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The reactions of CH3O2 radicals with NO and NO2 were examined at 25°. The CH3O2 radicals were pro­
duced from the photolysis of N 2O-CH4-O 2 mixtures at 2139 A. With NO present NO2 and CH3ONO were 
produced with no induction period and initial quantum yields of <£¡^(>2} = 1.43 dfc 0.13 and 4>iiCH3ONOJ =
1.5. Therefore it is deduced that when NO reacts with CH3O2, 80 ±  15% of the reaction proceeds via CH3O2 
+ NO -*• CH30  + NO2 (la). When both NO and NOo are present, 4>jN02) can either increase or decrease 
depending on the ratio [N0 ]/[N02]. For a ratio of about 0.85, 4>jN02 | = 0 , from which it could be concluded 
that k iJ k z  = 2.2 where reaction 3 is the reaction between NO2 and CH3O2. The quantum yield of NO2 re­
moval of 2.15 when NO was absent showed that NO3 could not be important in this system and that the 
two possible channels for reaction 3 are CH3O2 + NO2 -*■ CH3O2NO2 (3a) and CH3O2 + NO2 —*■ CH2O + 
HONOz (3b).

Introduction
The reactions between alkylperoxy radicals and nitrogen 

oxides are believed to be important in polluted atmosphere 
chemistry. Of particular importance is the suspected reac­
tion of RO2 with NO

R 0 2 + NO — *• RO + N 0 2

which has been postulated to be responsible for the chain 
conversion of NO to NO2.1 The methylperoxy radical is 
also an important constituent in the stratosphere, where it 
is produced from CH4 oxidation, and may play a role in the 
overall 0 3 balance of the stratosphere.

In spite of the importance of these reactions only one 
laboratory study of the reactions of CH3O2 with NO and 
NO2 has been performed.2 Contrary to every expectation 
from atmospheric chemistry models as well as smog cham­
ber results, no evidence was found for the all-important 
reaction

CH30 ,  + NO — * CE3O + N 0 2 (la)

Instead the results indicated that the competing réaction 
paths

CH30 2 + NO — CH30 2N 0 (lb)

and
CH30 2 + NO — ► CHjO + HONO (lc)

were important with reaction lb  occurring 60 ±  10% of the 
time, reaction lc  occurring 40 ±  10% of the time, and reac­
tion la  occurring <2% of the time. The conclusion of Spi­
cer, et al.,2 that reaction la  is unimportant was based on 
the absence of CH3ONG as a reaction product. If reaction 
la  had been important, then CH3ONO should have been 
produced via

CH30  + NO — *■ CH3ONO (2a)

The reaction of CH3Q2 with NO2 was found2 to produce 
CH3ONO2 75 ±  5% of the time from which Spicer, et al., 
concluded that the reaction steps were

CH30 2 + NOz — * CH30 2N 0 2 (3a)

and
CHjOj + N 02' — *- CH20  + HON02 (3b)

The CH3O2NO2 presumably converted to CH3ONO2 all the 
time so that k^Jk% = 0.75. The third alternative

CH30 2 + N 0 2 — *■ CH30  + N 0 3 (3c)

was considered to be unimportant because it is endother­
mic by ~4.5 kcal/mol.

Because of the unexpected results found in the earlier 
work performed in our research group2 we have continued 
studies on these systems.
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2418 R. Simonaitis and Julian Heicklen

We have now reexamined these important reactions in a 
different system than used by Spicer, et al. 2 They used 
CH3N 2CH3 and CHgl photooxidation as CH3O2 sources 
and analyzed for CH3ONO2 and CH3ONO by gas chroma­
tography and mass spectroscopy. In the system used in our 
study presented here, NO2 is analyzed photometrically and 
CH3ONO and CH3ONO2 are analyzed by gas chromatogra­
phy. The CH3O2 is produced via the sequence of reactions

N20  + hv —* N2 + 0 ( ‘D)

0 ( ‘D) + CH4 — ► HO + CH3 (4a)
HO + CH4 — ♦- H20  + CH3 (5)

CH3 + 0 2 + M —* CH30 2 + M (6 )

The results reported here complement and partly super­
cede those of Spicer, et al. One very important difference is 
that CH3ONO is found in the CH3O2-NO system in this 
study whereas it was not found in the previous work. Thus 
the relative importance of reactions la  and lb  is reversed.

Experim ental Section
Mixtures of N 2O, CH4, O2, and NO or NO2 or both are ir­

radiated at 2139 Â and 25°, and the NO2 monitored photo­
metrically. The detailed experimental procedure has been 
described previously for the system in which H2 replaced 
CH4.3>4 For some runs the reaction mixture was analyzed 
for CH3ONO and CH3ONO2 by gas chromatography with a 
10 ft X % in. propylene carbonate column. For CH3ONO 
analysis the column was maintained at 0°, whereas for 
CH3ONO2 analysis the column temperature was 69°.

Actinometry was done in separate experiments by either 
photolysis of N 2O and monitoring the N 2 produced,3 or by 
using H2 in place of CH4 and monitoring NO2. In the ab­
sence of NO the quantum yield of NO2 removal in the H2 
system is 2 .O.4

The CH4 used here was ultra-high-purity grade from the 
Matheson Co., and was used without further purification. 
Methyl nitrite was prepared by the dropwise addition of 
50% H2SO4 to a saturated solution of N aN 02 in 75% meth­
yl alcohol-water solution. The product was purified by 
fractional distillation from a trap at —130° to a trap main­
tained at —196°. The identity of the product was verified 
by mass spectral analysis.

R esu lts

Reaction of CH3O2 with NO. Irradiation of mixtures of 
N 2O-O2-CH4 in the presence of small amounts of NO at 
2139 À and 25° leads to the production of N 0 2 with no in­
duction period, CH3ONO, and small amounts of 
CH3ONO2. The N 0 2 pressure initially rises linearly with 
time but as the reaction proceeds the rate decreases and a 
maximum in the N 0 2 pressure is reached at about one- 
third of the initial NO pressure. On further irradiation the 
N 0 2 is consumed at nearly a constant rate until the N 0 2 is 
exhausted. Figure 1  shows a plot of the N 0 2 pressure vs. ir­
radiation time for a typical run. Values for the initial rate 
of N 0 2 formation, +R;{N02}, the final rate of N 0 2 removal, 
—i?r{N02}, and the corresponding quantum yields are given 
in Table I.

Examination of Table I shows that +<f>i{N02j and 
—4>r{N02} are each independent of changes in 0 2 and initial 
NO pressures, which were varied from 3.3 to 36 torr and 
from 23 to 173 mTorr, respectively. The average value of 
+4>ijN02i is 1.44 ± 0.2 and the average value of —4>r{N02( is

Figure 1. Plot of [N 0 2] vs. reaction time in the photolysis of N20 -  
0 2-C H 4 mixtures in the presence of small amounts of NO at 25° 
and 2139 A.

2.1 ±  0.3. +<!,i(N02} may be somewhat lower at the highest 
NO pressures, the average value for [NO]o >  150 mTorr 
being about 1.2. A few runs were done at lower absorbed 
light intensity, 7a, and lower N20  pressures. Measurement 
errors increased significantly at lower Jt and lower [N20] 
due to the slower rate of photolysis so that the slightly 
higher than average values of +<i,ijN02S observed are not 
significant.

The quantum yields of CH3ONO and CH3ONO2 produc­
tion as a function of time, but otherwise similar conditions, 
are presented in Table II. It is evident that 4>jCH3ONOi de­
clines and 'i,|CH30 N02) increases with the time of irradia­
tion, however, the sum is approximately constant. Clearly 
CH3ONO2 is a secondary product of the reaction of CH30 2 
with NO (see below).

A few qualitative runs were done with azomethane-02 
mixtures as the source of CH3O2 radicals2 and the products 
analyzed for CH3ONO. In this system also CH3ONO was 
found to be a product, contrary to the observations of Spi­
cer, et al. 2 In the present paper a different chromatograph­
ic technique was employed, which presumably accounts for 
the difference between the present results and those of Spi­
cer, et al. We observed that with the Spicer, et al., chroma­
tographic conditions the lower limit for CH3ONO detection 
was considerably greater than claimed by them. In a typical 
run a mixture of 6.6 Torr of azomethane, 150 mTorr of NO, 
and 10 Torr of 0 2 irradiated for 30 sec with a medium-pres­
sure Hg lamp (effective radiation mainly at 3660 A) gave 24 
mTorr of CH3ONO. Since the absorbed light intensity was 
determined to be 80 mTorr/min, 4>jCH3ONO) ~  0.6. The 
conversion in this particular experiment approximately 
corresponds to the 21-min run in Table II. The agreement 
between the quantum yields is satisfactory.

Reaction of CH3O2 with NO2. Irradiation of mixtures of 
N2O-O2-CH4 in the presence of small amounts of NG2 at 
2139 A and 25° leads to the consumption of N 0 2 and the 
production of CH30 N 0 2. That CH3ONO2 is a major prod­
uct is in agreement with the results of Spicer, et al. 2 Figure 
2 shows a plot of the N 0 2 pressure vs. irradiation time for 
an experiment in which the initial N 0 2 pressure, [N 02]o, 
was 50 mTorr. The consumption is linear with irradiation 
time down to 2-3 mTorr of N 0 2 pressure. Values for 
- $ r|N 0 2j are presented in Table III, —4 rjN 02} appears to 
be approximately independent of the changes in the initial 
N 0 2 and 0 2 pressures. The average value of —$ r{N02| is 2 .1 
± 0.3 in agreement with the value obtained in the experi­
ments where NO is initially present.

Extensive measurements of CH30 N 0 2 production were 
not made because presumably the results of Spicer, et al.,

The Journal of Physical Chemistry, Vol. 78, No. 24, 1974



Reactions of CH3O2 with NO and N02 2419

TABLE I: Quantum Yields for N 0 2 from the Reaction of CH3Q2 with NO“

[NO]0, to,], /a, + E i{N 0 2K — jRr(N 0 2|,
mTorr Torr mTorr/min mTorr/min mTorr/min +4>i{N02|b — 4>r| N 0 2}6

23 10.5 4.40 6 .2 8.0 1.45 1.90
32 12 .0 2.85 4.3 5.3 1.50 1.8 6
34 23 2.42 4.2 3.9 1.74 1.61
42 15 2.90 3.0 5.5 1 .2 0 2 . 1
43 22 2.55 4.3 5.9 1.64 2.3
44 8.0 2.42 3.6 3.9 1.48 1.61
51 18 4.45 6.6 1.38
54 13 2.90 4.3 1.70
57 36 4.40 6.5 12 .0 1.50 2.70
57 16 4.60 5.9 9.0 1.39 2 .10
59 21 4.40 5.5 8.9 1.34 2.16
59 6.7 2.55 3.3 5.5 1.30 2.16
61 3.3 4.40 6.6 1.52
65 13 4.35 6.0 8.4 1.41 1.96
67 7.4 4.40 6.2 10 .8 1.33 2.37
72‘ 7.1 0.61 1 . 1 1.72
78d 12 1.80 3.0 4.0 1 .6 6 2.20
78 16 4.45 6 .1 7.9 1.42 1.78
80 14 2.85 3.7 6.3 1.27 2.20
85 14 2.90 4.1 5.0 1.57 1.95
93 14 2.90 3.3 5.3 1.30 2 .10
95 6.0 4.40 5.7 1.48

103 14 4.35 5 .8 8.85 1.45 2.22
117 18 4.40 6 .1 9.2 1.46 2.20
125 17 2.42 3.2 1.33
133 1 1 2.85 3.9 6.5 1.38 2.30
155 14 2.90 3.5 5.4 1.35 2.00
160 10 4.45 4.9 7.9 1 . 1 0 1.78
173 11.5 2.85 3.65 6.0 1.30 2.15
173 5.5 2.65 3.2 6.0 1.15 2.26

» [CH4] = 700 ± 2 0  Torr; [N20 ]  = 55 ±  5 Torr. 6 <J>’s corrected for small differences in [N20]. ‘ [N20 ] = 8.1 Torr. * [N20 ]
= 24 Torr.
TABLE II: Q uantum  Yields for CH3ONO and CH30 N 0 2 from  th e  Reaction o f CH30 2 w ith  NOa

Irradiation time,
[NO]0, mTorr [02], Torr 7a, mTorr/min miri 4>f CH3ONO} 4>i CH5ONO2}

108 16 3.3 4 .0 1.3
180 17 3.3 4.0 1.3
205 21 2.8 8.0 1 . 1
175 14 3.3 9.0 1.1
160 22 3.2 2 1.0 0.69
170 16 3.0 8.0 0.23
179 16 3.5 30.0 0.77

“ [N26 ]  = 55 ±  5 Torr, [CH4] = 680 ±  20 Torr.

are correct. However, it was noted that 4>jCH30N 02Ì is be- 0 ( ‘D) + CH4 —± ch3 + OH (4a)
tween 1  and 2 in agreement with Spicer, et al, who ob­
tained <J>|CH30 N 0 2} = 1.4 ±  0.2.

Reaction of CH3O2  with NO and NO2 Mixtures. Three 
runs were done in which both NO and NO2 were initially 
present. Table IV presents the values of ijjNCy and 
—$ r)N02Ì- It is apparent that as the [NO]o/[N02]o ratio de­
clines 4>ì{N02Ì goes from positive to negative. It is estimat­
ed from linear interpolation that <J>ì|N0 2Ì = 0 at [NO]o/ 
[N 0 2]o = 0.85. The average value for —$ r(N02Ì is 2.2 in 

! close agreement with the experiments in which only NO or 
NO2 is initially present.

D iscussion
CH3 O2 + NO. In experiments with N 0 2 initially absent, 

the initial stages of the reaction can be discussed in terms 
of the following mechanism

N20  + M 2139  A) N2 + 0('D) rate =  4

HO + CH4 —  
HO + NO (+M) 
CH3 + 0 2 + M ■ 

CH3 + NO 
CH30 2 +  NO — -

CH3O + NO

c h 3o  + o2 -  
2HN0  —-  

HNO + 0 2 -  
H0 2 + NO -

CH20  + H2 (4b)
CH3OH (4c)

0 ( 3P) + CH4 (4d)
H20  + CHj (5)

—► HONO(+M) (7)
CH30 2 + M (6 )
CH3NO (8 )

- N 0 2 + CH3O (la)
► CH30 2N 0 (lb)
► CH20  + HONO (lc)
— * CH3ONO (2a)
— * CH20  + HNO (2b)

-► CH,0 + H 0 2 (9)
h 2o  + n 2o  (1 0 )

— H 0 2 + NO (11)
HO + N 0 2 (12)

The Journal o f Physical Chemistry, Voi. 78, No. 24, 1974



2420 R. Simonaitis and Julian Heicklen

REACTION TIME , mm

Figure 2. Plot of [N 0 2] vs. time in the photolysis of N 2O -O 2-C H 4 
mixtures in the presence of small amounts of N 0 2 at 25° and 2139

TABLE III: R eaction o f CH30 2 w ith  NO-T

[NO,]»,
mTorr

[0 2],
Torr

fa,
mTorr/

min

— Rr-
{N 0 2},
mTorr/

min
-4>r-

{N 0 2}6

12 17.6 4.35 7.7 1.78
12 .8 2 1.6 4.35 7.8 1.93
41 19.6 2.85 7.3 2.37
49 56 4.35 9.2 2 .14
50 9.7 4.35 9.4 2.16
53 24.3 4.35 7.2 2 . 1 2

102 19.8 4.35 9.3 2 25
[N.O] = 58 ±  3 Torr, [CH4] = 700 ±  20 Torr. 6 'Quan-

turn yields corrected for the small differences in [N2CJ ].

The initial photolytic act together with reactions, 4 a, 5, and 
6 constitute the means of CH3O2 production.

The 0 ( 1D) atoms produced by N 20  photolysis are re­
moved predominantly by reaction with CH4, though a 
small fraction are removed by reaction with N 2O. The rela­
tive efficiency for 0 ( :D) removal by CH4 and N 20  is 2.3.5' 7 
The [CH4]/[N20] ratio used here is 12 , so that only 3% of 
the 0 ( 1D) are removed by N 20 . Many laboratory experi­
ments have now shown that 0 2 is even less efficient than 
N 20  in removing 0 ( 1D). Since [CH4]/[0 2] >  21 in all exper­
iments, 0 ( 1D) removal by 0 2 is completely negligible.

It is still not certain exactly what fraction of reaction 4 
goes via channel 4a. Greenberg and Heicklen7 report 95 ±  
5%, but Lin and DeMore8 report about 88% with 9% going 
via channel 4b. However it is clear that a large percentage 
of the reaction does go through channel 4a, and whether 
this is 88 or 100% will not significantly influence the results 
of this study.

The HO radicals produced in reaction 4a react essential­
ly entirely with CH4 via reaction 5, the rate coefficient 
being 1.1 X 10-14  ml/sec.9 The only possible competing 
reaction is reaction 7. There is considerable uncertainty in 
the rate coefficient for this reaction, but at 1  atm pressure 
at 25°, it is between3-10’11 1.2 X 109 and 1.2 X 1010 M - 1  
sec-1 . Even if the high value is correct, reaction 7 plays 
only a minor role since in these studies [CH4]/[NO] > 4000, 
and usually very much greater. The experimental evidence 
also indicates that reaction 7 is minor since 4>j|N02| is inde­
pendent of the NO pressure.

The methyl radicals produced in reactions 4a and 5

might react with either 0 2 or NO via reactions 6 and 8, re­
spectively. The respective rate coefficients are 3.6 X 1010 
M ~ 2 sec- 1 , 12 and 2.4 X 109 M - 1  sec- 1 .13 The lowest
[02]/[NO] ratio used was 32, so that at least 95% of the 
reaction went via reaction 6.

The current study shows that N 0 2 and CH3ONO are ini­
tial products, so that at least part of the time reaction la  
must occur. This conflicts with the conclusion of Spicer, et 
al.,2 who based their conclusion on the absence of 
CH3ONO. Evidently this conclusion was erroneous since 
we have found CH3ONO is also produced when azometh- 
an e-02 mixtures are the source of CH30 2 radicals. Their 
observation that CH30 N0 2 was the major product formed 
with an induction period suggests that it was formed in a 
secondary reaction with N 0 2 just as it is produced in the 
present system upon extended irradiation.

