect for six gases other than H2S 
interpreted their results in terms of the approximate 
Gibbs equation

P  dy 
R T  dP (5)

They observed substantially linear variations of surface 
tension with pressure, as we have for H2S. They pointed 
out that eq 5 then implies the surface excess of the gas 
r2ll) is proportional to pressure. We have estimated in 
columns 1-5 of Table I the maximum values of r 2a) from 
eq 5 evaluated at the pressure corresponding to the first 
pressure induced phase change, on the premise that r 2ai 
cannot continue to increase beyond such a point. By 
applying the monolayer assumption (i.e., A = l / I Y 1’ ), 
the surface area per adsorbed molecule was estimated in 
column 5. These estimated areas are close to molecular 
areas in close-packed monolayers and fall in the sequence 
expected for the gases studied. Clearly these calculations 
are only semiquantitative because of the long extrapola­
tions required to extend the hydrogen, nitrogen, and 
methane data to a phase change point, the ideal gas ap­
proximation implicit in eq 5, and the observable small de­
viations from linearity in the data for some gases. In addi­
tion IY 1* is less than the surface concentration of ad­
sorbed gas by the bulk concentration of dissolved gas al­
though the latter contribution is negligible in the cases 
treated here.

Both Masterton, Bianchi, and Slowinski20 and Hough, 
Wood, and Rzasa12 had concluded from similar analyses 
of their data that maximum surface excesses approximat­
ed monolayer coverage in nitrogen-, methane-, and argon 
-water systems. The experimental results of these two 
studies (ref 2 and 12) are in qualitative agreement for the 
systems and pressure range covered in both; at higher 
pressures, however, the experimental artifacts observed by 
Hough, et al., make any conclusions doubtful.

Ericksson13 has analyzed the data of Slowinski, et al.,2a 
in thermodynamic terms. He concluded that a monolayer 
model, with adsorbed gas molecule molecular areas simi­
lar to those observed in adsorption studies on solids, ade­
quately fitted the data, but he did not consider the ques­
tion of attainment of saturation adsorption.

Surface tension measurements on dilute solutions are 
generally analyzed by another approximate Gibbs equa­
tion

r.m 1 d7 
RT d In N 2

(6 )

Surface Tension of Liquid H2S. Prior determinations by 
Devyatykh, et al. , 9 appear to be limited to temperatures 
below the normal boiling point (-60°). The Guggenheim

where N2 is the mole fraction of gas dissolved in the liq­
uid. Equation 6 is equivalent to eq 5 when Henry’s law is 
obeyed. Since the more soluble gases C 02 and H2S do de-
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TABLE 1: Surface Excess of Pressurized Gases at Water Surfaces“

Gas T, °C
- ó y /d  P, 

e rg /cm 2/atm
Limiting 

pressure, atm
Max T 2(1>/1 0 14, 

m o le cu le s /cn ^ /IO 14
Area peq 

molecule, À2
M a x r2(1) (Figure 3), 

m o lecu les/cm 2

h2 25 0.016 9200* 35 2.8
n 2 25 0.068 1762“ 29 3.4
ch4 25 0 .1 0 6 “ 432“ 11.1 9.0
co2 25 0.71 6 3 .5d 11.0 9.1 8 .8  X  1 0 14
C2H6 ?5 0.49 41d 4.9 20 .4
h2s 25 1.86 13 .7 “ 6.2 16.1 4 .9  X  1 0 14

30 1.74 22 .3d 9.4 10.6
35 1.50 2 5 .1d 9.1 11.0
40 1.33 2 8 .1d 9.1 11.0 5.1 X  1 0 14

“  Slope at highest experimental pressure. 6 Formation of ice VI, P. W. Bridgeman, J. Franklin Inst., 177, 315 (1914). c Hydrate formation; N2 and CH4, 
D. R. Marshall, S. Saito, and R. Kobayaski, AIChE J., 10, 202 (1964); H2S, ref 5 and 16. “  Liquefaction: C 02 and C2H6; S. S. Byk and V. I. Fomina, 
Russ. Chem. Rev., 37, 469 (1968). C 02; "Handbook of Chemistry and Physics," 44th ed., Chemical Rubber Publishing Co., Cleveland, Ohio, p 2428. 
C2H6; D. R. Stull, Ind. Eng. Chem.. 39, 517 (1947). H2S; ref 5. e Surface tension data for H2S, present work; all others, ref 2a.