The CH3O radicals can be removed by reaction 2 or 9. 
The relative importance of reactions 2 and 9 can be esti­
mated by comparing the quantities $j{CH30N 0 i&2/fc2a and 
<f>i{N02}. The ratio k 2a/fe 2 is known to be 0.8514>16 and 
«NCHsONO) = 1.3. Therefore 4>i{CH3ONOjfe2/fe2a = 1.52. 
Thus reaction 9 is negligible, since 4>i{N02) = 1.44. Further­
more $iiN 02j is independent of the [0 2]/[NO] ratio, con­
trary to expectation if reaction 9 was important. These ob­
servations are entirely consistent with the measured value 
for the ratio kg/kz = 4.7 X 10-5 ,16 since the highest value 
of [02]/[NO] used was 1460.

Similarly, since within experimental error I'jCHsON- 
0}fc2/fc2a = 4>;fN02| reaction 11 must be unimportant com­
pared to reaction 10. This conclusion is also consistent with 
the observation that 4>i(N02} is independent of the 0 2 pres­
sure, which was varied by a factor of 10. Furthermore these 
observations are consistent with the measured value for the 
ratio k io /k n 2 = 340 M  sec.16 Calculation shows that evefi 
at the highest pressures of 0 2 used reaction 1 1  is < 10% of 
reaction 10 .

From the mechanism with reactions 7-9 and 11 omitted, 
because they are negligible, the following rate laws are ob­
tained

$ i{N02} = ^kiak iJ k ik i : (a)
4>i {CH3ONO} =  2kiak uk 2a/ k ik 1k 2 (b)

4>ijN02j has a mean value of 1.43 with a mean deviation 
of ±0.13. Also k 4a/k 4 is between 0.88 and 1.0. If the mean 
value for 4>i{N02| is used then k i j k  4 is computed from eq 
a to lie between 0.82 and 0.72. The ratio k la/k , can also be 
estimated from eq b. If the data of Table II for 4>{CH3ONOj 
are linearly extrapolated to zero time, then <J>;jCH3ONO} 
becomes 1.50. Since &2a/fe2 is known accurately14’15 to be 
0.85, then eq b leads to a value for k \J k \  lying between
0.88 and 1.0. The former value is more reliable because 
much more data are available. We conclude that k \J k \  = 
0.80 ±  0.15. After this manuscript was submitted for publi­
cation we became aware of an unpublished study by Fin- 
layson and Pitts17 who found k 1 J k  1 = 1.0.

CH3 O2 + NO2- In the presence of N 0 2 the following ad­
ditional reactions are possible

c h 3o 2 + n o 2 — *■ c h 3o 2n o 2 (3a)
—* c h 2o  + h o n o 2 (3b)
— ► Ch 3o  + n o 3 (3c)

c h 3o  + n o 2 — *- c h 3o n o 2 (13a)
—*■ CHjO + HONO (13b)

HO + N 0 2 (+M) — *• h o n o 2 (+M) (14)
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TABLE IV: R eaction  o f  CH30 2 w ith  NO an d  NO,'1

[NO],,
mTorr

[NO,]„
mTorr [NO]„/[N02]o [O2 ]» Torr

RijNO»},
mTorr/min

-RrfNCM,
mTorr/min h iN O ,!1 4>r{ NO2} b

71 89.5 0.80 17.3 -0 .9 4 8.2 -0 .2 4 2 .10
44 46 0.94 23.4 +  1.45 10 .0 +  0.33 2.34
79 23 3.43 1 1 .0 +  4.00 9.0 +  0.97 2.18

0 [N20 ]  = 56 ±  3 Torr, [CH4] = 700 ±  20 Torr. b <f>’s corrected for small differences in [N20],

H02 + N 02 —^  HONO + 0 2 (15)
N 02 + hv —*  NO + 0(:1!D) (16)

The high-pressure limiting rate coefficient for reaction 14 
is18 4 X 109 M - 1  sec-1. Thus under all of our conditions, 
reaction 14 is negligible.

With reactions 3, 13, and 15 included, but reactions 3c 
and 16 omitted, the rate law for N 0 2 formation becomes

^ {NO 2} =  (
fe,[NO]

(*2[NO] + fe13[NQ2
fe3[NQ2] N 
feijNO ] / X

frjNOlfe,a/fed 
(*t[NO] + *3[N0 2]) (c)

This expression ignores any contribution resulting from 
reaction 11. However, we saw above that reaction 11 is neg­
ligible compared to reaction 10. Any contribution is further 
reduced here because less HNO is produced since some of 
the CH3O radicals are removed by NO2. Furthermore the 
HO2 produced in reaction 1 1  can both produce NO2 via 
reaction 12 or remove NO2 via reaction 15. These reactions 
tend to compensate each other, thus further reducing any 
contribution to net NO2 production. Equation c shows that 
the only way 4>ijN02] can become negative is if reaction 3 
participates. This would be true even if reaction 11 were in­
cluded, since without reaction 3, the only removal processes 
for NO 2 involve CH3O directly or as a precursor and CH3O 
and NO2 are produced on a 1/ 1  basis. Thus reaction 3 must 
occur.

The extinction coefficients for N 20  and NO2 at 213.9 nm 
and 25° are 0.090 and 9.00 atm- 1  cm-1, respectively. Con­
sequently in the runs in which the initial pressures of N 0 2 
were about 50 and 100 mTorr as much as 8 and 16% of the 
light could have been absorbed by the NO2. The experi­
mental data however do not show any evidence of N 0 2 
photolysis. The rate of N 0 2 removal was constant through­
out the whole course of the reaction at all initial pressures 
of N 0 2 (see Figure 2). If N 0 2 photolysis was important the 
rate would have changed as the reaction proceeded. Fur­
thermore there is no clear trend in 4>r(N 02} with the initial 
N 0 2 pressure (Table III) or the initial [NO]o/[N02]0 ratio 
(Table IV). Thus reaction 16 appears to be unimportant.

With mixtures of NO and N 0 2, 4>ijN02j becomes zero for 
[N0]/[NO2] = 0.85. The ratio fe2/fei3 = 1.2.16 Thus k \ J k %  
= 2.3. This result is in contrast to the conclusion of Spicer, 
et al. , 2 that k ]a «  A3. If we include the possibility that 
N 0 2 is photodecomposing via reaction 16, then the right- 
hand side of eq c should become zero when 4>r|N 0 2j ~  0.1,
i.e., when [NO]/[N02] ~  0.9. The computed value of k  iJk  3 
is reduced to 2.1 .

The remaining question is whether reaction 3c can be ne­
glected. This question can be answered affirmatively by ex­
amining the results in the absence of NO. If reaction 3c is

included, then additional N 0 2 is removed via
n o 3 + n o 2 — » n 2o 5

and the rate law for N 0 2 removal becomes

-♦ ,{N 0 !} =  ^ . ( .  to)

It was observed that — 4>r(N02j = 2.15. Since k^Jk^ > 
0.88, &3C/&3 < 0.11, i.e., channel 3c is unimportant. In fact, 
any mechanism producing N 0 3 must be unimportant, since 
it would tend to give values of —4>rjN 02} much greater than 
the observed value of 2.15. Thus the route for CH30 2N 0 2 
transformation to CH30 N 0 2 proposed by Spicer, et ai, 
cannot be correct. In conclusion the results here confirm 
that N 0 2 reacts with CH30 2, and that channel 3c is unim­
portant. Our results do not give any evidence on the rela­
tive efficiencies of reactions 3a and 3b; presumably the 
values of Spicer, et al., are correct (i.e., k 3 .Jks = 0.75 ±  
0.05). However, the mechanism of conversion of CH30 2N 0 2 
to CH30 N 0 2 is still obscure. Theoretically —4>rjN 02j 
should be 2.0 rather than 2.15, if reaction 16 is ignored. If 
reaction 16 is playing some role, then on the average, a 
quantum yield contribution of 0.25 (3 X 0.08) can be attrib­
uted to it. Thus — <Fr(N 02} would become slightly less than 
2.0.

Acknowledgment. This work was supported by the At­
mospheric Sciences Section of the National Science Foun­
dation through Grant No. GA-12385 and the Environmen­
tal Protection Agency through Grant No. 800874 fpr which 
we are grateful.

R eferences and Notes
(1) J. Heicklen, K. Westberg, and N. Cohen, “ Chemical Reactions in the 

Upper Atmosphere,”  C. Tuesday, Ed., American Elsevier, New York, 
N.Y., 1971, p 55.

(2) C. W. Spicer, A. Villa, H. A. Wiebe, and J. Heicklen, J. Amer. Chem. 
Soc., 95, 13(1973).

(3) R. Simonaitis and J. Heicklen, J. Phys. Chem., 77, 1096 (1973).
(4) R. Simonaitis and J. Heicklen, J. Phys. Chem., 7 8 ,  653 (1974).
(5) W. B. DeMore, J. Phys. Chem., 73, 391 (1969).
(6) G. Paraskevopoulas and R. J. Cvetanovic, J. Amer. Chem. Soc., 91, 

7572(1969).
(7) R. I. Greenberg and J. Heicklen, Int. J. Chem. Kinet., 4, 417 (1972).
(8) C. L. Lin and W. B. DeMore, J. Phys. Chem., 77, 863 (1973).
(9) W. E. Wilson and A. A. Westenberg, Symp. (Int.) Combust., [Proc.], 

11th, 1966, 1143(1967).
(10) F. Stuhl and H. Niki, presented at the 10th Informai Conference on Pho­

tochemistry, Oklahoma State University, 1972.
(11) C. Morley and I. W. M. Smith, J. Chem. Soc., Faraday Trans. 2, 1016 

(1972).
(12) W. C. Sleppy and J. G. Calvert, J. Amer. Chem. Soc., 81, 769 (1959).
(13) N. Basco, D. G. L. James, and R. D. Suart, Int. J. Chem. Kinet., 2, 215 

(1970).
(14) G. E. McGraw and H. S. Johnston, Int. J. Chem. Kinet., 1, 89 (1969).
(15) H. A. Wiebe and J. Heicklen, J. Amer. Chem. Soc., 95, 1 (1973).
(16) H. A. Wiebe, A. Villa, T . M. Heilman, and J. Heicklen, J. Amer. Chem. 

Soc., 95, 7(1973).
(17) B. Finlayson and J. W. Pitts, Jr., private communication.
(18) R. Simonaitis and J. Heickien, Int. J. Chem. Kinet., 4, 529 (1972).

The Journal of Physical Chemistry, Vol. 78, No. 24, 1974



2422 T. M. Mayer and F. W. Lampe

Ion-Molecule Reactions in Methylsilane1

T. M. Mayer and F. W. Lampe*

Davey Laboratory, Department o f Chemistry, The Pennsylvania State University, University Park, Pennsylvania 16802 
(Received April 29, 1974)

Publication costs assisted by the U. S. Atomic Energy Commission

Positive ion-molecule reactions in methylsilane have been investigated by tandem and high-pressure mass 
spectrometry. Reaction identification and rate constants for exothermic bimolecular reactions of all pri­
mary ions have been obtained for reactant ion energies of 1.0 eV in the center-of-mass system. A number of 
endothermic reactions have been observed. The dominant mode of reaction is that involving the transfer of 
an H-  species, giving CH3SiH2+ product. It is concluded that, in general, the methyl group does not play 
an active role in the ionic chemistry of methylsilane, in that there appears to be no scrambling of H atoiris 
bound to the carbon and silicon atoms, and in that H~ or H abstraction comes exclusively from the silicon 
end of the molecule. High-pressure mass spectra, up to 0.3 Torr, reveal a number of termolecular associa­
tion reactions, the rate constants of which have been measured.

Introduction
Following the rather extensive study of the ion-molecule 

chemistry of hydrocarbons in the past decade,2 hydrides of 
group IV elements other than carbon have attracted inter­
est in recent years. To date, ion-molecule reactions in 
monosilane,3“6 disilane,7 monogermane,8 and a few 
mixtures of monosilane and simple organic compounds9-12 
have received extensive study; simple alkylsilanes13,14 have 
received less extensive examination.

A previous study of positive ion-molecule reactions in 
methylsilane13 performed in this laboratory reported a 
number of reactions of the CH3SiH+ ion and their rate con­
stants, along with considerable thermochemical informa­
tion concerning the ions formed by electron impact on 
methylsilane. This study was carried out in a single source 
mass spectrometer and was limited to source pressures 
below 6 X 10-3  Torr. Later studies of several ion-molecule 
reaction systems4,10-12 using ion-cyclotron resonance and 
high-pressure and tandem mass spectrometry have shown 
that the low-pressure single-source experiments may be 
quite incomplete in describing the ion-molecule chemistry 
of systems containing more than one or two possible reac­
tant ions and neutral reactant molecules. In general the 
ion-molecule chemistry of the silanes has been much more 
complex than our earlier studies indicated. Accordingly we 
have undertaken further studies of the methylsilane system 
with the intention of presenting a complete picture of the 
ion-molecule chemistry of methylsilane. The effect of the 
addition of an alkyl group, and the similarities to the ion- 
molecule chemistry of monosilane, are of interest to the 
general behavior of group IV hydrides.

Experim ental Section
The tandem mass spectrometer used in this study has 

been described previously.3,6 The apparatus permits injec­
tion of mass selected ions having kinetic energies variable 
down to about 1  eV, with energy spread of about 1 eV, into 
a collision chamber containing the neutral target gas. Prod­
ucts scattered into the forward direction are collected with 
an acceptance angle of ~10°. The collision chamber pres­
sure in all experiments was 1.0 X 10~3 Torr, as measured 
with a CGS Barocel capacitance manometer. Collection ef­

ficiency of the analyzer was found to be mass dependent 
over the rather large range of masses involved in this study, 
and corrections were made for this in the calculation of rel­
ative cross sections and rate constants.

Measurements of ionic abundance as a function of source 
pressure were carried out in a modified Nuclide Associates
12-90G sector field mass spectrometer which has been de­
scribed previously.3 Pressures in the ion source were mea­
sured with a Granville-Phillips capacitance manometer 
which had been calibrated with a McLeod gauge. The cali­
bration was checked by observing the pressure-dependent 
formation of CH5+ in methane. The kncwn specific reac­
tion rate15 indicated that our pressure readings are accu­
rate to within ±10%. The ionizing electron energy was 100 
eV, and all experiments were carried out with a repeller 
field of 6.25 V/cm, which lead to free-drift ion-exit energy 
of 1.9 eV. The temperature of the ion source was about 
100° in all experiments.

Methylsilane (CHgSiHg), obtained from the Peninsular 
ChemResearch Company, was fractionated on the vacuum 
line and checked mass spectrometrically for satisfactory 
purity. Methylsilane-d3 (CH3SiD3) was synthesized by the 
reduction of CH3SiCl3, obtained from Alfa Inorganics, by 
LiAlD4 in di-n- butyl ether solution.16 The product was pu­
rified in the same manner as methylsilane.

All data were corrected for the presence of 29Si and 30Si 
isotopes and all data presented represent only ions contain­
ing the major 28Si isotope. Corrections for 13C isotopes were 
not made.

Results and Discussion
Electron impact ionization of methylsilane yields nine 

ions with abundances greater than 3%, all of which can be 
considered as possible reactant ions. The earlier studies of 
Potzinger and Lampe13 indicated that only the major 
CH3SiH+ ion and, to a small extent, the minor SiH2+ ions 
were reactive in this system. All observed product ions were 
attributed to reactions of these two ions. We have found 
this to be an incomplete description of the ion-molecule 
chemistry of this system, and, indeed, all primary ions are 
found to react with methylsilane. The bimolecular reac­
tions of various primary ions will be discussed in detail fol­
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lowed by an analysis of reactions occurring at elevated 
pressures in the single-source instrument.

Tandem Mass-Spectrometric Studies. Reaction identi­
fication and the dependence of reaction cross section on ion 
energy in the range 0.5-5 eV CM were carried out in the 
tandem mass spectrometer. Heats of formation of many of 
the species involved are not known, but the shape of the 
cross-section curves as a function of energy in general al­
lows one to determine whether a reaction is exo- or endo­
thermic.17 Exothermic bimolecular reactions observed for 
the various primary ions with methylsilane are listed in 
Table I. Specific reaction rates for the reactions in Table I 
were obtained by measuring relative cross sections for all 
reactions at 1.0 eV (CM) and comparing these to the cross 
section obtained for reaction 35

SiH2+ + SiH4 — * Si;H4 + + H2 (35)

for which the specific reaction rate has been measured.3 
The values obtained were checked relative to the formation 
rates of (CH3)2SiH+ and (CH3)2Si2H2+, represented by 
reactions 5 and 10, and to the total reaction rate of 
CHsSiH+ in the Nuclide mass spectrometer. Rate con­
stants calculated by the two different methods were found 
to agree within experimental error. Although the collision 
energy obtaining in the Nuclide mass spectrometer is gen­
erally quite a bit lower than the 1.0 eV used in the tandem 
machine, phenomenological rate constants should be quite 
insensitive to ion kinetic energy, as predicted by the polar­
ization theory of ion-molecule reactions.2 The good agree­
ment between the two greatly different methods of measur­
ing rate constants attests to the validity of this assumption 
and to the overall internal consistency of this work. Stan­
dard enthalpy changes were calculated using existing ther­
mochemical information.18-19 The neutral products of all 
reactions have been written arbitrarily to yield products 
that give the greatest exothermicity, or require the least 
amount of rearrangement. In the last column of Table I are 
listed the results of Potzinger and Lampe13 for reactions 
observed in both studies. The agreement between this work 
and the earlier results is quite good. It is seen from the 
table that the earlier study, while giving reliable rate con­
stants, was very incomplete with regard to reaction identi­
fication.

Endothermic reactions observed in the range 0.5-5 eV 
are listed in Table II. Phenomenological rate constants 
cannot be calculated in the manner used for the exothermic 
reactions, because the polarization theory does not predict 
the behavior of cross sections of endothermic reactions. 
Relative cross sections at 1.0 eV (CM) collision energy are 
listed and may be compared with the relative cross sections 
listed in Table I.

(a) CH;>SiH2 +■ This ion comprises about 24% of the 
total ions produced by impact of 100-eV electrons on meth­
ylsilane. We write the structure of the ion as such on the 
basis that the dissociation energy of Si-H  bonds are gener­
ally lower than the corresponding C-H bonds.20 In the 
mass spectrum of CH3SiD3 the peak at m/e 47, corre­
sponding to CH3SiD2+, is about ten times as large as the 
peak at m/e 48, corresponding to CH2SiD3+; thus we con­
clude that CH3SiH2+ is the most probable structure of this 
ion.

When CH3SiH2+ is injected into methylsilane we observe 
two reactions to occur, namely reactions 1  and 2 shown in 
Table I. Reaction 1 involves the transfer of an H~ ion and 
yields products identical with the reactants. We were able

to observe this reaction in the tandem mass spectrometer 
by using CH3SiD3 as the target gas. The corresponding 
reaction of the SiH3+ ion in monosilane has been shown6 to 
proceed predominantly via a direct H_ stripping type reac­
tion. This same process in methylsilarie-d3 should lead to 
products at m/e 47, CH3SiD2+, and m/e 48, CH2SiD3+, if 
the H~ is stripped from the silicon or carbon end of the 
molecule, respectively. We observe that the bulk of the 
product lies at m/e 47 with only a very small amount of 
m/e 48. The virtual absence of m/e 48 in the product spec­
trum indicates that the hydride which is transferred comes 
exclusively from the silicon end of the molecule. This fact is 
undoubtedly due to the hydridic nature of the Si-H  
bonds20 and is consistent with the observation that H~ 
transfer is by far the dominant mode of reaction in other 
silane systems.

Reaction 2 was observed to occur with much smaller 
cross section than the H _ transfer reaction. Potzinger and 
Lampe13 observed (CH3)2Si2H3+ as a product ion but were 
unable to identify correctly its precursor, presumably be­
cause CH3SiH2+ is also a product ion from other reactions, 
a fact which masked its reactivity in the low-pressure sin­
gle-source instrument.

(b) CHsSiH+. Potzinger and Lampe13 observed this ion 
to be reactive in CH3SiH3 and our measurements are in 
good agreement with their’s for reactions 3-10. This is the 
major primary ion in methylsilane, comprising about 34% 
of the 100-eV mass spectrum, and to a large extent its reac­
tions characterize the overall ion-molecule chemistry of the 
system. Again the net hydride transfer reaction (3) pro­
ceeds with large cross section. In monosilane it was pointed 
out6 that the analogous reaction

SiH2+ + SiH4 — * SiH3+ + SiH3 (36)

proceeds through a variety of mechanisms, including H~ 
transfer, H atom transfer, and an intermediate complex. 
The details of the dynamics of reaction 3 will be treated in 
a following paper, but it should be noted that when 
CH3SiD3 is used as a target gas, only trace amounts of 
CH2SiD3+ are observed,indicating again that the hydrogens 
bound to the carbon atom are not involved in the reaction.

In the case of reactions 4 and 5 there is some ambiguity 
about the identity of the products. An m/e value of 58 can 
be assigned to either (CH3)2Si+ or Si2H2+ and m/e 59 can 
be either (CH3)2SiH+ or Si2H3+. As noted by Potzinger and 
Lampe,13 however, reactions leading to Si2H2+ and Si2H3+ 
have enthalpy changes of —1 and +7 kcal, respectively, 
while reactions 4 and 5 as written are highly exothermic. 
Furthermore, when CH3SiD3 is used as target gas no ion 
above m/e 60 is observed, whereas if Si2H3+ was formed, 
products at m/e 61 and 62 (Si2HD2+ and Si2D3+) would be 
expected. The large rate constant for reaction 5, probably 
reflecting the high stability of the (CH3)2SiH+ ion, is inter­
esting and somewhat suggestive of a direct mechanism for 
this reaction. It can be seen in Tables I and II that reac­
tions proceeding presumably through a direct mechanism, 
namely H -  transfer or H atom transfer, generally have rate 
constants between 5 and 10 times larger than reactions in­
volving a complex formation. The magnitude of the rate of 
reaction 5 suggests that this may proceed through a direct 
CH3 group transfer. Isotopic distribution of the product 
ions obtained when CH3SiD3 is used as a target gas support 
this conjecture. If, indeed, the hydrogens attached to the 
carbon are not reactive and reaction 5 proceeds through a 
randomized complex, then products should be observed at
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TABLE I: Exothermic Bimolecular Reactions in CHaSiHa

Reac­
tion
no. Reaction

Product
m/e

A H°, 
kcal/mol <Ta

10 10%, cm3/sec 
(this work)

10 “.%, 
cm//sec 
(ref 13)

1 CH3SiH2 + +  CH3SiH3
CH3SiH2 + +  CH3SiH3 45 0 13.5 2.9 ±  0.7

2 -  (CH3)2Si2H3 + +  H2 89 1.14 0.30 ±  0.1
3 CH3SiH + +  CH3SiH3

-*■ CH5SiH2+ +  CH;,SiH2 45 - 1 46 9.9  ±  2 6.4
4 — (CH3)2S i+ +  SiH4 58 -2 6 3.7 0.74 ±  0.2 0.44
5 -  (CH3)2SiH+ +  SiH3 59 -2 6 40 8.6  ±  2 3.8
6 — CH3Si2+ +  CH3 +  2H2 71 1.5 0.33 ±  0.1 0.42
7 -  CH3Si2H2+ +  CH3 +  H2 73 4.0 0.90 ± 2 1 .0
8 -*■ CH3Si2H3 + +  CH4 74 3.2 0.70 ±  0 .4 0.46
9 -  (CH3)2Si2+ +  2H2 86 4.8 1.1 ±  0.3 0.46

10 (CH3)2Si2H2 + +  H2 88 10 .2 2 .2  ±  0.6 0.92
total product production 24.5 ± 6 17.2

1 1 CH3Si+ +  CH3SiH3
-  CH3SiH + +  CH3SiH2 44 +  30 54 10 .8  ± 3

12 CH3Si2CH2 + +  2H2 85 1 .6 0.32 ±  0.1
13 -  (CH3)2Si2 + +  H2 +  H 86 2.4 0.51 ±  0.1
14 — (CH3)2Si2H+ +  H2 87 3.0 0.64 ± 0 . 1
15 -> (CH3)2Si2H2+ +  H 88 1.3 0.28 ±  0.05
16 CHaSi+ +  CSsSiHj

— CH3Si+ +  CH3SiH2 43 2.7 0.60 ±  0 .2
17 — CH3Si2H2 + +  CH3 73 5.0 1 . 1  ±  0.2
18 CHSi + +  CH3SiH3

— CH3Si+ +  CH3SiH 43 8.8 1.9 ±  0.3
19 SiH3+ +  CH3SiH3

— CH3SiH2 + +  SiH4 45 - 1 1 17.5 3.6 ±  0.7
20 SiH2+ +  CH3SiH3

CH3SiH + +  SiH4 44 - 1 2 3.3 0.84 ±  0.1
21 — CH3SiH2 + +  SiH3 45 - 1 1 26.5 6.9 ±  1
22 -  CH3Si2Ha+ +  H2 74 2.0 0.52 ±  0.2
23 SiH + +  CHaSiHa

CHaSi+ +  SiH 4 43 - 2 2 14 3.6 ±  0.7
24 CHsSi2H2+ +  H2 73 36 9.5 ±  2
25 Si+ +  CH3SiH3

— CH5SiH2+ +  SiH 35 +  10 14 3.8  ±  0 .8
26 — CH3Si2H+ +  H2 72 23

° Relative cross section at 1.0 eV (CM).

TABLE II: Endotherm ic Bim olecular R eactions in  CH3SiH3

Relative cross
Reaction Product Aff°, section <r

no. Reaction m/e kcal/mol at 1.0 eV CM
27 CHsSi + +  CH3SiH3 •-* CH3SiH + +  CH3SiH 44 4.0
28 -  C H 3Si2 + +  CHa +  Ha 71 4.4
29 C H S i+ +  CHaSiHa -  C H 2S i+ +  C H 3SiH2 42 51
30 — CH3SiH2 + +  CHaSi 45 17.5
31 SiH2+ +  CH3SiH3 CH3Si2H + +  2H2 72 2.4
32 SiH+ +  CH3SiH3 — CH3SìH 2+ +  SiH2 45 +  17 32.5
33 CH3Si2+ +  2H2 71 18
34 Si+ +  CH3SiH3 CHaSi+ +  SiHa 43 +  30 66.5

masses 59, (CH3)2SiH+, and 60, (CH3)2SiD+, in the ratio 
1:3, respectively. Figure 1  shows the observed isotopic 
products as a function of collision energy. The fact that the 
product containing hydrogen, (CH3>2SiH, is by far the most 
abundant in the energy range 1.5 -* 5.2 eV suggests that 
this reaction involves a more or less direct transfer of CH3 
from the target to the projectile ion. The inversion of prod­
uct contributions at low energies is likely due to transition 
to a mechanism more complex in nature. This type of com- 
plex-to-direct mechanism transition has been observed 
fairly often in ion-molecule reactions.21’22 The behavior of 
isotope distributions above 3 eV is puzzling and we are un­
able to explain the predominance of the deuterated prod­
uct at high energies. It should be noted however that the 
total cross section for product production decreases with

increasing collision energy, and is quite small in the region 
above 5 eV. Further investigations are needed to resolve 
this problem.

Reactions 6-8 are observed to be exothermic reactions 
that presumably proceed through a complex type of mech­
anism. The neutral products of these reactions are written 
rather arbitrarily, as either the ones giving greatest exo- 
thermicity or requiring the least rearrangement of atoms. 
The cross sections for reactions 6-8 exhibit unusual behav­
ior as shown in Figure 2 . The initial decrease in cross sec­
tion at low energies is normal behavior for exothermic reac­
tions, however, particularly for reactions 6 and 8 the cross 
section goes through a minimum at about 1-eV CM energy 
and then rises to a broad maximum at about 2.2-2.5 eV. 
This type of behavior is usually indicative of the onset of
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Figure 1. Isotopic distribution of products of reaction 5 using 
CH3SiD3 as target.

Figure 2. Relative cross sections as a function of collision energy: 
(a) reaction 6; (b) reaction 7; (c) reaction 8.

an endothermic channel for the production involved. We 
suspect that this behavior is due to the dissociation of neu­
tral products. The neutral products of reaction 6 have been 
written as CH3 + 2H2 but, energetically, CH4 +  H2 + H are 
just as plausible. The dissociation of whatever set of neu­
tral molecular products are involved, e.g.

CH4 ■ — ► CH3 + H (37)

H2 — -  2H (38)
may account for the rise in the cross section of reaction G. 
Both processes require about 4-eV energy. Since the heat of 
formation of CH3Si2+ is not known, we cannot predict a 
threshold for these processes, but, in any case, the apparent 
threshold of about 1 eV, evident from Figure 2a, is almost 
surely too low. The apparent exothermic behavior at low 
energy may be due to excitation in the reactant ion, but 
lack of information concerning possible excited states of 
the reactant ion, and of the energetics of the species in­
volved, preclude further speculation about this reaction. 
Similar considerations apply to the behavior with energy of 
the cross section of reaction 8. Reaction 7 exhibits more 
typical exothermic behavior as shown in Figure 2b. The 
slight leveling off of cross section at about 1.5 eV may be

indicative of some alternative process taking place, but we 
do not have enough information to speculate further.

Reactions 9 and 10 are observed as exothermic reactions 
most probably involving the liberation of hydrogen mole­
cules as neutral products. Measured rate constants for 
these reactions are in reasonably good agreement with 
those reported by Potzinger and Lampe. These reactions 
appear to be analogous to those of the SiH2+ ion reported 
in monosilane,3’4 namely

SiH2+ + SiH4 —► Si2H2+ + 2H2 (39)

— * Si2H4+ + H2 (40)
the products of which are the major two-silicon atom prod­
ucts of reaction of SiH2+. It is of interest here to observe 
the effect of addition of an alkyl group to the molecule. If 
the methyl group plays an active role in the chemistry of 
methylsilane, then one would expect that there would be 
scrambling of the H atoms bound to the carbon and silicon 
atoms and that H atoms from both should appear among 
the neutral fragments. The extent of methyl group partici­
pation in reactions 9 and 10 can be determined from isoto­
pic labeling of the methylsilane. Tables III and IV give the 
expected isotopic distribution of product ions of reactions 9 
and 10  using CH3SiD3 as target gas, assuming first that the 
methyl groups are intimately involved in the complex, that 
hydrogen atoms are completely scrambled, and that disso­
ciation of the complex is completely statistical; and second, 
that the methyl groups are not involved in the chemistry of 
the complex and the liberated hydrogen comes exclusively 
from the silicon atoms. The observed isotope distribution 
at 1.0-eV collision energy for reaction 9, shown in Table III, 
is in excellent agreement with the second prediction, while 
the distribution for reaction 10, shown in Table IV, while 
not as clear, is considerably closer to the second prediction. 
These observations, together with those for reactions 1 and 
3 offer convincing evidence that the methyl group acts as a 
more-or-less inert unit and does not play a major role in the 
chemistry of the system. The reactions involving a com­
plex, namely (6)—(10 ), then appear as the general type reac­
tion

SiX2+ + SiX4 — * Si2X /  + zX 2 + wX (41)
where X is either CH3 or H and y + 2 z + a> = 6. Considered 
in this fashion, the reactions of the CH3SiH+ ion in meth­
ylsilane are very similar to those of SiH2+ in monosilane.

(c) CH3Si+, C fi2>Si+, and CHSi+. These ions are all rela­
tively minor primary ions comprising 11.2, 5.5, and 3.0%, 
respectively, of the primary mass spectrum. Reactions of 
these ions observed to be exothermic are listed in Table I. 
While the cross section of (11) exhibits exothermic behav­
ior, using existing thermochemical data, we calculate this 
reaction to the endothermic by 30 kcal. This contradiction 
is perhaps due to internal excitation of the CH3Si+ primary 
ion. The large rate constant is indicative of a direct mecha­
nism which could be either H atom or H2~ transfer. The 
reactions of CH2Si+ and CHSi+ are of relatively minor im­
portance and will not be treated in detail, however, it is sig­
nificant to note that the two endothermic reactions of 
CHSi+, namely (29) and (30), proceed with rather large 
cross sections at 1.0 eV. Based on previous observations we 
suspect that these are direct H atom and H~ transfer reac­
tions, and even though they exhibit clearly endothermic 
behavior, the direct nature of the reaction results in a large 
cross section.

(d) SiHg+, SiH?+, SiH+, and Si+. The reactions of these
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Predicted intensity 
Predicted intensity based based on scrambling 

on scrambling of all H only of H and D 
m/e Product ion Obsd intensity and D  atoms atoms bound to Si

TABLE III: Isotopic D istributions for R eaction 9 Using CH3SiD3 as Target

86 Si2C2H6+
87 Si2C2H6D +
88 Si2C2H4D 2 +
89 Si2C2H3D3 +

TABLE IV: Isotopic D istributions for Reaction 10 
U sing CH3SiD3 as Target

Pre­
dicted

Pre- intensity 
dieted based on 

intensity scram- 
based on bling only 
scram- of H and 

bling of all D atoms

m/e Product ion
Obsd

intensity
H and D 

atoms
bound 
to Si

89 Si2C2H7D + 69 14 100
90 Si2C2H6D 2 + 100 49 100
91 Si2C2H5D 3 + 25 100

minor ions are listed in Tables I and II as reactions 19-26 
and 31-34, and again are dominated by the reactions in­
volving transfer of H" or H2- . Of particular interest here 
are the reactions of the Si+ ion. Reaction 25, an H_ transfer 
reaction, which from available thermochemical data we cal­
culate to be endothermic by 10  kcal for ground state reac­
tants, is observed to have a cross section that shows exo­
thermic behavior in the low-energy region, with a subse­
quent rise in cross section beginning at about 1 eV CM as 
shown in Figure 3a. The shape of the cross-section curve is 
indicative of superimposed exo- and endothermic pro­
cesses. An extrapolation of the onset of the endothermic 
process is in good agreement with the calculated endother- 
micity of the reaction. The superimposed exothermic pro­
cess giving a decreasing cross section at low energies is un­
doubtedly due to reactions of an electronically excited state 
of the Si+ ion. The first excited states of the Si+ ion, name­
ly (3p2, 4P), lie 5.4 eV above the ground state23 and could 
easily supply the needed energy. Independent measure­
ments in this laboratory24 have indicated that as much as 
25% of the Si+ ions formed by 100-eV electron impact on 
monosilane are formed in electronically excited states. As­
suming a similar situation obtaining in methylsilane, this 
could easily account for the observed exothermic behavior 
of reaction 25. Reaction 34 in Table II is calculated to be 
endothermic by 30 kcal/mol for ground state reactants. The 
cross section as a function of collision energy is shown in 
Figure 3b, and displays typical endothermic behavior. De­
spite the endothermic shape of its dependence on energy, 
the cross section has a fairly high value even at the lowest 
energies we can measure. The fact that this reaction has an 
onset well below the calculated onset of 1.30 eV, in the cen- 
ter-of-mass system, is a further indication of internal exci­
tation of the Si+ ion. The magnitude of the cross section is 
indicative of a direct reaction.

High-Pressure Studies. Single-source mass-spectromet- 
ric studies of methylsilane are in general agreement with 
the tandem mass-spectrometric results with regard to the 
total reaction rates of the primary ions. However, the sec­
ondary ion spectra is so complex that unambiguous reac­

100 0.83 100
5 

75 
100

Figure 3. Relative cross sections a s a function of collision energy: 
(a) reaction 25; (b) reaction 35.

tion assignments and calculation of rate constants from the 
single-source data can be made for only a few reactions. 
The principal advantage of the high-pressure mass spectra 
is the possibility of observing higher order reactions not ob­
servable in the tandem machine. The high-pressure studies 
are more likely to give a closer view of the overall ionic 
chemistry of the system in a situation where multiple colli­
sions are possible, such as in gas-phase radiolysis situa­
tions. Thus in addition to the bimolecular processes ob­
served in the tandem studies we have observed a great 
number of tertiary and higher order product ions.