-jfnNj

Figure 3. S urfa ce  tens ion  o f w a te r as a fu n c tio n  o f m o le  fra c tio n  
o f gas in so lu tion , illu s tra tin g  the co n s ta n t lim itin g  va lues of 
—d y /d  In A/?. The CO 2 da ta  are from  re f 2a.

viate from Henry’s law it is of interest to compare results 
based on eq 5 and 6.

Solubility data for H2S in water have been obtained by 
Wright and Maass14 and Clarke and Glew15 at low pres­
sures, and by Selleck, et al. , 8 at higher pressures. While 
doubt has been expressed about some of the data,5-15 and 
extrapolation appears uncertain, we have extrapolated the 
data of Wright and Maass14 up to 5 atm, and used the 
equation fitted by Burgess and Germann16 to the Selleck, 
et al. , 8 results to estimate solubilities at higher pressures. 
Figure 3 shows our surface tension values at 25 and 40° 
plotted against the logarithm of H2S mole fraction in so­
lution. Also shown are the data of Slowinski, et al.,2& for 
the surface tension of water in the presence of C 02, using

solubilities given by Stewart and Munjal.17 For pressures 
above 45 atm, their solubility data have been extrapolated 
by fitting an equation of the form suggested by Zel’ven- 
skii18

S =  0.1416P -  1.127 X 10~3P 2

for solubility in grams of CO2 per 100 grams of H20  and P  
in atm.

As the straight lines in Figure 3 indicate, in all three 
cases the surface excess appears to reach a constant maxi­
mum value at pressures above about half the phase 
change pressure. These constant maximum r2ai values 
(column 7 of Table I) are consistent with essentially close- 
packed gas molecules in a surface monolayer. For H2S, 
compare the molecular area of 20 A2 (monolayer assump­
tion) with the estimate of 17-17.5 A2 based on the % 
power of the molecular volume obtained from the liquid 
density at 25-40° given in ref 6.

In summary, when the available data are analyzed by 
eq 5 one finds approximately a close-packed monolayer of 
gas adsorbed on the liquid surface at the gas pressure cor­
responding to the first pressure induced phase change. By 
eq 6 one finds that C02 and H2S reach the close-packed 
adsorbed monolayer state at pressures considerably lower 
than the phase change pressure. Surface tension varia­
tions in other systems may be estimated by assuming a 
surface excess corresponding to monc layer coverage at 
phase change pressure. Conversely the phase change pres­
sure may be estimated if the surface tension has been 
measured.

There is no adequate molecular theory for surface ten­
sions of aqueous solutions to guide an extended analysis of 
the measurements. Attempts to calculate solution surface 
tensions from the values for H20  and H2S using the mole 
fraction average or several lattice-theory equations19-21 
were unsuccessful.
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Thermochemistry of the Bromination of Carbon Tetrachloride 
and the Heat of Formation of Carbon Tetrachloride

G. D. Mendenhall,1 D. M. Golden, and S. W. Benson*

Department of Thermochemistry and Chemical Kinetics, Stanford Research Institute, Menlo Park, California 94025 
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At 560°K the equilibrium constant for the reaction Br2 + CCU , 5 BrCl + CBrCl3 was determined as
0.0046 ±  0.001 by combined optical and chromatographic techniques. From this result and literature 
data we calculate the heat of formation difference Aflf°(CCl4,g) -  Aift0(CHCl3,g) = 2.27 ±  0.3 keal/mol 
at 298°, independent of calorimetry. Based on AiZf°(CHCl3,g) = -24.66 ±  0.3 kcal/mol, we obtain 
AHf°(CCl4,g) = -22.4 ±  0.4 kcal/mol, a higher value than obtained from many earlier studies. The 
CCI3-CI bond strength is estimated as 70.4 ±  1 kcal/mol.