The percentage ion abundances of the major primary 
ions (CH3SiH2+, CH3SiH+, and CH3Si+) are shown in Fig­
ure 4 as a function of source pressure. The CH3SiH+ ion, 
the major reactant ion observed by Potzinger and Lampe,13 
and by us in the present tandem studies, is seen to react 
very rapidly. The decay rate constant measured from the 
initial slope of the decay of CH3SiH+ is calculated to be
20.0 (±3) X 10“ 10 cm3/sec, in good agreement with the total 
rate constant for reaction of CHsSiH4 in Table I, and also 
with that of Potzinger and Lampe. The CH3SiH2+ and 
CH3Si+ ions show an initial rise in abundance indicating 
that they are formed as products, consistent with reactions 
3, 15-18,19, 20, 23, 25, and 32. Above about 0.01 Torr their 
decreasing abundance indicates further reactions of these 
ions.

Reactions leading to formation of CH3SiH2+ from Table 
I indicate that CH3SiH2+ should reach a maximum .abun­
dance of between 45 and 50% of the total ions present. As 
seen in Figure 4, however, the CH3SiH2+ abundance peaks 
at about 0.01 Torr with a value of 40%. Further reactions of 
this ion prevent it from reaching its maximum-possible
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Figure 4. Major primary ion abundances a s  a function of source 
pressure.

abundance. The only bimolecular reaction observed in the 
tandem machine that depletes CH3SiH2+ is reaction 2. As 
shown in Figure 5 this product, (CH3)2Si2H3+, rises rapidly 
and reaches a maximum of about 10%. This is clearly not 
sufficient to explain the total depletion of CH3SiH2+. Simi­
lar to the situation for SiH3+ in monosilane,3 we conclude 
that CH3SiH2+ undergoes a third-order reaction leading to 
the ion at mass 91, (CH3)2Si2H5+, which above 0.025 Torr 
is the major ion in the spectrum, viz.

CH3SiH2+ + CH3S1 H3 + M —*■ (CH3)2Si2H5* + M (42)
The (CH3)2Si2H5+ ion, shown in Figure 6, is seen to have a 
pressure dependence consistent with a third-order forma­
tion process; it reaches a maximum abundance of about 
40% and appears to be unreactive toward CH3SiH3 up to 
0.25 Torr. It can be seen from the abundances of 
CH3SiH2+, (CH3)2Si2H3+, and (CH3)2Si2H5+ that in the re­
gion of 0.01-0.04 Torr, where further reactions are negligi­
ble, that the sum of the abundances of these three ions is- 
constant, satisfying the stoichiometric requirements of the 
proposed reaction scheme.

The total rate equation for CH3SiH2+ formation and 
reaction can be written as
Ĉ CH3SiH2+/d f =

X  kiXi[M] -  i72XCK̂ m i*[M] -  ^42^cH3siH2+[M]z (43)
i

where X; is the per cent abundance of the various ions and 
[M] is the number density of methylsilane. Above about 
0 01 Torr the processes leading to formation of CH3SiH2+, 
indicated by the first term in eq 43. can be ignored, as the 
abundances of the primary ions, X,, have been nearly 
totally depleted. Then the equation becomes
_ dXCH3,glH2+/df =  k2XCĤsiHi*[M] + ki2-^cn2siH7*\- î\L'

(44)
and with simple integration
ln *°cH3siH2+ -  In XCH3SiH2+ =  [fe2[M] + fe42[M]2]r (45)
where X°cH3SiH2+ is the maximum abundance of CH3SiH2+ 
and r is the residence time in the ion source. A plot of 1/ 
[M] In X °/X  vs. [M] should then be linear in pressure re­
gions where CH3SiH2+ is no longer formed and permit cal­
culation of k 42. Figure 7 shows this plot and the rate con­
stant calculated from this treatment is given in Table V. 
The residence time used in the calculation is the residence 
time of the free drift of the CH3SiH2+ in the repeller field.

Figure 5. Major product ion abundances a s  a function of source 
pressure.

Figure 6. Major product ion abundances a s a function of source 
pressure.

Figure 7. Termolecular decay of (a) CH 3SiH2+ , (b) (CH3)2SiH+ , and 
(c) (CH3)2S i2H3+ .

This quantity is expected to be quite uncertain. At pres­
sures below 0.05 Torr it is expected that diffusion effects 
will not lengthen the residence time a great deal, but the 
path length of the ion in the source is not well known. Since 
CH3SiH2+ is formed as a product ion, the assumption that 
the path length is the distance between the electron beam 
and the exit slit is ndt valid. However, the uncertainties in 
path length and diffusion effects tend to offset one anoth­
er. As a result we feel the residence time is uncertain to at 
least 50% leading to a large uncertainty assigned to k 4 2.
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TABLE V: Third-Order R eactions in  M ethylsilane
10 25 k, cm6/

Reaction molecule sec
M

CH 3SiH 2 + +  CH3SiH3 — (CH3) 2Si2H 5 + 5 .2  ±  4
M

(CH3)2SiH+ +  CHsSiH3 — (CH3) 3Si2H 4+ 1 .8  ±  1
M

(CH3)2Si2H3+ +  CHsSiHn (CH3)aSi3H6+ 0 .59  ±  0 .4

The third-order formation of (CH3)2Si2H5+ can be 
viewed as the collisional stabilization of an energetic com­
plex formed by the association of CH3SiH2+ and 
CH3SiH3+, and thus the overall process of reaction of 
CH3SiH2+ may be described by

CH3SiH2+ + CH3SiH3 ^  (CH3)Si2H5**
*-a

(46)

(CH3)2Si2H /* (CH3) 2Si2H3* + H2 (47)

(C H j^ S W *  + M — -  (CH3) 2Si2H5+ + M (48)
Assuming this mechanism we can then write the rate

constants for reactions 2 and 42 as
, _ ____ _______  _

2 fe.a + fea + ».[M]
0 .3  x lO' 10 cm 3/m olecu le  sec  (49)

ki2 = £ a + K  + *b[m ] =
5 .2  x  10"25 cm 6/m olecu le  sec  (50) 

Thus the ratio kjk&  can be gotten from k 4 <Jk 2, or

h z  = 1 7 . 3  x lO'15 cm 3/m olecu le  (51) 

The same ratio can be obtained from a plot of
X(CH3)2 Si2 H5+/X(CH3)2 Si2H3+ vs. [M] from the pressure data.
The slope of this line gives directly the ratio k j k  d. The 
value derived from this plot is 4.0 X 10“ 15 cm3/molecule. 
The agreement is satisfactory considering the large error 
limits on k 42 and the fact that k 2 was obtained in a com­
pletely different apparatus. We may estimate the mean 
lifetime of the complex involved in the collisional stabiliza­
tion model to be represented by (k _a +  k ¿)_1- If we assume 
k a and k s to be of the order of magnitude of the polariza­
tion theory rate constant,2 namely ~ 1  X 10“ 9 cm3/molecule 
sec, then from eq 51

r* «  7— \  «  5 x  10' 7 sec  (52)
*-a + k d K k s

The magnitude of the constants k 2 and k 4 2  demands 
that &_a »  so that the mean lifetime of the complex 
with respect to decomposition to original reactants is of the 
order of 5 X 10“ 7 sec. This time is a great deal longer than 
the few rotational periods usually assumed to be necessary 
to obtain randomization of energy within the complex.22 
We can thus conclude that this and similar reactions in 
methylsilane proceed through a randomized complex 
mechanism. The lifetime of the complex is short enough to 
preclude its observation in the tandem mass spectrometer, 
where multiple collisions are quite infrequent, and indeed 
it was not observed.

Other condensation reactions similar to reaction 42 are 
observed at elevated pressures in methylsilane. From stoi­
chiometric considerations alone it can be inferred that the 
two additional condensation-type reactions 53 and 54, take

(CH3)2SiH* +' CHjSiHj + M — *- (CH3) 2Si2H4* + M (53)

(CH3)2Si2H3+ + CH3SiH3 + M — * (CE3)3Si3He+ + M (54)

place. The abundances of these ions are shown in Figures 5 
and 6. Similar treatment as that performed on reaction 42 
and shown in Figure 7 yields third-order rate constants for 
these two reactions that are listed in Table V. The resi­
dence times were taken to be the free-drift residence times 
of the (CH3)2SiH+ and (CH3)2Si2H3+ ions. Again these are 
not likely to be very accurate, but for lack of information 
concerning the mobility of these ions in the gas and unspe­
cified path length, a better estimate cannot be made.

In the case of reaction 53, it can be shown from the ion 
abundance curve in Figure 6 that above 0.03 Torr the dis­
appearance of (CH3)2SiH+ is clearly due to a bimolecular 
process, while the formation of (CH3)3Si2H4+ is clearly due 
to a termolecular process. This indicates to us that 
(CH3)2SiH+ is being depleted, in addition to reaction 53, 
by a bimolecular reaction which is not immediately evident 
in the spectra. In view of the fact that ail other monosilicon 
ions readily undergo a hydride transfer reaction with meth­
ylsilane, it is tempting to postulate that the bimolecular 
process depleting (CH3)2SiH+ is the H_ transfer reaction 
55. However, the most recent thermochemical data19 indi-
(CH3) 2SiH* + CH3SiH3 — ► CHjSiH/ + (CH3) 2SiH2 (55)

cate (55) to be endothermic by 16 kcal. At present we sim­
ply do not know the identity of the other product(s) of this 
bimolecular depletion of (CH3)2SiH+.

It should be noted that the third-order rate constants for 
CH,jSiH2+ and (CH3)2SiH+ are about an order, of magni­
tude higher than those observed for similar reactions in 
monosilane3 and monogermane.8 The fact that the ratio 
k jk ,\  calculated for reaction 42 is nearly the same as that 
observed for the analogous reaction in monosilane leads us 
to the conclusion that k _ aS the rate of decomposition back 
to reactants, is about an order of magnitude slower in reac­
tion 42. This is undoubtedly due to the greater ability of 
the complex to distribute the internal excitation among its 
many degrees of internal freedom (42 for (CH3)2Si2H5+ 
compared to 24 for Si2H7+ and Ge2H7+) thus giving the 
complex a longer lifetime.

As indicated in Figures 5 and 6, the products of these 
condensation reactions appear to be unreactive up to 0.3 
Torr, as shown by their constant abundance with increas­
ing pressure. These three ions account for 68% of the total 
ion current at 0.2 Torr. At pressures up to 0.5 Torr we have 
observed many smaller product ions ranging up to m/e 225, 
presumably containing at least five silicon atoms. Because 
of the coihplexity of the spectra it is impossible to extract a 
detailed reaction scheme, but the general appearance of the 
spectra seems to indicate an ionic polymerization chain, 
most probably proceeding through the general type of reac­
tions

M
(CH3),S ivH / + CH3SiH3 —  (CH3) ,+1Si?+1H2+3 (56)

—  (CH3) , tlSiy+1H2 + 1 +  H2 (57)

Above about 0.3 Torr the spectra become further obscured 
by reactions with residual water in the mass spectrometer, 
such that at 0.5 Torr these water-containing ions account 
for at least 46% of the total ions present. This tendency to 
react with even very small amounts of water in the mass 
spectrometer at high pressures has also been noted to occur 
in monosilane3 and methane.25
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Kinematics of hydride transfer reactions in methylsilane have been investigated by isotopic distribution 
measurements and kinetic energy analysis of product ions in a tandem mass spectrometer. Reactions are 
observed to proceed predominately via a direct stripping type process, yielding an CH3SiD2+ or CH3SiH2+ 
ion with very little kinetic energy, and by a complex formation mechanism that is particularly prominent at 
low collision energies. The process is interpreted as making a transition from complex in nature at low 
energies to direct at high collision energies.

Introduction

In a preceding paper2 we have presented data and rate 
constants for a large number of ion-molecule reactions in 
methylsilane. The bimolecular reactions occurring in this 
system are dominated by those involving the net transfer of 
small particles, H~, H2_, H. It has been shown3 that these 
type reactions, which are also dominant in various other 
silane systems, for the most part occur via direct stripping 
type mechanisms. For example, at the lowest collision ener­
gies studied, the reaction

SiH2* + SiH4 — > SiH3+ + SiH3 (1)

was shown to proceed predominately through both direct 
H~ and H atom transfer mechanisms, while about 20% of 
the observed product could be attributed to the formation 
of a long-lived complex.

This paper examines similar reactions in methylsilane in 
order to further characterize the nature of these reactions

and to observe the effects of an addition of an alkyl group 
to the silane system.

Experimental Section
The tandem mass spectrometer used in this study has 

been described previously,3’4 The experimental procedure 
consists of injecting mass selected ions with kinetic ener­
gies variable down to ~1 eV into a collision chamber con­
taining the neutral target gas. Products scattered into the 
forward direction are collected, energy analyzed in a re- 
tarding-field energy analyzer, mass analyzed, and detected. 
Performance of the energy analyzer has been described 
previously.3

Methylsilane (CH3SiH3) gas, obtained from Peninsular 
ChemResearch, was fractionated on the vacuum line and 
checked mass spectrometrically for satisfactory purity. 
Methylsilane-d 3 (CH3SiD3) was synthesized by reduction 
of CH3SiCl3 with LiAlD4 in di-n-butyl ether solution.5 It 
was purified in the same manner as CH3SiH3.
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TABLE I: Hydride Transfer Reactions in Methylsilane

Reaction no. Reaction AH°, kcal/mol

4 CH3SiH2 + +  CH3SÌH3 — CH3SÌH2+ +  CH 3SiH8
5 CH3SiH+ +  CH3SÌH3 -* CH3SiH2 + +  CH3SÌH2
6 SiH3+ +  CH3SÌH3 — CH3SÌH2+ +  SiH4
7 SiH2 + +  CH3SÌH3 — CH3SiH2+ +  SiH3
8 Si+ +  CH3SÌH3 — CH,Si + +  SiHa
9 Si+ +  CH3SÌH3 -*■  CH3SiH2+ +  SiH

0
- 1  

- 1 1  
-11 
+  30 
+ 10

Figure 1. Isotopic distributions of products using CH3SiD3 as target 
gas: (a) reaction 4, collision energy = 0.94 eV, center of mass; (b) 
reaction 5, collision energy =1.4 eV, center of mass.

R esults and Discussion
In previous work in this laboratory3 we interpreted the 

kinematics of H and H~ transfer reactions in monosilane in 
terms of two models. In the spectator stripping model,6 in 
which the transfer of a particle takes place with little or no 
redistribution of energy among the reactants, the “specta­
tor” particle is left with essentially the same energy it pos­
sessed before reaction. Then for a reaction involving trans­
fer of a neutral particle from the target to the projectile ion 
we can predict the kinetic energy of the product ion, name­
ly

Es(s) = {mt/n i3 )E t (2)
where m 1 and E 1 are the mass and energy of the projec­
tile, respectively, and m 3 and E 3 (s) are the mass and ener­
gy of the product predicted by the stripping model.2

The complex-formation model refers to the formation of 
a persistent association product of the reactants which 
moves with velocity of the center of mass, and in which 
there occurs a randomization of the internal energy that is 
followed by a unimolecular dissociation to the observed 
products. If the lifetime of this complex is longer than a ro­
tational period, the angular distribution and kinetic energy 
distribution of the dissociation products will be symmetric7 
around the velocity of the center of mass. In such a case the 
kinetic energies of the products that are collected into a 
wide angle in the forward direction are expected to lie in a 
broad band centered on the kinetic energy of the center of 
mass as shown by

E 3( c ) m  F» 3 F
(«+ + m 2 )2 1 (3 )

K ine tic  Energy in Lab System,eV

Figure 2. Product kinetic energy distributions ot GH3SiD2+ trom 
reaction 4.

where m 1 and E 1 are the mass and energy of the projectile 
ion, respectively, m 2 is the mass of the target, and m 3 and 
E 3 (c) are the mass and kinetic energy of the product ion, 
respectively, predicted by the complex model.

Table I lists the major reactions observed in methylsil- 
ane that can be described as net transfers of one or more 
hydrogenic particles. In the remainder of this paper we dis­
cuss for each reactant ion the kinematics of the reactions 
shown.

(a ) CH3SiH 2 + (m/e 45 ). As indicated previously2 we be­
lieve the most probable structure of the m/e 45 ion, formed 
by electron impact on CH3SiH3, to be as written. When 
CH3SiH2+ is injected into CH3SiD3 products of reaction 4 
are observed at m/e 46 (CHsSiHD+) and m/e 47 
CH3SiH2+ is injected into CH3SiD3 products of reaction 4 
46 since it is not observed when CH3SiH2+ reacts with 
CH3SiH2+ is injected into CH3SiD3 products of reaction 4 
energies of 0.94 eV, center of mass, is shown in Figure la. 
The fact that virtually no product is observable at m/e 48 
indicates that hydrogens bound to the carbon atoms are 
not participating in the reaction. Formation of a complex 
followed by dissociation with complete scrambling of H 
and D atoms bound to silicon atoms only would yield prod­
ucts indicated by reactions lOa-c, in the ratio a:b:c = l-.6;3.

—► CH3SiH2+ + CH3SiD3 (10a)

CH3SiH2+ + CH3SÌD3 CH3SiHD+ + CH3SiD2H (10b)

CH3SiD2+ + CH3SiDH2 (10c)
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K ine tic  Energy in Lab System,eV

Figure 3. Product kinetic energy distributions of CH3SiD2+ from 
reaction 5.