Introduction

Values for the heat of formation of CCI4 in the litera­
ture encompass an unfortunately wide range. Cox and Pil­
cher28 and Stull, Westrum, and Sinke2b have combined a 
number of calorimetric experiments with newer data and 
arrived at AJff^asiCCU, gas) = -25.2 ±  1.5 and -24.0 
kcal/mol, respectively. Many of the early values depended
onAHf°(CHCl3).

Hu and Sinke3 recently reported results of rotating 
bomb calorimetry which lead to an assigned Aiff°(CCl4,g) 
= -22.9 ±  0.5 kcal/mol.4 Lord and Pritchard,5 however, 
arrived at a value of —27.4 kcal/mol from an equilibrium 
study of COCI2, CCI4, and CO2 in the presence of excess 
CI2. Their determination required a rather elaborate ana­
lytical procedure.

Sullivan and Davidson6 accurately measured the equi­
librium constant for the reaction

Br, + CHCI3 HBr + CBrCl3

and the thermochemistry of the system has been evalu­
ated by Benson.7 We can estimate the heat of formation 
difference between CHCI3 and CCI4 from Ka and the 
equilibrium constant for

Br2 + CC14 BrCl + CBrCl3

From a choice of AHf°(CHCl3,g) one obtains a precisely 
related A//f°(CCL).

Experimental Section
The spectrophotometric procedure and apparatus (a 

modified Cary Model 14) has been described previously.8

The Br2 partial pressure was determined from the optical 
densities at 550 and 570 nm, while the OD (340 nm) gave 
the BrCl pressure after subtracting out the contribution 
from Br2 at this wavelength. Mixtures of Cl2 and Br2 were 
added to the cell to obtain a =  P(BrCl Torr)/OD (340 nm). 
In this calibration and in some of the reaction runs a cor­
rection was made for the presence of free CL from the 
equilibrium 2BrCl «=» Br2 + CI2, which has a value of 
0.375 at 560°K.4

At the partial pressures of our experiments, pressure- 
independent a  (A nm) were Br2: 64.5 (550), 95.2 (570); 
BrCl; 48.6 (340); Cl2; 49.1 (340); CBrCl3; 174.4 (300). We 
did not relate these to published values because our in­
strument slit width varied over a wide range.

The corrosive nature of the halogens made special han­
dling necessary. Bromine (and probably Cl2) reacted with 
hot silicone grease, so all stopcocks in direct contact with 
the halogens were unheated and were lubricated with a 
silica gel-halocarbon mixture.9

The ratio CBrCL/CCL was determined directly by con­
densing out the reaction mixture at -196° followed by vpc 
analysis by peak height ratio (F & M Model 720, thermal 
conductivity detector, 2 /zl samples on a 10 ft X 0.25 in. 
column of 20% di(2-ethylhexyl) sebacate on 60-80 m 
Chromasorb at 140°). Mixtures of known composition of 
the two halocarbons were injected for calibration, and it 
was shown that added Br2 or Cl2 did not effect the ratios 
from these standard mixtures. The partial pressures were 
obtained from the ratio and the relation

P e(CBrCl3) + Pe(CCl4) = P°(CC14)
The analytical procedure was tested by adding known 

pressure of CBrCl3 and CCI4 to the cell, condensing out as
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TABLE I: Equilibrium Constants for the Reaction CCI4 +  Br2 CBrCI3 +  BrCI

Run P°, Torr PL Torr Temp, °C (time, hr) 2 B rc/2 B r0a Ke

1 CCU 57 53.7 (15) 1.03 0.0064
B r2 25 23 284 ±  1

CBrCI3 3.3
BrCI 2.4

2 CCU 55 52.6 (17.5) 1.00 0.0045
Br2 20.5 18.3 285 ±  1

CBrCI3 2.4
BrCI 1.8

3 CCI4 53.5 51.4 (8.5)
B r2 23.4 22 287 ±  1 1.04 0.0045

CBrCI3 2.1
BrCI 2.4

4 CBrCtj 32 2.6 (13.5) 1.02 0.0054
Cl2 17 CCI4 29.4 285 ±  1

Br2 15.6
BrCI 0.95

5 CCU 48.7 47.8 (41.5) 0.92 0.0038
Br2 4.8 3.55 287 ±  1

CBrCI3 0.88
BrCI 0.73

6 CCI4 14.5 12.9 (18)
8 r2 46 46.5 287 ±  1 1.04 0.0032

CBrCI3 1.6
BrCI 1.2

Av 0.0046 ± 0 .0 0 1
7 CC/4 36.1 36.3 2 8 7

CBrCI3 0.87 0.74 (22.5)
8 CCI4 44.7 44.4 287

CBrCI3 2.8 3.1 (1.5)

“  Equilibrium Br concentration/in itia l Br concentration calculated as Br. 

TABLE Hi Thermodynamic Properties of Species in Equilibria A and B°

A H r°(298°) S°(298°) C p (2 9 8 °) Cp(400°) Cp (500°) Cp (600°)

Br2* 7.387 58 .6 4 7 8 .6 2 8.78 8.86 8 .9 1

BrCI* 3.50 57.337 8.36 8.61 8.74 8.83
HBr* - 8.66 47.44 6.96 6.98 7.03 7.14
CHCI3 -2 4 .6 6  ±  0.3* 70.66* 15.71* 17.83* 19.34* 20.44*
CCU -2 2 .4  ±  0.4d 74.12* 20.02* 22.04* 23.28* 24.07*
CBrCI3 -1 0 .0  ±  0.3d 79.8 e 20.42'" 22.257 23.407 24.007

“  Gas phase. AH f° in kca l/m o l, S° in gibbs/m ol. * Reference 4 . c Reference 2a. d This work. e Reference 7. 1 E. Gelles and K. S. Pitzer, J. Amer. Chem. 
Soc., 75, 5259 (1953).

before, and analyzing (Table I, runs 7 and 8). Mixtures of 
Br2 and Cl2 and of Br2, CCB, and excess Cl2 (and CBrCl3 
alone at 300 nm) were shown to undergo no significant 
change in OD at the three wavelengths tested under reac­
tion conditions.

No significant peaks were seen in the vpc trace of the 
equilibrated reaction mixture other than those of CBrCU 
and CCU. (The halogens were probably destroyed on the 
column.) With Br2 and CC14 mixtures above 360°, three 
additional peaks of longer retention times did appear suc­
cessively in the vpc trace, and their intensities increased 
with reaction time. These were probably the polybromo 
products from CC14.

Bromine (Mallinckrodt), CC14 (Mallinckrodt), and 
CBrCIa (Matheson Coleman and Bell) were of reagent 
grade and were degassed before use. CC14 was stored over 
molecular sieve (Linde 4A). About 20% of each Br2 sam­
ple was distilled off to remove Cl2 and other impurities. 
Chlorine (Matheson) was added to the vacuum system,

condensed out at -196°, and degassed several times be­
fore use.

Results and Discussion
Good agreement in Keq values was found in six runs 

starting from both directions, and with final CCl4(Br2) 
pressures covering a 4(13)-fold range (Table 1). The error 
in the individual K 's was about ±0.0020, so all of them 
overlap the average. The error in Kav was assigned gener­
ously as ± 0.001; the standard deviation error is about half 
this.

Two internal checks are present in the data. Except for 
run 4, we expect P'fBrCl) = /^(CBrCls), and this does 
obtain within error limits. The bromine balance at equi­
librium was generally 2-4% too high. The delay in mixing 
reactants in the narrow inlet tube partly accounts for the 
discrepancy in some runs, but the errors are small and we 
neglected them.