As is evident from Figure la, CH3SiD2+ is present in much 
greater abundance than would be the case for a randomized 
complex mechanism. As in the analogous reaction in mo­
nosilane3 we conclude that this ion arises predominately 
via a direct D~ transfer from the target to the projectile in­
dicated by reaction 1 1 . The kinetic energy distribution of

CHgSilV + CH3SiD3 — CH3SiD2+ + CH3SiH2D (11)

product ions at m/e 47, shown in Figure 2 for two different 
collision energies, confirms this conclusion. In the frame­
work of the spectator stripping model, the product ion is 
the spectator to the reaction. It receives therefore very lit­
tle momentum from the projectile, and thus should have a 
very low (thermal) kinetic energy and, moreover, this ki­
netic energy should be independent of collision energy. 
This is seen to be the case in Figure 2. The point marked C 
indicates the most probable energy expected from the com­
plex model, calculated from eq 3. As noted previously,3 the 
collection and energy measurement of very low-energy ions 
is very difficult. For this reason we expect that the exact 
location of the peak in the product-ion energy distribution 
may be determined by instrumental factors. We do not, 
therefore, place emphasis on the position of the peak but 
rather on the facts that the product-ion energy distribution 
of the D “-stripping process is independent of primary-ion 
energy and at higher energies the entire band lies at ener­
gies below the C point.

High-pressure mass spectrometric experiments with 
methylsilane2 have shown that at an average collision ener­
gy of 0.4 eV, CH,3SiH2+ will associate with CH3SiH3 to 
yield a complex having a lifetime as long as 5 X 10- 7  sec. 
Further, in the absence of a stabilizing collision most of 
these complexes revert to reactants. If we then assume that

2431

K inetic Energy in Lab System,eV

Figure 4. Product kinetic energy distributions of CH3SiHD+ from 
reaction 5.

the observed product CHaSiHD+ is formed exclusively by 
the complex-formation mechanism, one may estimate, from 
the relative intensities of m/e 46 and 47, the contributions 
from complex and impulsive processes to the total product­
ion formation.

At the lowest energies measured, 0.5 eV center of mass, 
about 60% of the total product may be accounted for by the 
complex process resulting in scrambling of H and D atoms. 
This contribution from the complex process decreases rap­
idly with increasing collision energy such that at 2.0-eV col­
lision energy, the complex accounts for only 20% of the 
total product production, the remainder occurring via the 
direct D~ transfer. This transition from complex to direct 
processes as collision energy increases has been observed 
quite frequently,3’8’9 and is due to the inability of the com­
plex to accommodate the internal energy it acquires at in­
creased collision energies.

(b ) CH3SiH + (m/e 44). The major reaction of this ion 
was reported2 to be that involving the net transfer of either 
H_ or H from target to projectile as shown by reaction 5 in 
Table I. This particular reaction is of great interest because 
of the variety of possible mechanisms leading to the same 
product ion. The equivalent reaction in monosilane, indi­
cated by reaction 1, was reported to proceed via direct H 
atom and H-  transfer, as well as through a complex. The 
various isotopic products expected for these mechanisms 
when CHaSiD3 is used as target, and when it is assumed 
that the methyl hydrogens are not involved, are illustrated 
in reaction (12 ). The product in (12a) would be expected

CH,SiH+ + CH,SiD,
CHjSiHD* + CH3SiD2 (12a) 

CH3SiD2* + CH3SiHD (12b)

from a D-atom transfer process, while that of (12b) is 
formed via D _ transfer. A complex mechanism statistically
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P roduct K in e t ic  E nergy,eV

Figure 5. Product kinetic energy distributions of CH3SiH2+ from 
reaction 7.

would yield both species in the ratio a:b = 1:1. Figure lb  
shows a typical product mass spectrum at 1.4 eV, center of 
mass. As evident from the figure both isotopic species are 
present in nearly equal amounts. The ratio of a:b remains 
fairly constant as a function of collision energy up to about 
5 eV with the CH3SiD2+ product becoming dominant at 
energies higher than 5-eV center of mass. Product energy 
distributions for these ions are shown in Figures 3 and 4. It 
can be seen that the CH3SiD2+ ion displays energy distri­
butions characteristic of a direct D-  transfer reaction. At 
the lowest energies, the product energy resolution is insuf­
ficient to indicate a direct or complex distinction, but 
clearly at higher energies the reaction is direct, leaving the 
product with very little energy and specifically with less en­
ergy than predicted for a complex mechanism.

The product energies of the CH3SiHD+ appear quite dif­
ferent. At low collision energy the product energy band is 
nearly centered on the C point, and at higher collision ener­
gies, the band becomes very broad and is centered on an 
energy about 1.5 eV above the C point. The broadening of 
the band is an indication of a great deal of energy partition­
ing among the reactant partners, and the position of the 
band indicates a mechanism much closer to that of com­
plex formation then to direct D atom transfer. The analo­
gous reaction3 in monosilane was shown to proceed through 
a direct D atom transfer that approaches the spectator 
stripping model prediction, i.e., S point, at higher collision 
energies. Clearly, this appears not to be the case in meth- 
ylsilane. Although the center of the product energy band 
lies at greater energy than predicted by the complex model, 
it is far from that of the stripping prediction. At energies 
greater than the 4.5-eV collision energy shown in Figure 4

the intensity of CH3SiHD+ drops off sharply, further indi­
cating that a direct D atom transfer is not a very likely 
reaction in this system.

Additional evidence for the existence of a randomized 
complex is the appearance of the ion at m/e 45, shown in 
Figure lb. This ion most probably represents the dissocia­
tion of a complex back to reactants that follows scrambling 
of the H and D atoms in the complex as illustrated by reac­
tion (13). The cross section for formation of this ion drops

CHjSiH* + CH3SiD3 —* [(CH3 )2Si2HD3*] — *

CH3SiD+ + CH3SiHD2 (13)

off much more rapidly with increasing collision energy than 
the products of reaction 12 , consistent with previous obser­
vations3’8’9 of transition from complex to direct mecha­
nisms with increasing collision energy.

(c) SiH3+ (m/e 31). The hydride transfer reaction of 
SiH3+ with CH3SiH3, reaction 6, appears to be very similar 
to other direct H~ transfer reactions observed. The 
CH3SiH2+ is formed with very little kinetic energy which, 
furthermore, is independent of collision energy.

(d ) SiH2+ (m/e 30). The interpretation that these reac­
tions undergo a transition from complex to direct mecha­
nism as the collision energy increases is clearly borne out 
by the kinetic energy distribution of the product ion of 
reaction 7, shown in Figure 5. The reaction of SiH2+ with 
methylsilane was studied in detail only with CH3SiH3 as 
the target molecule. In this case the products of both direct 
and complex mechanisms will appear at the same mass. 
The breadth of this product ion kinetic energy band is a 
clear indication of the energy transfer processes taking 
place. At 1.93-eV center-of-mass collision energy, the prod­
uct energy band is quite broad and centered on the energy 
prediction of the complex model. As one increases the colli­
sion energy, however, the band becomes increasingly nar­
row and moves closer to zero while the C point moves to 
higher energies. The broadness of the band at low energies 
is due to partitioning of the available energy of the system 
among internal and translational degrees of freedom during 
the lifetime of the complex. As one increases the collision 
energy, the reaction becomes more direct in character and 
little of the available energy of the system is redistributed 
and deposited into translation of the product ion or “spec­
tator.” The available energy of the system remains largely 
in translation of the neutral product.

The apparent inability of the methylsilane system to un­
dergo H atom transfer reactions, as opposed to the case of 
monosilane,3 is also evident in the failure to observe a D- 
atom transfer reaction between SiH2+ and CH3SiD3. Al­
though the energetics are favorable (from the most recent 
data10 we calculate the H atom transfer to be exothermic 
by at least 5 kcal) only very small amounts of this product 
have been observed, and only at collision energies above 
about 2.5-eV center of mass.

(e) S i+. Reactions 8 and 9 in Table I were observed to 
occur in methylsilane with quite large cross section despite 
their endothermicity. This was attributed to the presence 
of a high percentage of electronically excited Si+ ions in the 
reactant beam. Reaction 8 is of particular interest as it in­
volves the net transfer of more than one atom. Although 
transfer reactions involving more than one hydridic parti­
cle are not uncommon in hydrocarbons11 and silanes,4 be­
cause of the considerable rearrangement involved in the 
transfer of three atoms or, alternatively, the transfer of a
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methyl group, it would appear less likely to proceed 
through the direct stripping type mechanism evident in hy- 
dridic transfer reactions involving transfer of only one 
atom. However, our measurements of the kinetic energies 
of CH3Si+ product of reaction 8 appear identical with the 
observations of reaction 7 indicating that the silicon atom 
in the CH3Si+ product is the one originally contained in the 
neutral molecule, and that the reaction proceeds via trans­
fer of an H3~ species which approaches a direct stripping 
type mechanism at high collision energies. Reaction 9 is 
also observed to proceed predominantly via the direct H~ 
transfer mechanism.
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The reactions of Si+, SiH+, SiH2+, and SiH3+ with C2H4 and the reactions of C2H2+, C2H3+, and C2H4+ 
with SiH4 have been studied by tandem and high-pressure mass spectrometry. Phenomenological rate con­
stants have been measured at a reactant ion kinetic energy of 1.4 eV in the laboratory system and reaction 
cross sections have been studied over the range of 0.4 to 3.0 eV in the center-of-mass system. A persistent 
or “sticky” complex SiC2H7+ is observed in collisions of SiH3+ with C2H4 with a cross section that de­
creases to zero at a center-of-mass energy of 1.3 eV. Formation of this complex in bimolecular reactions is 
confirmed in the high-pressure mass spectrometric studies. It further is shown that at higher pressures the 
complex SiC2H7+ successively adds two more molecules of C2H4 and it is suggested that all these adducts 
have the ultimate form of alkylsiliconium ions, namely, C2H5SiH2+, (C2H5)2SiH+, and (C2H5)3Si+.

Introduction
A previous study2 of ion-molecule reactions in the SiH4-  

C2H4 system was carried out at pressures below 5 X 10~ 3 

Torr in a single source mass spectrometer system, relying 
principally on appearance potential measurements of prod­
uct ions for reaction identification. In-as-much as more re­
cent reports3-5 of ion-molecule reactions in similar systems 
have demonstrated that the application of such techniques 
to complex systems involving more than one neutral reac­
tant leads to a very incomplete picture of the ionic chemis­
try of the system, a reinvestigation of the SiH4-C 2H4 sys­
tem was felt to be warranted. Accordingly we have con­
ducted studies of the ion-molecule reactions in this system 
using both tandem mass spectrometry and high-pressure 
mass spectrometry up to about 0.3 Torr. This paper consti­
tutes a report of our findings.

Experimental Section
The tandem mass spectrometer, which has been de­

scribed previously,6 consists of two quadrupole mass filters,

separated by a collision chamber and ion lenses, mounted 
in an “in-line” configuration. It permits the injection of 
mass-selected reactant ions, having kinetic energies vari­
able down to about 1 eV, into the collision chamber con­
taining the reactant molecule and mass analysis of the 
product ions emerging from the collision chamber. Retard­
ing field measurements show the energy spread of the reac­
tant ion beam to be generally about 1 eV, but dependent on 
the cleanliness (past history) of the ion source.

Relative cross sections of the various ion-molecule reac­
tions were studied as a function of collision energy in the 
range of 0.4-3 eV. As described previously,4'6’7 the shapes 
of the cross section vs. energy curves were used to differen­
tiate between exothermic and endothermic processes. Phe­
nomenological rate constants and cross sections of the vari­
ous reactions were determined by direct comparison of rel­
ative cross sections for 1.4 eV (lab) reactant ions with the 
cross sections for reactions (1 ) and (2), the rate constants of 

CH4+ + SiH4 — * SiH3* + CH3 + H2 (1)

CH3+ + S:H4 — -  SiH3* + CH4 (2)
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TABLE I: Exotherm ic Ion-M olecule R eactions in  SiH4-C 2H 4 M ixtures for 1.4-eV (lab) R eactant Ions

Reaction
no. Reaction AH°, kcal This work Ref 2

3 S ift  + +  C2H4 SiC2H6 + +  H2 0.67 ±  0.20 Not detected
4 SiC2ft+ 0.78 ±  0.23 Not detected
5 S ift+  +  C2f t  — S iC ft+ +  C ft +  14“ 4 .8  ±  1.4 4.2  ±  1.1
6 -  S iC f t  + +  f t  +  H 2.6 ±  0 .8 0.3 ±  0.08
7 — SiC2H4+ +  f t 2.4 ±  0.8 0.2 ±  0.05
8 -*• SiC2f t + +  H 1.0 ±  0.3 Not detected
9 SiH + +  C2H4 — S iC f t  + +  f t 2 .8  ±  0.8 Not detected

10 Si+ +  C2H4 — S iC ft  + +  H 0.74 ±  0.20 Not detected
11 C2H 4+ +  S if t  -  C2f t +  +  S ift - 2  to - 4 6 5.1 ±  1.5 Not detected
12 S i f t + +  C2H6 +  1“ 2.0 ±  0.7 8.7 ±  2 .2
13 -V S ift+  +  C2f t +  3“ 6.2  ±  2.0 Not detected
14 — S iC f t  + +  2 f t 0.11 ±  0.03 0.7  ±  0.2
15 -* SiC2f t + +  f t  +  H 0.11 ±  0.03 Not detected
16 S iC f t  + +  f t 0.24 ±  0.08 2.1 ±  0.5
17 -*■ SiC2f t + +  H 0.33 ±  0.10 Not detected
18 C f t  + +  S if t  — S if t  + +  C2f t -2 1 2.5 ±  0.8 Not detected
19 -v S if t  + +  C2H2 - 1 0.34 ±  0.11 Not detected
20 C2H2+ +  S if t  — Si+ +  C2f t  +  f t -1 5 0.69 ±  0.15 Not detected
21 ■ — SiH + +  C2H5 +  8“ 0.46 ±  0.14 Not detected
22 — S if t  + +  C2f t -3 0 1.7 ±  0.5 14 ±  4
23 -*■ S if t  + +  C2f t -2 1 7.3  ±  2.3 Not detected
24 — SiC ft + +  C ft - 1 6 0.22 ±  0.07 2.1 ±  0.5
25 -* SiC2H + +  2 f t  +  H 0.10 ±  0.04 Not detected
26 -  SiC2f t + +  f t  +  H 0.44 ±  0.13 1.1 ±  0 .3
27 -*■ SiC2f t + +  H 0.16 ±  0.05 2.0 ±  0.5

“ See text. 6 P. Potzinger, private communication, to be submitted for publication.

which have been previously determined.4 Collision cham­
ber pressures of the order of 1 X 10" 3 Torr and ionization 
chamber pressures of the order of 1-5 X 10-3  Torr were 
used.

The high-pressure mass-spectrometric experiments were 
carried out in a Nuclide Associates 12-90G sector-field 
mass spectrometer.6 In these experiments the ionic abun­
dances in a mixture containing 10% C2H4 were measured 
over the pressure range of 0.02-0.3 Torr. The energy of the 
ionizing electron beam was 100 eV, the trap current was 
very small and not measured, and the ion-accelerating po­
tential was 2500 V. In all experiments the ion-exit energy 
from the source was 1.9 eV and the ion-source temperature 
was 100°. Ion-source pressures were measured with a Gran- 
ville-Phillips capacitance manometer that was calibrated 
against a McCleod gauge, which in turn was checked by 
measurement of the known pressure-dependent formation 
of CH5+ in CH4. We estimate our source pressure to be ac­
curate to ± 10%.

Monosilane, purchased from the Matheson Co., was pu­
rified by fractionation on a vacuum line prior to use. The 
ethylene was Phillips Research Grade and was used as re­
ceived.

R esu lts and D iscussion

(1) Nature of the Elementary Reactions. The ion-mole­
cule reactions in the SiH4-C 2H4 system found to be exo­
thermic on the basis of the dependence of reaction cross 
section on collision energy are shown in Table I. Also 
shown in Table I are standard enthalpy changes calculated 
from thermochemical data8-10 and phenomenological rate 
constants determined at 1.4-eV ion-kinetic energy in the 
laboratory system. For comparison, the rate constants re­
ported previously2 are shown in the last column of the 
table. In all cases except one, namely, reaction 20, the neu­
tral products are written arbitrarily as those that lead to
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maximum exothermicity. Reactions exhibiting rate con­
stants below 10 _ u  cm3/sec are not shown in the table.

Before proceeding to a discussion of the individual ele­
mentary reactions shown in Table I, we must first make the 
general observation that only qualitative agreement with 
the previous results of Beggs and Lampe2 is obtained, and 
that only for the cases of what would be the major reactant 
ions in an equimolar mixture, namely, SiH2+, C2H2+, and 
C2H4+. This is not surprising when one considers the com­
plexity of this system, with respect to icn-molecule reac­
tions, and the fact that Beggs and Lampe2 used a single­
source mass spectrometer at pressures below 5 X 10~3 Torr 
with almost complete reliance on appearance potentials 
and energetics for reaction identification. The comparision 
makes it clear that these more primitive techniques are 
quite inadequate for a quantitative study of a system con­
taining two components when both are more complex than 
diatomic molecules, and we must conclude that our present 
results supercede those of the earlier report of Beggs and 
Lampe.2

Secondly, we may point out once again the preeminence 
of hydride ion transfer processes leading to formation of 
SiH3+, a phenomenon that has proven to be quite general 
when gaseous systems containing S i f t  are subjected to the 
passage of ionizing radiation.

In the remainder of this section we discuss the character­
istics of the reactions that occur when the various reactant 
pairs are brought together.

(a) SiHs+ + C2H 4 . When SiH3+ ions are injected into 
the collision chamber containing C2H4, SiC2H5+ and 
SiC2H7+ ions are formed via reactions 3 and 4 shown in 
Table I. In addition, very small amounts of SiC2H3+ are 
also observed. Neither of the rate constants of (3) and (4) 
are particularly large and so we must conclude that most of 
the Langevin encounters of this pair (&L = 1.25 X 10~9 
cm3/sec) revert to the original reactants. Nonetheless, these 
reactions are of considerable interest because in ionized
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Figure 1. Dependence of cross section for SiC2H7+ formation on ki­
netic energy of SiH3+. Open and closed ctcles represent replicate 
experiments conducted 2 months apart.

mixtures containing a large excess of SiH4, the predomi­
nance of hydride ion transfer from SiH4 ensures that the 
SiH3+ ion will be the major ion leading to chemical conver­
sion of the mixture.