For Kav we calculate
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AG°(559°K) = -R T  In K iv = 5.98 ±  0.3 kcal/m ol 

AGb°(559°K ) = AH °(298) +
A Cp(559 -  298)10"3 -  0.559[ AS°(298) +

A In (559/298)] = AH°(298) -  0.559AS°(298) 

(Since A Cp ~ only 0.03 gibbs/mol)

AHb°(298°K ) = 5.98 + 0.599A S°(298)
= 8.84 ± 0 .3  kcal/m ol 

AGB°(298°K ) = 7.15 ±  0.3 kcal/m ol

An exactly similar treatment starting from Sullivan and 
Davidson’s A a(442°K) = 1.94 ±  0.19 gives

AH a° (298°K ) = -1.41 ±  0.1 kcal/m ol

A Ga° (298°K) = -0 .7 9  ±  0.1 kcal/m ol

where we assigned ACP = 2.46 gibbs/mol from 298 to 
442°K. (The value of AHa°(298°) calculated in ref 7 has an 
error of 0.6 kcal/mol.) It is easy to show that
A H a -  A H b = AH f°(H Br) -  AHf°(C H C l3) -

AHf°(BrCl) + A Hf°(C C l4)
therefore
AH f°(C C l4) -  A H f°(CH C l3) = AH a -  AH b -  

AHf°(HBr) + AH f°(BrCl) = 2.27 ±
0.3 kcal/m ol at 298°

If A //f°(CHCl3) = -24.66 ±  0.3 kcal/mol, the value de­
rived4 from Hu and Sinke’s data,3 then AHV/CCU) = 
—22.4 ±  0.4 kcal/mol, in excellent agreement with the 
value of -22.9 ±  0.3 kcal/mol obtained by the same au­
thors.3-4

With the newer chloroform data and the correct A H a , 
we obtain AHf°(CBrCl3,298°) = -10.0 ±  0.3 kcal/mol,

and AHfT-CCls) = 19.0 ±  1 kcal/mol from Benson’s 
analysis.7 

We also find
DH°(CC13-C1) = 70.4 ±  1 kcal/m ol

(DH° = dissociation enthalpy, 298°K)

DH°(CC13-H ) = 52.1 + 19 + 24.66 =
95.8 ±  1 kcal/mol

DH°(CC13-B r) = 19 + 26.740 + 10.0 =
55.7 ±  1 kcal/mol

The latter two bond strengths are i-«t changed from ear­
lier estimates.7

The heats of formation of a number of halomethanes are 
also based on A //f°(CCl4). Recently this situation was re­
viewed by Shaw,10 who assigned a number of heats of for­
mation assuming AiffTCCU) = -26.0 kcal/mol. This 
value was chosen partly for self-consistency with equilibri­
um results, and we have not attempted to reevaluate his 
work.
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COMMUNICATIONS TO THE EDITOR

Definition of Volume Flow in the Kedem-Katchalsky 
Formulation of Electroosmosis

Publication costs assisted by the U.S. Public Health Service

Sir: We should like to point out a possible source of con­
fusion in certain applications of the important and widely 
used equations of membrane transport formulated by 
Kedem and Katchalsky.1 3 These equations, derived on 
the basis of nonequilibrium thermodynamics, describe an 
isothermal membrane system in which three processes 
may take place within the membrane: flow of water (Jw), 
flow of cations (Jy), and flow of anions (J2). The conjugate 
forces are the electrochemical potential differences of the 
three species (A^w, Afti, A¿ 2). The corresponding dissipa­
tion function is

$ = J„Apw + J lAq, + J2 Ap2 (1)
All flows in this and subsequent expressions are consid­
ered positive if they proceed from side I to side II, the 
forces being defined as AX = X i -  X u . An alternative 
description of the same system1 can be obtained by trans­
forming this dissipation function into one involving the 
salt flux (Js) and the electric current (/), the conjugate 
forces being the chemical potential difference of the salt 
(A/xs) and the electromotive force (E )

<£ =  J\« Apw +  J sAqs +  IE  (2)
In deriving eq 2 it is assumed that electrodes reversible to 
one of the ions are used both in passing electric current 
and in measuring electrical potential difference. Under 
the assumption that the electrodes are reversible to the 
anion, the flow of salt is identified with the cation flux 
according to the relation

J s =  Ji/*h (3)
where vy is the stoichiometric coefficient of the cation in 
the dissociation of the salt. Equation 2 is more useful than 
eq 1 in that its flows and forces are more readily mea­
sured. A still more useful form1 is obtained for moderately 
dilute solutions by replacing water flow by volume flow
(J v )