The observation of (4) is of considerable interest in that 
the product of this reaction represents a persistent collision 
complex that contains all the atoms of the reactants. The 
observation of such persistent or “sticky” collision com­
plexes is rather rare in ion-molecule reaction studies. The 
cross section of (4) decreases rapidly with increasing colli­
sion energy, as shown in Figure 1, becoming apparently 
zero at a relative collision energy of 1.3 eV. Previous obser­
vations of persistent complexes11-13 have been made in sin­
gle-source mass spectrometers and mostly, but not always, 
have been made on systems having more vibrational de­
grees of freedom than SiC2H7+.

Many complexes of this sort have been observed as a re­
sult of stabilizing collisions taking place before the complex 
can decompose and it may be argued that the SiC2H7+ we 
have observed is the product of such a third-order process. 
However, if we make this assumption we immediately run 
into a number of contradictions. (1) The magnitude of the 
third-order rate constant necessary to produce this product 
in the amounts observed in the high-pressure experiments 
would require that the lifetime of the complex be of the 
order of 5 X 10“ 5 sec, which is appreciably larger than the 
ion residence time in the collision chamber and is of the 
order of magnitude of the total flight time in the tandem 
instrument, i.e. , it would be observed as a bimolecular 
product. (2) For a stabilization rate constant of about 10“ 10 
cm3/mol sec, at 0.001 Torr pressure the mean distance trav­
elled by the complex between collisions is on the order of 
50 cm which is considerably more than the 2 .0-cm total 
path length of the collision cell. (3) To the best of our 
knowledge, no other collision complexes of this nature have 
been observed in tandem mass spectrometers under similar 
conditions of collision cell pressure and total flight time.

In light of these arguments we think it most unlikely that 
the SiC2H7+ observed is the result of a third-order process, 
but indeed is the result of a bimolecular process giving a 
very long-lived complex.

A loosely bound collision complex in which the reactants 
retain essentially their original identities, i.e. , C2H4 • 
SiH3+, could not be expected14 to have a sufficient life­

time, relative to reversion to free reactants, to be detected 
in our system. In the absence of stabilizing collisions the re­
version of a complex to reactants is always energetically 
feasible. However, if a chemical transformation takes place 
leading to a complex which lies in a deep potential-energy 
well relative to reactants, sufficient lifetime for detection 
(~10-5  sec) may well result. Although the evidence is not 
compelling, we suggest that the formation of SiC2H7+ as a 
persistent complex occurs via a concerted proton transfer 
and addition of SiH2 to the ir-electron system of C2H4, as 
shown by

c h 2 c h 3+
SiH3+ + CH2= C H , — ► \  /  — CH3CH2SiH2+ (28)

SiH2

It is proposed that a sufficiently large potential energy bar­
rier separates the CH3CH2SiH2+ ion in (28) from the initial 
reactants for the lifetime of SiC2H7+ to be longer than the 
detection time of the apparatus (1()“ 5 sec). We rule out 
SiHsCH2CH2+ as the structure of the product of (28) in 
view of our experience with the mass spectrum of CH3SiD3, 
in which we find CH3SiD2+ to be much preferred over 
SiDsCH2+. We write the cyclic structure as a possible inter­
mediate in view of reports15-17 that singlet silylene radicals, 
(ground spin state) react with unsaturates in a fashion 
analogous to that of singlet methylene. The position of pro­
tonation of the cyclic structure is assumed in view of recent 
calculations by Hariharan, Radom, Pople, and Schleyer,18 
showing that corner-protonated cyclopropane is the most 
stable form of a protonated cyclopropane ring. Some evi­
dence for the linear structure in (28) comes from high-pres­
sure mass spectrometric experiments, to be presented in a 
subsequent section, that indicate the rapid successive addi­
tion of three ethylene molecules to SiH3+, forming presum­
ably the stable (C2H5)3Si+ cation.

Regardless of whether the cyclic structure is involved as 
an intermediate in (28) or not, the protonation and addi­
tion must be concerted since simple proton transfer from 
SiH3+ to C2H4 is endothermic by 32 kcal/mol.9’10,19

(6 ) SiH 2+ + C9H4 . Reactions 5-8, shown in Table I, are 
observed to occur when SiH2+ ions are injected into C2H4. 
The dependence of reaction cross section on collision ener­
gy clearly shows that all reactions are exothermic, yet ther­
mochemical calculations9’10 indicate that (5) should be en­
dothermic by 14 kcal. These thermochemical calculations 
assume that SiCH3+ produced by the reaction of SiH3+ 
with C2H4 is the same species as one obtains from electron 
impact on CH3SiH3, an assumption that may not be valid. 
Alternatively, it is possible that a significant fraction of the 
SiH2+ ions, formed by impact of 100-eV electrons on SiH4, 
contains sufficient internal energy to over come the en- 
dothermicity. We cannot choose between the two alterna­
tives on the basis of our data, but because the rate constant 
obtained is so large (and this is not typical of endothermic 
processes) we favor the idea that the SiCH3+ ion produced 
here is more stable than that formed by electron impact on 
CH3SiH3 and that the reaction observed is exothermic for 
ground-state reactants. We may note that the reaction is 
very efficient, some 85% of the Langevin encounters lead­
ing to products.

(c) SiH+ + C2H4 . When SiH+ ions react with C2H4, 
SiC2H3+ ions are formed in the exothermic process shown

The Journal of Physical Chemistry, Vol. 78, No. 24, 1974

.. *,***1 ah*t



2436 T. M. Mayer and F. W. Lampe

as reaction 9 in Table I; the reaction proceeds with a 
Langevin efficiency of —20%. An endothermic process 
forming SiC2H2+ is observed at higher energies, with the 
threshold of the reaction being of the order of 1-eV center 
of mass.

(d) Si+ + C 2H 4 . Si+ ions react exothermically with 
C2H4 to form SiC2H3+ as shown by (10) in Table I. The 
reaction has a very low efficiency with only —5% of the 
Langevin encounters leading to reaction products. In addi­
tion to (10 ), an apparently endothermic process with a 
threshold between 0.8 and 1.0 eV, center of mass, produces 
SiC2H2+.

(e) C2H4+ + SiH4. Reactions 11-17 are observed as exo­
thermic processes when C2H4+ ions are injected into SiH4. 
The total reaction of C2H4+ with SiH4 is very rapid with 
-100% of the calculated Langevin encounters leading to 
products. The predominant processes, namely, some 94% of 
the total, involve the transfer of H, H2~, and H~ from SiH4, 
as shown by (11-13). This is quite typical of the reactions 
of hydrocarbon ions with silanes.4’5’7

The ion, C2H5+, formed in (1 1 ), has the same m/e as 
SiH+ but we choose C2H5+ as the actual product observed 
at this m/e, since formation of SiH+ would be endothermic 
by at least 70 kcal. Uncertainties in the thermochemical 
data may easily account for the calculated endothermicity 
of (12) and (13).

The calculated near-thermoneutral nature of (11-13), 
coupled with the large reaction rate constants and strong 
evidence of exothermicity from the dependence of cross 
section on energy, lead one immediately to the conclusion 
that the neutral products must be as written for any other 
set makes the ion formation very endothermic. This in turn 
leads to the mechanistic conclusion that (11-13) involve 
simple transfer from SiH4 to C2H4+ of H, H2~, and H~, re­
spectively.

(/) C2H 3+ + SiH4. The only significant reactions of 
C2H3+ with SiH4 are those involving hydride ion transfer to 
form SiH3+, as shown by (18), and proton transfer to form 
SiH5+, as shown by (19). That SiH3+ is not a dissociation 
product of SiH5+, but rather is formed in a completely dif­
ferent reaction channel, has been demonstrated in other 
systems by deuterium-labeling experiments.4-20’21 In this 
system the reaction sequence consisting of (19) followed by
(29) is endothermic by 16 kcal/mol, and would hence not be

S i i V  — * SiH3* +  H 2 -  (29)

expected to yield SiH3+ with a rate constant as large as 
that shown in Table I.

(g) C2H2+ + SiH 4 . The reaction of C2H2+ with SiH4 is 
described by (20-27) shown in Table I. The magnitude of 
the rate constants indicates a very efficient reaction with 
some 80% of the Langevin encounters leading to products. 
Again the system is dominated by H~ and H2_ transfer 
leading to formation of SiH3+ and SiH2+, respectively, as 
shown by (22) and (23). The considerable uncertainty8 in 
the standard enthalpy of formation of SiH+ is sufficient to 
account for the apparent endothermicity of 8 kcal for (2 1 ) 
shown in Table I. More recent estimates of limits to 
AH f°(SiH+) suggest that (21) is actually exothermic.22

It is possible that the product of (20) is not Si+ but rath­
er C2H4+ as these species have the same m /e . To produce 
C2H4+ in an exothermic reaction would require a H2 trans­
fer process and since we have not often observed such pro­
cesses but have often observed Si+ formation in the reac­
tion of hydrocarbon ions with SiH4, we favor (20).
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Figure 2. Relative abundances of major ions in a 90:10 SiH4:C2H4 
mixture as a function of ion-source pressure: (a) A, SiH3+; 0, 
SiH2+; (b) A, Si2H4+; O, SiC2H7+ + Si2H3+; (c) A, SiC4H11+: G, 
Si2H7+; □, SiCeH15+.

With a few exceptions the rate constants for reaction of 
C2H2+ with SiH4 shown in Table I agree within experimen­
tal error with those determined previously for reactions of 
C2H2+ formed by electron impact on acetylene.5 The few 
exceptions can easily be rationalized by the possibility of 
greatly differing amounts of internal excitation contained 
in ions formed by electron impact on the two different mol­
ecules.

(2) High-Pressure Mass Spectra. The abundances of the 
major ions in a mixture of SiH4 and C2H4 containing 10% 
C2H4 as a function of ion-source pressure are shown in Fig­
ure 2. To fully appreciate the implication of the results 
shown in Figure 2 one must first note the major features of 
such a plot for pure SiH4.6’23

In pure SiH4,6 the abundance of SiH3+ increases with in­
creasing source pressure until at 0.06 Torr it passes through 
a maximum of about 50% of the total ionization. At pres­
sures higher than 0.06 Torr, Si2H7+, which is formed by 
termolecular association of SiH3+ with SiH4, increases in 
abundance and attains a maximum at 0.19 Torr that repre­
sents about 35% of the total ionization. The SiH2+ abun­
dance simply decays to very small values while Si2H4+, 
Si2H3+, and Si2H2+ are the major secondary ions formed in 
bimolecular processes.

As shown in Figure 2 the addition of 10% of C2H4 has a 
large effect on this system. The maximum in SiH3+, which 
is a result of hydride transfer reactions, must lie in this sys­
tem below 0.02 Torr (Figure 2a), a fact that reflects the 
much more rapid reaction of SiH3+ with C2H4, as shown by
(3) and (4) in Table I, as compared with the termolecular 
association with SiH4 that is the sole depletion channel in 
pure SiH4. Consistent with this is the fact that, as shown in 
Figure 2b, m/e 59 comprising SiC2H7+ and Si2H3+ exhibits 
a larger initial slope (bimolecular rate constant) than 
Si2H4+ (m/e 60), whereas in pure SiH4, the ratio of initial 
slopes is ¿59/1 so = 0.41.23 Correction of the initial slope of 
m/e 59 (Figure 2b) for formation of Si2H3+ and use of the 
known rate constant for formation of Si2H4+ leads to a bi-
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ions. An ion of m/e 143, which could be SiC8H i9+, is ob­
served at the higher pressure but this ion never becomes 
the overwelmingly dominant one in its mass group as do 
the former three species; moreover, there are essentially no 
ions of m/e less than 143. We believe, therefore, that the 
ultimate ion products of (4), (30), and (31) are ethylsilicon- 
ium ions formed by the sequence shown below, which may 
proceed via protonated cyclic intermediates

C 2 ^ 4  C 2 H 4  ^ 2 ^ 4
SiH3* ------ * C2H5SiH2+ ------ ► (C2H5)2SiIT ------ ►

(C2H5)3Si* (32)

Such a sequence would be expected to stop at the trieth- 
ylsiliconium ion, since further addition of ethylene would 
destroy the siliconium ion center leading to a less stable 
ionic species. This mechanism receives some additional 
support from the observation that diethylsilane is formed 
via non-free-radical processes in the radiolysis of SiHU- 
C2H4 mixtures.24
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A molecular beam study of energy transfer from highly vibrationally excited (~41 kcal/mol) potassium bro­
mide, KBr1, to the partners CH3NO2, (CHrdzO, C2H5OH, and C3H8 is reported. An energy randomizing 
complex is formed in collisions of KBrt with CH3NO2. Several internal modes of this partner participate in 
energy redistribution, in contrast to the behavior observed with the partners H20 , NH3, and CH3OH. 
(CH3)20 , C2H5OH, and C3H8 all exhibit similar dynamics with KBr1. Velocity spectra obtained for these 
partners show some features reminiscent of two interaction mechanisms explored earlier and cannot be ex­
plained in terms of any single, simple model.

Introduction

A growing interest in collisional energy transfer has mo­
tivated recent studies in which the details of inelastic colli­
sions between uncharged species are probed by molecular 
beam techniques.2-3 A tandem molecular beam method has 
been employed in earlier work in this laboratory to study 
vibration-translation, V-T, energy transfer from highly vi­
brationally excited (~41 kcal/mol) potassium bromide, 
KBrf, in collisions with small polar2® and nonpolar2b part­
ners. Rather different dynamics are responsible for the ob­
served inelastic scattering from these two types of partners. 
Strong long-range attractions, which arise from the interac­
tion of the KBr1 and partner charge asymmetries, cause the 
inelastic scattering with polar partners to proceed through 
an energy randomizing complex. Nonpolar partners, on the 
other hand, have only weak attractive interactions with 
KBr1 and the collisional interaction is primarily short- 
range repulsion. In this paper, we report the results of tan­
dem molecular beam experiments for the energy transfer 
partners nitromethane, propane, dimethyl ether, and etha­
nol.

Nitromethane is an interesting partner because it has 
both a large dipole moment4 (p = 3.5 D) and several low- 
frequency skeletal vibrations.5 Complex formation is very 
likely in the scattering of KBr+ with CH3NO2, and the exis­
tence of low-frequency skeletal vibrations permits investi­
gation of an important aspect of energy redistribution in 
collision complexes. Vibrational modes of the partner mol­
ecules do not participate in energy randomization in com­
plexes formed between KBr1 and NH3, H20 , or CH3OH. 
Apparently the partner vibrations are excluded by the 
large difference between their frequencies and that of KBrt 
(~100 cm-"1 ).2 Because a much smaller frequency gap exists 
between the three low-frequency modes5 in nitromethane 
and the KBrt vibration, it is reasonable to expect some 
partner modes to be involved in energy randomization in a 
(KBrCH3N 0 2)t complex.

Propane, dimethyl ether, and ethanol are the most 
structurally complicated energy transfer partners so far 
studied. Propane is nonpolar, and dimethyl ether and etha­
nol have dipole moments4 of 1.3 and 1.7 D, respectively. 
The molecular weights (MW) of two previously studied 
nonpolar partners,25 Ar (MW = 40) and C 02 (MW = 44), 
are close to those of C3Hg (MW = 44), (CH3)20  (MW = 
46), and C2H5OH (MW = 46). These five partners form an

interesting series because they have nearly equal masses 
but different structures and charge distributions.

The experimental apparatus and procedure are essen­
tially identical with those used for the first experiments 
with nonpolar partners.25 A beam of KBrt, produced by the 
crossed beam reaction of K with Br2,6 enters a scattering 
region where it intersects a beam of collision partner mole­
cules. Scattered potassium bromide is detected using a sur­
face ionization strip mounted behind a slotted disk velocity 
analyzer. Use of a Cary 31 vibrating reed electrometer in­
creases the sensitivity of the detection system over that of 
earlier studies.25 This permits data acquisition at laborato­
ry scattering angles, 9 , up to the physical rotation limits of 
the apparatus (9 = 60°). (Scattered intensities can be ob­
tained only to 9  = 50° for nitromethane because the sur­
face ionization filament is disturbed by CH3NO2 at larger 
angles.)

Nitrom ethane
The dipole moments of KBr+ (—17 D )7 and nitromethane 

are large enough that collision complexes between these 
two species should be formed with large cross section,2® and 
the observed scattering data are analyzed accordingly. 
Decay energetics and angular distributions arising from en­
ergy randomizing complexes are discussed elsewhere,2®-8̂ 11 
and only a few central points are repeated here. The proba­
bility of a final translational energy, E', is

P{E>) = A{E’)N*(E’ -  E>)
where E' is the total energy of the system and 1V+ (E' — E' ) 
is the energy level density of the active vibrations and rota­
tions. In the limit of high total energy and low-frequency 
vibrations, the classical approximation

N \E '  -  E ’) ~  (£ ' -  E ’)n
is valid. A(E') is determined by the force constants (C and 
C ) in the entry and exit channels and the initial relative 
translational energy, E. The force constants are calculated 
using the Keesom-Linder12 approximation for the interac­
tion of two rotating dipoles. The exponent n is

n = s + ( r /2) -  2
where s is the number of active vibrations in the complex, 
including the separation coordinate, and r is the number of 
active rotations. Angular distributions for decay products 
of long-lived complexes are determined by angular momen-

The Journal of Physical Chemistry, Voi. 78, No. 24, 1974



Inelastic Scattering of Vibrationally Excited KBr 2439

Figure 1. Scattered flux density of potassium bromide a s a function 
of velocity at various laboratory angles. The points are experimental 
measurements, and the solid curves are the calculated distributions. 
No adjustments of the relative intensities for the solid curves are 
made; the broken curve is scaled to match the measurement at 9  =  
10°. The KBr? beam is at 9  =  0°, and the CH3N 0 2 beam is at 9  =  
90°.

turn considerations.10 For short complex lifetimes, these 
distributions are modified using a factor11 which is deter­
mined by the ratio, t/ tr, of the mean complex lifetime to 
the rotational period.