$  =  J v(Ap -  Att) +  J sAqsc +  IE  (4)
Here Ap and Att represent hydrostatic and osmotic pres­
sure differences, respectively, and Ap,sc represents the 
concentration-dependent part of Ans. In these transforma­
tions the following definitions, inter alia, were used

I  =  (z1J l +  z2J 2)F  (5)

Jv =  VSJ S +  Fw J w (6)
F  is the faraday, z the charge number of an ion, and V  a 
partial molar volume. The electroneutrality condition re­
quires that

V\Z\ +  v2z2 ~  0 (7)
It will be apparent that the flows in eq 1 represent mate­
rial transport across the membrane. However, in eq 2 this 
is not the case unless I = 0. Js is a virtual transfer of salt

which may include a component due to processes at the 
electrodes. Similarly volume flow, as defined in eq 6, will 
be a virtual flow under conditions of current passage, in 
that it contains Js. Neglecting second-order effects due to 
changes in partial molar volumes, the actual transfer of 
volume across the membrane exactly equals the volume 
change observed in each compartment (including the vol­
ume change of the electrode), and can be expressed as

J v°bSd = Vyjy +  V2J2 +  FwJw (8)
If the partial molar volumes of the ions4 are assumed ad­
ditive, then

Vs = iqVi + v2V2 (9)
and combining eq 3 and 5-9 the following relation be­
tween Jv and Jvobsd is obtained

J v =  J vobsd -  V 2I/z2F  (10)
On the other hand, if volume changes could be measured 
after removal of electrodes, the flow observed would be 
equal to Jy.5

To take the most common example in which eq 10 may 
be important, suppose that silver ¡silver chloride elec­
trodes are used. Again neglecting second-order effects, the 
volume changes associated with the electrode processes 
are expressed by the relation

F Ag +  Fa =  V  AgCi (11)
Consequently

J v =  J v°bsd +  (VAgC] -  V As) I/F (12)

Using the values VAgC1 = 25.8 cm3 mol-1 , VAg = 10.3 cm3 
mol-1 , and F = 9.65 X 104 C mol-1 , we obtain the result 
that

J v =  J vobsd +  1.61 X 10-4/  (13)
where Jv is usually expressed as cm sec-1 and I as A 
cm-2 . Alternatively, the second term on the right-hand 
side of eq 13 can be expressed as a correction of 15.5 cm3 
per faraday of charge passed. A correction analogous to 
this (but different in form and intended for a different 
use) has been made by Mackay and Meares6 in calculat­
ing the electroosmotic transport of water (not volume) 
across an ideally permselective cation exchange mem­
brane, given the observed volume changes.

The correction term in eq 13 may be important in mea­
suring the electroosmotic coefficients cf a membrane. For 
example, the electroosmotic permeability fi is related to 
the streaming potential by an Onsager reciprocal relation 
of the form

ft — ( J v / - 0 { A p  —Att), Ajt/ =  ~(E/(Ap — Air))Â j  (1 4 )

where the subscripts indicate flows and forces made to 
vanish. The relationship holds only if the observed volume 
flow has been corrected as indicated in eq 13. Similarly, 
in the relation between electroosmotic pressure PE and 
streaming current
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TABLE I: Difference between Observed and Corrected Volume 
Flows in Electroosmosis Experiments on Anion Exchange, Cation 
Exchange, and Charge-Mosaic Membranes®

Membrane Solution
(Active area, cm 2) concn,

(Current 1, m A /cm 2) M Jvobsd, cm /sec Jv, cm /sec

A n ion  exch a n g e 0.1 - 9 . 7  X  1 0 - 7 - 8 .0  x  i o - 7
(0 .0 9 4 ) 0.01 - 1 1 . 8  X  I O “ 7 - 10.1 X  1 0 ~ 7
(1 .0 6 ) 0 .001 - 1 2 . 4  X  I O - 7 - 1 0 .7  x  1 0 - 7