The data for KBr+-CH3N 02  are compared with the colli­
sion complex model using a previously developed2®’8 com­
puter program which transforms a calculated center of 
mass, CM, intensity distribution to the laboratory. The 
theory for the decay of energy randomizing collision com­
plexes provides the CM inelastic scattering intensity for 
the transformation. A term to account for the nearly elastic 
small-angle scattering which occurs in collisions that do not 
lead to complex formation is added to that from complex 
decay. The computer program transforms the sum of these 
two terms at a given CM angle and CM velocity to the labo­
ratory, taking into account the velocity distributions in 
each beam. The resulting laboratory intensity is convoluted 
with the transmission function of the velocity analyzer to 
give distributions for comparison with the experimental 
data. Most of the parameters of the model are determined 
uniquely once quantities such as dipole moments and ini­
tial temperatures are known. The two adjustable parame­
ters are n and t/ tr. Shapes of the final velocity distribu­
tions are determined primarily by n and relative intensities 
by t/ tr.

Lin and Rabinovitch13 have called the temporary low- 
frequency modes of a complex which correlate with rota­
tions and vibrations of the separated partners transitional 
modes. The analysis technique described above has been 
used previously to show that only the transitional modes 
and the KBr1 vibration participate in energy randomiza­
tion in complexes formed between KBr1 and H2O, NH3, or 
CH3OH. If only the transitional modes and the KBr1 vibra­
tion are active in a complex of KBr1 with a nonlinear poly­
atomic, n lies in the range 2.5-4.5. The best fits to the ear­
lier experiments with polar partners are obtained for n -

TABLE I: Interaction Param eters
Quantity c h 3o h » h 2o NH î“ c h 3n o 2

Dipole 1.7 1 .8 1.5 3.5
moment,
D

C, 10 -57 erg 1 1 .0 13.0 16.0 34.5
cm6

C", 10-w 0.5 0.6 0.4 2.8
erg cm6

E', kcal/mol 46 46 45 46
E, kcal/mol 1 .0 0.9 0.5 0.8
n 3.5 4.0 3.5 6.0
t/  tr 0 .2- 0 .4 0 .2- 0 .4 0 .2- 0 .4 1.25

“ Reference 2a.

3.5 for CH3OH and NH3 and for n = 4.0 for H2O, consis­
tent with excitation of only the transitional modes.

Potassium bromide velocity distributions for the scatter­
ing of KBr1 by CH3NO2 are shown as points in Figure 1 . 
The area under the distribution at a given angle is propor­
tional to the total scattered flux at that angle, as measured 
in an experiment in which the entire interaction region is 
viewed without velocity analysis. The solid lines in Figure 1 
are laboratory distributions calculated for n = 6  and t/ tr 
= 1.25. There is no angle-to-angle adjustment of the rela­
tive intensities of the calculated distributions. The collision 
complex model produces good agreement not only with ex­
perimental velocity distribution shapes but also with ob­
served relative intensities. Incompletely understood prob­
lems associated with data acquisition at small laboratory 
angles cause the disagreement at 9 = 10°. The broken 
curve is the calculated distribution scaled to have the same 
maximum intensity as the experimental points. Peak loca­
tion in the calculation at 10 ° agrees fairly well with experi­
ment, indicating that much of the discrepancy arises from 
uncertainty in the small angle normalization. For the calcu­
lations on KBr1-CH3N 0 2 , the term for nearly elastic scat­
tering is ~15% smaller than in previous studies,2® but its 
form is unchanged. Nearly elastic scattering is important 
only at the smaller laboratory angles; for larger angles (9 > 
35°), the complex contribution strongly dominates the cal­
culation. Varying n by one produces noticeable changes in 
the shapes of the laboratory velocity distributions, particu­
larly at the larger scattering angles. As in earlier studies,2® 
satisfactory agreement between calculated and experimen­
tal curves is obtained only for n within one of the best fit 
value. The best-fit parameters for the previously studied 
polar partners and for CH3NO2 are listed in Table I. A 
comparison between the calculated laboratory distribu­
tions for n = 3.5 n = 6 is shown for three laboratory angles 
in Figure 2. Even if arbitrary adjustments are made in the 
intensities at each angle, the calculated distributions for 
the smaller n do not agree with experiment. The magni­
tude of n required to fit the data clearly indicates that 
some of the partner modes participate in energy randomi­
zation.

An increase in n from 3.5 to 6 is observed in going from 
CH3OH to CH3NO2 as a collision partner. In the context of 
the energy transfer model, this indicates that roughly three 
internal CH3NO2 modes are active, with perhaps one of 
these participating as an internal rotation. It must be em­
phasized that detailed speculation on the meaning of small 
variations (~%) in n is not warranted by the precision of 
the determination. The three lowest frequency vibrational 
modes in CH3NO2 are associated with motion of the NO2
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KBr Laboratory Velocity (m/sec)

Figure 2. Calculated velocity distributions showing the sensitivity of 
the calculations to the parameters. The solid curves are calculations 
for KBr4-CH3N02 with n = 6 and r / rR = 1.25; the broken curves 
are for n = 3.5 and r / rR = 0.25. Points are the experimental mea­
surements.

group.5 A calculated charge distribution for nitromethane14 
indicates that the two oxygens are very negative and that 
the nitrogen is very positive compared to the rest of the 
molecule; hence, the molecular dipole is essentially located 
on the nitro group. Because electrostatic forces orient the 
dipoles of the collision pair, the motions of the NO2 group 
should be coupled quite effectively to the KBr ' vibration. 
Thus it seems that three modes of CH3NO2 are active be­
cause they have low frequencies (<650 cm-1) and are cou­
pled favorably to the KBr4 vibration by the geometry of the 
complex.

Because the probability of having the necessary energy 
in the appropriate mode for decay (the “reaction coordi­
nate”) decreases with an increasing density of states, par­
ticipation of more modes in energy randomization leads to 
a longer complex lifetime. This feature is reflected in an in­
creased value of the parameter, t/ tr, which affects the 
variation of intensity with CM angle. Relative intensities in 
the laboratory also are influenced by t / t r , and comparison 
of the best fit value of this quantity for KBr4-CH 3N 0 2 
with that for the other systems further supports the con­
clusion that energy is randomized among more modes in 
the present case. The sensitivity of the calculated intensi­
ties to t / t r  is not great enough to allow its precise determi­
nation, but it is possible to conclude that (KBrCH3N02)t 
complexes live substantially longer than those of KBr4 with 
CH3OH, NH 3, or H2O. For KBr4-CH3N 02 , the value t / t r  

= 1.25 gives good agreement between the calculated and 
experimental intensities; for the other systems, t / t r  falls in 
the range 0.2-0.4. The broken curves in Figure 2 are calcu­
lated distributions for the KBr+-CH3N02  system using 
t / t r  = 0.25 and n = 3.5. The relative intensities decrease 
too rapidly with angle to agree with the measured distribu­
tions, indicating that the short lifetimes appropriate for the

Figure 3. Laboratory velocity distributions of scattered potassium 
bromide for the systems KBr4-C 2H5OH, KBrt-(CH3)20, and KBr4-  
C3He. Points are experimental data, solid lines are smoothed data 
used for computer analysis, and broken lines are calculations using 
the computer generated CM cross sections. The direction of the 
KBr4 beam is at a laboratory angle of 0  = 0°; the partner beam is 
at 0 = 90°.

partners CH3OH, NH3, and H2O are not applicable to the 
interaction of KBr4 with CH3NO2.

Evidence for redistribution of energy among less than all 
the vibrational modes in a complex has been obtained for 
nonreactive decay in this laboratory23 and for reactive 
decay in several other studies.15 Shobatake, Lee, and Rice15 
have emphasized the subtleties involved in inferring from 
the comparison of a calculated distribution with experi­
ment that incomplete randomization of energy is occurring. 
They point out that features of the potential energy surface 
which are not well enough known to be included in theory 
can lead to erroneous conclusions. It is clear, however, that 
incomplete randomization of energy is an experimental fact 
which needs to be more completely understood. A nice fea­
ture of comparing changes in parameters rather than abso­
lute magnitudes is that possible uncertainties in the theory 
are often less important. The reason for studying CH3NO2 
as a partner was to explore the proposal23 that internal 
modes might be active if a large frequency gap did not exist 
between them and the transitional modes. As such a test, 
the experiment and analysis reported here are unambig­
uous; some internal modes of CH3N0 2 must be assumed 
active for the calculation to agree with the data.

Propane, Dimethyl Ether, and Ethanol
Data obtained using the partners C3H8, (CH3)20 , and 

C2H5OH are shown in Figure 3. The points are measured 
flux densities of scattered potassium bromide as a function 
of velocity at the indicated laboratory angles. Solid lines 
are the smoothed data used as input to a numerical analy­
sis routine which generates CM intensities by performing a 
least-squares fit to the laboratory data. This analysis rou­
tine is a modified version8 of one developed by Riley and 
Siska16 and has been used to aid interpretation of previous 
tandem molecular beam experiments.2 Broken curves in 
Figure 3 are distributions obtained by transforming the 
calculated CM intensity to the laboratory. The agreement 
between the calculated and smoothed experimental distri­
butions for C2H5OH, (CH3)20 , and C3HS is comparable to 
that obtained in earlier studies.2b Figure 4 shows the com-
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uKBr (m /se c ;

Figure 4. Computer generated CM flux density as a function of final 
CM velocity at several CM scattering argles for the KBrt-(CH3)20  
system. The final relative translational energy of the collision pair is 
shown on the upper axis.
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Figure 5. Characteristic energy transfer, AE, as a function of CM 
angle for the scattering of KBrf by the partners Ar, C02, C3H8, 
(CH3)20, and C2H5OH. The results for the partners Ar and C02 are 
from earlier experiments (ref 2b) in which the angular range of the 
data is smaller than that for the experiments reported here.

puter generated CM intensity as a function of potassium 
bromide final CM velocity, urbi-, at several CM angles for 
the scattering of KBrt by (CH3)20 .17 The CM intensity dis­
tributions for the other two systems are very similar to 
those shown for KBrt-(CH3)20 . The shapes of the CM in­
tensity distributions at the smaller laboratory angles are 
suggestive of the earlier results for nonpolar partners.2b 
Nearly elastic collisions, in which very little energy is trans­
ferred from the vibration of KBr+ to relative translation of 
the collision pair, cause the low velocity peak. Strongly in­
elastic collisions, in which a large amount of vibration- 
translation, V-T, energy transfer occurs, produce the high 
velocity peak. At a fixed CM scattering angle, 6 , a useful 
measure of the extent of V-T energy transfer is the differ-

40 50 60 70 80 90 100 110
cm. S cattering A ngle, 9 (degrees)

•ence between the relative translational energy correspond­
ing to the maximum intensity in the high velocity region 
and the initial relative translational energy. This quantity 
is designated AE. Initial relative translational energies are 
determined from the most probable velocities in the beams. 
A low velocity contribution, whose shape and location are 
determined from the well-separated peaks at 8 ~  50°, is 
subtracted from the overall CM distribution at larger CM 
angles to locate the inelastic peak. Figure 5 summarizes the 
AE’s determined for the present partners as well as those 
for Ar and C02-2b

Energy transfers for the partners C 02, (CH3)20 , 
C2H5OH, and C3Hs are strikingly similar and very different 
from those for the partner Ar. The marked difference in 
the AE’s for KBr+-Ar and KBrt-C 0 2 has been attributed 
to the presence of internal degrees of freedom in C 02 which 
are absent in Ar.2b Vibration-vibration, V-V, energy trans­
fer efficiently competes with V-T processes and, thus, re­
duces the final relative translational energy of KBrf-C 0 2 
compared to KBrf-Ar. The comparison shown in Figure 5 
indicates that V-V transfer is also important in collisions 
of KBrt with C3H8, (CH3)20 , and C2H5OH. The similarity 
between C 02 and C3Hg as scattering partners is not sur­
prising. They are both nonpolar and have several compara­
ble vibrational frequencies.

Dimethyl ether and ethanol have dipole moments which 
are similar to those of the previously studied polar part­
ners.2® Because collision complex formation dominates the 
inelastic scattering of KBrt by NH3, H20 , or CH3OH, it 
seemed plausible that complexes should be important in 
the dynamics of the KBrt-(CH3)20  and KBrt-C2H50H 
systems. The computer program mentioned in the discus­
sion of CH3N 0 2 was used to generate laboratory distribu­
tions based on the decay of an energy randomizing com­
plex. Satisfactory agreement between the calculated and 
experimental maxima is obtained for n = 8  and r/rR = 0.2 , 
but the calculated and experimental shapes disagree sharp­
ly in the high velocity region. Also, this combination of pa­
rameters is physically unrealistic because RRKM theory 
predicts that a (KBr(CH3)20 )t or (KBrC2H5OH)t complex 
with n = 8 should live a rotational period or longer. Rea­
sons that calculations based on an energy randomizing col­
lision complex model fail to reproduce the observed labora­
tory data can be seen by examining Figure 4. For small 
values of 6 , the CM distributions, as already remarked, 
have two peaks, and neither the high nor the low velocity 
portions can be fit using the collision complex model. At 
large CM angles, the intensity distributions for the three 
partners (CH3)20 , C2H5OH, and C3H8 have only a single 
peak. These distributions are qualitatively similar to those 
of the decay products of an energy randomizing complex. 
However, a quantitative comparison reveals that the distri­
butions obtained for all three partners are broader and 
have more intensity in the high velocity region than the 
distributions arising from complex decay. The calculated 
CM distributions, even for large 8 , cannot be reproduced 
using the simple collision complex model for any value of n.

It may be that, in some cases, more than one energy 
transfer mechanism must be invoked to explain the deexci­
tation of KBrt by a given polyatomic molecule. For in­
stance, dimethyl ether or ethanol may fail to form com­
plexes with KBrt in SOme collisions because the interaction 
potential is unfavorable for many relative orientations of 
the salt and partner molecules. For many directions of ap­
proach, the charge distribution asymmetry encountered by 
KBrf is t00 small to produce a strong attraction between
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the colliding pair,18 and the resulting scattering may be 
dominated by repulsive forces. On the other hand, the 
striking similarities between the AE’s observed for chemi­
cally quite different polyatomic molecules suggest that 
some simple model might account for the dynamics in 
many systems. Models based on the notion of constrained 
thermal accommodation13 may be useful ones to investi­
gate further but the particular version discussed here and 
in ref 2a is unable to explain the behavior of any of the sys­
tems summarized in Figure 5.
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The effect of nitric oxide upon the photolyses as well as phosphorescence spectra of alkyl ketones adsorbed 
on porous Vycor glass has been investigated. Comparison of the phosphorescence intensities suggests that 
the excited states of methyl ethyl ketone deactivate more efficiently than those of 2-pentanone. Quenching 
experiments for 2-pentanone show that 44% of the ethylene formation occurs from the singlet excited 
states. The lifetime of the triplet excited states as well as of the radicals formed on the surface have been 
discussed by using the Stern-Volmer relationship. In the adsorbed layer, the lifetime of the propyl radical 
formed in the primary process is longer than that of the ethyl radical.

Introduction
It would be expected that the features of the photochem­

ical reaction in the ad orbed layer are quite different from 
those of the corresponding reaction in the gas phase. Espe­
cially, it is of interest to investigate how the reactivity of 
the excited states and of the radicals themselves vary, when 
they are formed on the surface, from the standpoints of the 
energy transfer between the solid and the adsorbed species 
as well as the mechanism of the surface reactions.

Since the classical work of de Boer,1 the photochemistry 
and electronic spectra of adsorbed molecules have been in­
vestigated by a number of workers.2’3 However, there is rel­
atively little work along this line. Consequently, the inves­
tigation of the photochemistry of alkyl ketones adsorbed on

porous Vycor glass has been undertaken. Some of the re­
sults have already been described by one of the present au­
thors.4 However, the nature of the excited state in the ad­
sorbed layer is unclear. For photolyses in the gas phase and 
solution, information on the nature and reactivity of the 
excited states has been obtained from studies of the effect 
of addition of a quencher such as nitric oxide. It seems 
promising to extend the quenching technique to photolysis 
in the adsorbed layer. In the present work, therefore, pho­
tolyses of alkyl ketones adsorbed on porous Vycor glass 
have been carried out in the presence of gaseous nitric 
oxide. Furthermore, the phosphorescence spectra of the 
alkyl ketones adsorbed have been investigated for direct 
measurements of the excited states.
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E xp erim en ta l S ection
Materials, (a) 2-Pentanone (Tokyo Kasei Kogyo Co., 

grade, 96 mol %, bp 101°) was purified by means of prepa­
ratory chromatography and then vacuum distilled bulb- 
to-bulb. Analysis by vapor-phase chromatography 
equipped with flame ionization detection showed one im­
purity (less than 0.5%) which eluted after 2-pentanone on a 
polyethylene glycol 1500 column.

(b) Methyl ethyl ketone (Nakarai Chemical Co. grade,
99.9 mol %, bp 79°) was repurified by low-temperature dis­
tillation. The ketones were stored in the dark at room tem­
perature.

(c) Nitric oxide (Takachiho Kogyo Co.) was of extra pure 
grade and used without further purification. Commercial 
tank oxygen was purified by low-temperature distillation.

(d) Porous Vycor glass (Corning No. 7930) was cut in the 
form of 2.5 X 2.6 cm from a 1 mm thick sheet and used as 
adsorbent. Prior to the experiments, the specimen was 
heated in oxygen at 600° for 7 hr in order to remove carbo­
naceous materials. On such treatment the color of the po­
rous Vycor glass specimen changed from yellow-brown to 
blue-white. Its BET surface area6 determined by nitrogen 
adsorption was 160 m2/g.

Apparatus and Procedure. The quartz cell used in the 
present study was about 30 cm long and 3.0 cm in diameter 
with a total volume of about 300 ml. The specimen could be 
moved vertically between the window section at room tem­
perature and the furnace section, so that its temperature 
could be changed from room temperature to 800°. A con­
ventional vacuum system was used. A ketone sample was 
allowed to be adsorbed at room temperature on the glass 
specimen which had been evacuated at 500° for 7 hr. For 
the samples used, the amount of ketone remaining in the 
gas phase was negligibly small after adsorption for several 
hours. Subsequently, nitric oxide was introduced into the 
cell, its partial pressure being adjusted in the range of 
0.01-10 Torr. Then, photolysis was carried out using a 
Toshiba SHL-100 ultra-high-pressure mercury lamp with­
out filter for 15-60 min. When the photolysis was com­
pleted, the specimen was moved up from the window sec­
tion to the furnace section. The reaction products together 
with unreacted ketone were desorbed by means of a Toe- 
pier pump and cold traps, increasing the temperature of 
the specimen to 100°. The products were separated by low- 
temperature distillation using cold traps and a gas-buret 
collector. The noncondensable gases such as CO and CH4 
were collected from a trap at —215° and the C2H4, C3H8, 
C3H6, and C2H6 fraction at -130°. Analysis was made by 
vapor-phase chromatography using a 3-m column of Pora- 
pak Q for light hydrocarbons and a 2-m column of molecu­
lar sieve 5A for the noncondensable gases.