C ation  exch ange 0.1 +  1 0 .8  X  1 0 ~ 7 + 12 .5  x  1 0 - 7
(0 .0 9 5 ) 0.0 1 +  1 3 .7  X  1 0 “ 7 +  1 5 .4  X  I O - 7
(1 .0 5 ) 0 .001 +  1 4 .7  X  I O " 7 +  16 .3  X  I O ' 7

M osa ic 0.1 +  1 .3  X  I O “ 7 + 3 . 0  X  1 0 ' 7
(0 .0 9 2 ) 0.0 1 +  1 .5  X  I O “ 7 +  3 .3  X  1 0 ~ 7
(1 .0 8 ) 0 .001 +  2 .8  X  I O “ 7 + 4 . 6  X  1 0 - 7

0 From the data of Weinstein, et a l.a

P E a  ((Ap -  A t )/E)j^  =  - ( i /J v W .B  (15)
the observed volume flow must be corrected.7 Ion ex­
change membranes of relatively loose structure will tend 
to have high values of ¡8, and consequently the correction 
will generally be negligible, but for tight membranes it 
may be significant.

The correction will be especially important in the study 
of charge-mosaic membranes, which consist of alternating 
anion and cation exchange regions. For such membranes 0 
may be nearly zero since the electroosmotic flows through 
the two types of region are oppositely directed and tend to 
cancel. Table I contains data from experiments described 
by Weinstein, et al.,& on the electroosmotic coefficients of 
homogeneous and charge-mosaic membranes. Note that Jv 
is roughly double Jvobsd in the case of the mosaics.
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Comments on the Paper by Weinstein and Caplan on 
the Definition of Volume Flow in the 
Kedem-Katchalsky Formulism of Electroosmosis

Sir: The correction given by Weinstein anc Caplan is 
clearly justified and I would like to add a small reformu­
lation.

The dissipation function for discontinuous systems is 
derived by calculation of the entropy changes in the com­
partments separated by the membrane. In the absence of 
an electric current, the flows J t  are given by the change of 
the amount of each species in the compartments, ±dn,/ 
dt. In order to pass an electric current, electrodes have to 
be introduced and their entropy changes must be included 
in the calculation; for the derivation of entropy produc­
tion in the membrane the electrodes are assumed to be 
reversible. Mazur and Overbeek1 emphasized that this 
leads to the simple form of the dissipation function gener­
ally used (eq 1 in Weinstein and Caplan,2 and eq 1 in ref 
1 therein), with the flows explicitly referring to the num­
ber of moles passing through the membrane and not nec­
essarily to the changes of ni in the solution compartments. 
Thus our statement that upon introduction of electrodes 
reversible to ion 2 we may identify the flow of ion 1 with 
the salt flow is inexact. It should have read Ji/n  is equal 
to the flow of salt in the absence of electric current, and 
gives the composition changes in the solutions if current is 
passed through electrodes reversible to ion 2. In this case

—dn//dt =  dns" /d f  =  A J 1/v1 
(A-membrane area)

Following the inexact definition, we wrote for The volume 
flow

J  V = J  sV S T J  WV  w Js =  (14)
instead of the correct expression

Jv =  J WV W +  J\V- +  J 2V2 (14, cor)

counting the total volume of the species passing the mem­
brane.

The corrected expression for Jv gives (with dilute solu­
tions) for the transformed dissipation function

$  =  (Jv -  IV 2/z2F) (Ap -  Air) +  J sApsc +  I E
(16, cor)

As pointed out by Weinstein and Caplan,2 with the other 
forces as defined here, Jv -  /V2/Z2F, and not Jv, is the 
flow conjugate to (Ap -  At ). The correction :s small in 
most cases, but may be very important in some systems.

I would recommend leaving the notation Jv for the total 
volume flow (Jvobsd in ref 2, Jv according to eq 14, cor 
here) in accord with the literature and introduce, if neces­
sary, another abbreviation for ,/v -  IVi/z^F.
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Electron Spin Resonance Study of Photoinduced 
Triplet States from Organic Dye Solutions

Publication costs assisted by the A ir Force Materials Laboratory

Sir: The development of tunable organic dye lasers is 
proving to be a significant advancement in the field of 
photochemistry.1'2 A major difficulty of organic dye laser 
systems is that quenching of stimulated emission may 
occur when the singlet state undergoes intersystem cross­
ing to a triplet state. The triplet state of dye molecules is 
detrimental to laser action because it depletes the popula­
tion of the singlet lasing level, as well as allowing for the 
possibility of laser quenching arising from T •*— T absorp­
tion.3-4 We have undertaken an esr investigation of a 
number of dyes to determine the factors which affect in­
tersystem crossing to a triplet state and to determine 
what class or type of dye gives a AM = ±2 esr signal.

Glazkov, et a l.f  had looked at concentrated (10 2 M ) 
solutions of some xanthene dyes and attributed a AM = 
±2 esr signal to a triplet of dye aggregates and not to the 
monomer. We have also obtained the esr spectra of these 
and other dyes in concentrated alcoholic solutions and 
have found the intensity of the half-field signal to be both 
concentration and wavelength dependent. A 5 x 10~5 M  
EPA solution of Rhodamine 6G also gave a signal at 1637 G, 
however, Selwyn and Steinfeld6 found no spectrophoto- 
metric evidence for aggregate formation at this concentra­
tion of Rhodamine 6G at 77°K in EPA. This shows that 
the triplet esr signal is due to the monomer rather than an 
aggregate of the dye.

Besides the xanthene dyes, Crystal Violet and Ethyl 
(Diquinoline) Red also gave strong esr signals between 
1612 and 1637 G. The half-lifes and zero-field splitting pa­
rameter D* were measured and are listed in Table I.

Some oxazine dyes were also investigated and Oxazine 
1, Cresyl Violet Chloride, Acetate, and Nitrate, and Nile 
Blue gave no triplet esr signal. No phosphorescence was 
observed for these oxazine dyes, indicating very little trip­
let formation and short lifetimes. The chloride and oxa­
late salts of Malachite Green also gave no triplet esr sig­
nal, although phosphorescence was detected. As shown in 
Table I, Fluorescein gave a signal at 1612 G but Erythrosin 
B with iodide substituents gave no esr signal and very 
weak phosphorescence. The lack of an esr signal for the 
AM = ±2 transition is most likely due to the heavy atoms 
in which the triplet lifetime is too short and the steady- 
state concentration too low to detect a triplet esr signal.

TABLE I: Esr Data from Dye Molecules Giving a Triplet Signal

am = tV2y o*.
Dye“  ± 2  G A Hppb sec cm ~ 1ci

R osam ine 
R hodam ine B

1634 28 0.7 0 .0293

C l“ 1626 18 0.5 0 .0336
O Ac 1627 18 0.5 0 .0315

R hodam ine 6G 1637 14 0.8 0.0244
A c rid in e  Red 1628 26 0.7 0.0299
F lu o resce in 1612 9 0 .6 0.0478
Ethyl (D iq u in o lin e ) 

Red 1628 19 0.1 0.0324
C rysta l V io le t 1636 22 0 .2 0.0208

“ The dyes (10~3—10 2 M) in ethanol-methanol (4 :1) glass at 77°K 
were photolyzed in the cavity with an Ostram H BO-200 W mercury lamp. 
Degassing the sample had little effect on the signal. 6 Line width from
peak to peak on derivative. c Half-lifes were measured from the dark de­
cay of the AM = ± 2  esr transition intensity. d Calculated from D*  =  
|[3(fn<)2/4 ]  -  3{g0Hm)2} 'n  where v is the klystron frequency and Hm is 
the field position of the low-field maximum of the AM  =  ± 2  esr transition 
derivative spectrum.8

Solvent radical signals at g = 2.00 were detected in all the 
dyes studied indicating dye sensitization of the solvent.7

As indicated in Table I, the anion has little affect upon 
the field position and intensity of the triplet signal for 
Rhodamine B. The anion also had no affect on producing 
a signal in the Cresyl Violet or Malachite Green cases.
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