Phosphorescence measurements of the adsorbed ketones 
were carried out with an Aminco-Bowman spectrophotoflu- 
orimeter equipped with a rotating motor sector assembly. 
Powdered porous Vycor glass was used as the adsorbent, 
since a quartz cylindrical cell, 4 mm in diameter, was used. 
The emission spectra were obtained at liquid nitrogen tem­
perature using exciting light of 313 nm. Under such condi­
tions, it was confirmed that no luminescence was detecta­
ble from porous Vycor glass.

Results
( 1  ) Photolyses in the Adsorbed Layer. Results of photo- 

lyses of acetone, methyl ethyl ketone, and 2-pentanone ad­
sorbed on porous Vycor glass are shown in Table I. It is

TABLE I: Photolysis o f the Alkyl K etones 
Adsorbed at 25°

Amount
ad-

Compound

sorbed
ml

(STP) /  
g

Yield of main products, 
ml/hr X 10 ~5

Acetone“ 1.06 CH4 (12.0), C2H6 (8.0)
Methyl ethyl6 

ketone
0.89 CH4 (30.0), C2H6 (930.0)

2-Pentanone0 0.74 CH4 (50.0), C2H4 (3200.0) 
C3H8 (2400.0)

“ CO was a minor product. 6 CO, C2H 4, and C4H l0 were 
minor products.c CO, C 3H 6, and C6Hh were minor products. 
C H 3COCH 3 was another main product, its amount being 
not determined.

well known6’7 that alkyl ketones with a 7 -hydrogen atom, 
such as 2-pentanone, undergo Norrish type I processes 
(dissociation into radicals) as well as Norrish type II pro­
cesses (intramolecular elimination). In the gas-phase pho­
tolysis of 2 -pentanone at room temperature, the amount of 
products derived from the type I process (CH3COC3H7 + 
hr —>■ CH3CO + C3H7) is less than 5% of that from the type 
II process (CH3COC3H7 + hv — C2H4 +  CH3COCH3) ac­
cording to the work of Ausloos, et al.8 As seen in Table I, 
the rate of C3Hs formation is more than 70% that of C2H4 
formation. Such an enhancement of the occurrence of the 
type I process may be ascribed to the presence of surface 
OH groups; its details will be described in a forthcoming 
paper.

It is to be noted that negligible formation of CO occurs. 
Although the true nature of such a phenomenon is unclear 
at present, it is likely that acetyl radicals formed in the pri­
mary process are bound to the surface, rearranging to a sta­
ble surface complex. From the results of Table I the photo­
chemical reaction efficiencies of the three ketones can be 
compared: acetone, 0.01 (CH4); methyl ethyl ketone, 1.0 
(C2H6); 2-pentanone, 10.0 (C2H4 + C3H3). A marked differ­
ence can be seen in the efficiencies, in contrast with essen­
tially the same efficiency observed for the gas-phase pho­
tolysis6’9 of these compounds.

Results of photolyses of the ketones in the presence of 
nitric oxide are shown in Figures 1 and 2. In the photolysis 
of 2-pentanone, the rate of ethylene formation (type II pro­
cess) is decreased by increasing the nitric oxide pressure, 
leveling off to a constant value. Considering that nitric 
oxide is an efficient triplet quencher and there is a marked 
difference in its reactivity toward the excited singlet and 
triplet states, the amount of nonquenchable reaction (44%) 
may be attributed to reaction from the excited singlet 
state, with the remainder of the reaction (56%) occurring 
from the triplet state. The gas-phase photolysis of 2-penta­
none in the presence of oxygen has been investigated by 
Ausloos, et al. , 1 0  who observed that the nonquenchable 
fraction of the C2H4 formation was 43%, attributing it to 
reaction from the excited singlet state. Thus, there is little 
or no difference in the amount of nonquenchable type II 
process between the photolyses of 2-pentanone in the gas 
phase and in the adsorbed layer.

Figures 1 and 2 show that the rates of formation of C3H8 
as well as of C2H6 are decreased markedly with increasing 
nitric oxide pressure, finally approaching zero around 0.3 
Torr for C3Hs and 1.0 Torr for C2H6, as expected from the
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Initial NO pressure (torr)

Figure 1. Effect of nitric oxide upon the rate of 2-pentanone photoly­
sis at 25°. The amount of 2-pentanone adsorbed was 3.29 X 10~5 
mol/g. During the photolysis nitric oxide was somewhat consumed; it 
was confirmed, however, that the resulting pressure decrease did 
not affect the value of the constants A and 6 in the Stern-Volmer 
equation.

Pressure ( torr)

Figure 3. Stern-Volmer plot for quenching of phosphorescence of 
2-pentanone adsorbed on porous Vycor glass with nitric oxide or 
oxygen present at 77°K: excitation wavelength, 313 nm; O, oxygen; 
O, nitric oxide.

Initial NO pressure (torr)

Figure 2. Effect of nitric oxide upon the rate of methyl ethyl ketone 
photolysis at 25°. The amount of methyl ethyl ketone adsorbed was 
3.99 X 1CT6 mol/g.

action of nitric oxide as a radical scavenger. It should be 
noted that, in addition to such scavenging action, the de­
crease in the rate of formation shown in Figures 1 and 2 is 
caused by quenching of the excited triplet states with nitric 
oxide.

(2) Phosphorescence Spectra in the Adsorbed Layer. 
The intensity of the phosphorescence spectra of adsorbed 
2-pentanone was about 20 times larger than that of ad­
sorbed methyl ethyl ketone. The phosphorescence of ad­
sorbed acetone was very weak and undetectable. Such be­
havior is in contrast with the results obtained by O’Sulli­
van and Testa,11 whc observed much less difference in the 
intensities of the phosphorescence spectra of a series of 
alkyl ketones in EPA glass. Apart from the intensity, the 
shapes of the phosphorescence spectra in the adsorbed 
layer are similar to those observed for the spectra in EPA 
glass, except that the former exhibits a blue shift.

The effect of addition of nitric oxide as well as oxygen on 
the phosphorescence intensity was investigated. Figure 3 
shows plots of Qo/Q vs. nitric oxide or oxygen pressure, 
where Q and Qo are the phosphorescence intensity of 2- 
pentanone in the presence and absence of nitric oxide or 
oxygen. It is seen that nitric oxide quenches about three 
times more efficiently than oxygen.

Discussion
(1) Phosphorescence Intensity and Photochemical 

Reaction Efficiency. The photolyses of the adsorbed ke-

Scheme I
A +  hv — -  Aj*

* *> A0 +  heat (1 )

V  — products (s)

*4
*1* — A0 +  hv' (4)

^isc
Ai* —  A3* (isc)

fe5
An* — >  a 3 A0 +  heat (5)

fet
An* -----i► products (t)

fe8
A * ----a 3 -  A„ +  hv" ( 8)

tones may be represented by Scheme I. Using the steady- 
state approximation in the excited states

_____L____________ \ ( ______ feisc
+ k s + k A + k iac )  \  fc5 + k t  +  k g

where [T] is the concentration of the triplet molecules, and 
/  is the intensity of the light absorbed by molecule A. Using 
the intersystem crossing efficiency, <i>isc = k\sc/(ki + k s + 
^4 "t k ¡Sc)

[T] =  [ k e [ A ] / ( k s + k t + fe8)]d»isc (ii)

where [A] is the amount adsorbed and « is the extinction 
coefficient. As will be described in part II of this series, in 
the adsorbed layer the molar extinction coefficient e for 2- 
pentanone is four times larger than that of methyl ethyl ke­
tone. Considering that the value of 4>isc is 0.9 ± 0 .1  for ace­
tone12 and 0.64 for 2-pentanone,13 it appears that there is 
no marked difference between the <i>;sc values for methyl 
ethyl ketone and for 2-pentanone. By assuming the same 
'Use value for both ketones the denominator of eq II for 
methyl ethyl ketone is five times larger than that for 2 -pen­
tanone, since the phosphorescence intensity of 2-pentanone
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is 20 times higher than that of methyl ethyl ketone as de­
scribed above. Such a difference in the denominator of eq 
II may be attributed to the difference in value of k 5, since 
neither k tu  nor ks11 for methyl ethyl ketone are expected 
to be larger than that for 2-pentanone. It is concluded, 
therefore, that the k 5 value for methyl ethyl ketone will be 
at least five times larger than that for 2-pentanone. Consid­
ering that the blue shift for methyl ethyl ketone is greater,
i.e., more strongly hydrogen bonded to the surface OH 
groups, than that for 2-pentanone, the stronger the adsorp­
tion, the more efficient radiationless deactivation (ks) is 
and the smaller the resulting extinction coefficient be­
comes. In fact, with acetone, where the blue shift is the 
greatest, the smallest « and the largest values are ob­
served. This conclusion is based upon the phosphorescence 
measurements at 77°K. A similar trend, however, is expect­
ed for the photolysis at room temperature.15 In fact, the ef­
ficiency of the photochemical reaction in the adsorbed 
layer decreases in the order 2 -pentanone > methyl ethyl 
ketone > acetone in agreement with the above conclusion.

Although in the present work it seems unfeasible to com­
pare the extinction coefficients of these ketones as well as 
their quantum yields of photolysis between the adsorbed 
layer and the gas phase, a decrease in the extinction coeffi­
cient on adsorption has been reported by a number of 
workers.16' 18 The following tentative conclusion may 
therefore be allowed. The photochemical reaction efficien­
cies of ketones are decreased on adsorption owing to the in­
crease in their efficiency of radiationless deactivation and 
also to the decrease in their extinction coefficients.

(2) Effect of Added Nitric Oxide upon Photolyses. The 
photolysis of 2-pentanone in the presence of nitric oxide is 
described as follows. In Scheme I, reaction s is replaced by

At* C3H7 (ads) + COCH3 (ads) (2)

At* C2H4 + CH3 COCH3 (3)

and reaction t by
*6A3 * — v C3H7 (ads) + COCHg (ads) (6)

ki
A3 * —► C2H4 + CH3 COCH3 (7)

The following reactions are included

A3* + NO — - Ac -  NO (9)

k
C3H7 (ads) + [H] C3H8 (10)

• ^11C3H7 (ads) + NO — * C3H7NO —► stabilized (11)

C3H7 (ads) + COCHg (ads) ^  A„ (12)

In reaction 10, [H] represents a hydrogen donor on the sur­
face. In this reaction scheme a cleavage of 2-pentanone 
from the excited singlet states (reaction 2) may be neglect­
ed, since the striking difference in the reactivity of the ex­
cited singlet and triplet states toward a cleavage of alkyl 
ketones has been emphasized by a number of workers.19“22 
Thus, the following Stern-Volmer equation is obtained for 
the formation of C3H8 from 2-pentanone, using the steady- 
state treatment.

q0/ q =  (1 + A[NO])(l + B[NO]) (III) 

where A = kg/(ks + ke + kq + ks), B = &n/([H]&io +

Initial NO pressure (forr)

Figure 4. Stern-Volmer plot for products quenched in methyl ethyl 
ketone and 2-pentanone photolysis in the adsorbed layer at 25°: O, 
ethane (methyl ethyl ketone); O, propane (2-pentanone); • ,  ethylene 
(2-pentanone).

[COCH3]feI2). Q and Qo are the rate of C3H8 formation in 
the presence and absence of nitric oxide. The plot of Qo/Q 
vs. nitric oxide pressure is shown in Figure 4. The con­
stants A and B are determined such that best fit to the ex­
perimental curve is obtained: A = 3.6 X 105 M ~l, B = 4.9 
X 106 M - 1 .23

As described above, in the photolysis of 2-pentanone 
C2H4 is formed from the singlet as well as the triplet states. 
The following equation holds for C2H4 formation from the 
triplet state, which is determined by subtracting the non- 
quenchable amount of C2H4 formed with nitric oxide pres­
ent from the total amount of C2H4 formed without nitric 
oxide present.

t = (1 + feflfNOT
5̂ + ^6 + ^7 + k. -)  =  (1 + A [NO] ) (IV)

Q and Q 0 are the rates of C2H4 formation from the triplet 
state in the presence and absence of nitric oxide, respec­
tively. From the slope of the Stern-Volmer plot (Figure 4) 
the value of A is 4.26 X 105 M ~l, in agreement with that 
obtained from eq III. This suggests the reliability of A and 
B values determined as described above, i.e., the plausibil­
ity of the assumption that formation of C3H8 from the ex­
cited singlet state may be neglected. From the Stern-Vol­
mer plot of the phosphorescence quenching by nitric oxide 
the value of A is 8.5 X 1C4 M -1, being somewhat smaller 
than that obtained from eq III or IV. Such a discrepancy 
may be attributed to the difference in the measurement 
temperature.24

For the formation of C2H6 in the photolysis of methyl 
ethyl ketone, a Stern-Volmer equation similar to eq HI is 
obtained. The corresponding constants for methyl ethyl ke­
tone are determined in a similar manner with the following 
results: A' = 9.5 X 104 M~1, B' = 2.4 X 105 M “ 1 .23 It is 
seen that the value of A for 2-pentanone is four times larg­
er than that for methyl ethyl ketone. It should be noted 
that there is a similar difference between the lifetimes of 
the excited triplet states of both ketones determined from 
the phosphorescence measurements described above.

Comparison of the values of B for both ketones shows 
that the value of 2-pentanone is 20 times larger than that of 
methyl ethyl ktone. Although it is expected that in the ad­
sorbed layer the reactivity of the radicals is different from
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that in the gas phase,25 it seems very difficult to attribute 
such a large difference in B only to the difference in k 1 1 . In 
other words, ([H]&io + [COCH3]/212) for 2-pentanone 
should be smaller than that for methyl ethyl ketone. It may 
therefore be concluded that in the adsorbed layer the life­
time of the n- propyl radical is longer than that of the ethyl 
radical. With respect to the nature of such a difference in 
the lifetime, it is at present impossible to decide between 
the two possibilities; recombination ([COCH3]&13) and hy­
drogen abstraction ([H]fe 10) of the radicals.
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In the photolyses of acetone-methyl ethyl ketone and acetone-2-pentanone mixtures adsorbed on porous 
Vycor glass, the presence of acetone enhanced the rate of photolysis of methyl ethyl ketone as well as that 
of 2-pentanone. For a methyl ethyl ketone-2-pentanone mixture the rate of photolysis of 2-pentanone was 
increased by added methyl ethyl ketone, while the photolysis rate of methyl ethyl ketone was decreased by 
added 2-pentanone. Such behavior suggests that intermolecular energy transfer occurs in the adsorbed 
layer, its direction being acetone —- methyl ethyl ketone —* 2-pentanone. The occurrence of this energy 
transfer was correlated with the lowering of the ground state of ketones owing to hydrogen bond formation 
with surface OH groups.

In tro d u c tio n

The intermolecular energy transfer process in gas phase 
and solution has been studied extensively in the recent 
years. 1-3 However, there seems no report on such en­
ergy transfer in- the adsorbed layer. It would be expected 
that the investigation of energy transfer in the adsorbed 
layer will give useful information on the energy levels of the 
excited and ground states of molecules on a solid surface. 
Such information appears to be important for under­
standing photochemistry in the adsorbed layer.

During the study of the photolysis of alkyl ketones ad­

sorbed on porous Vycor glass,4-5 a phenomenon has been 
found which suggests the occurrence of intermolecular en­
ergy transfer. The results are described in the present 
work.

E x p e r im e n ta l S ec tio n

Details of the materials, apparatus, and procedures used 
in the present work have been described in part I of this se­
ries. The absorption spectra of adsorbed ketones were de­
termined with a Hitachi EPS 3T type spectrophotometer, 
measuring transmission through the sample. A quartz cell
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Figure 1. Photolysis of 2-pentanone-acetone and methyl ethyl ke­
tone-acetone mixtures. Q and Q0 are the rate of photolysis at 25° 
in the presence and absence of acetone, respectively. These ke­
tones were adsorbed at 25° for several hours. The amount ad­
sorbed was kept constant at 2.47 X  10-5  mol for 2-pentanone and 
at 3.02 X  10-5  mol for methyl ethyl ketone.

Methyl ethyl ketone (x io '5 moie) 

0  2 4 6 8 IO I2 I4 16

Figure 2. Photolysis of 2-pentanone-methyl ethyl ketone mixtures: 
rate increase of 2-pentanone photolysis by added methyl ethyl 

ketone; O, rate decrease of methyl ethyl ketone photolysis by added 
2-pentanone. The amount adsorbed was kept constant at 3.02 X  
10~ 5 mol for methyl ethyl ketone and at 2.29 X  10~ 4 mol for 2-pen- 
tanone.

having two planar windows 10 mm apart was used. The cell 
was placed just before the photomultiplier in order to mini­
mize scattering error. Another porous Vycor glass sample 
was pretreated under the same conditions in a separate cell 
and used as a blank in the reference beam.

R esu lts

(1 ) Photolysis of Acetone-Methyl Ethyl Ketone and Ac- 
etone-2-Pentanone Mixtures. As described in part I of this 
series, the main gaseous products of the photolysis of alkyl 
ketones in the adsorbed layer are CH4 and C2H6 for ace­
tone, C2H6 for methyl ethyl ketone, and C3H8, C2H4, and 
CH3COCH3 for 2-pentanone. It is to be noted that 2-penta­
none undergoes a Norrish type I as well as a type II pro­
cess.6’7 The relative quantum yields obtained from the gas­
eous products are 0.01 (CH4) for acetone, 1.0 (C2He) for 
methyl ethyl ketone, and 10.0 (C2H4 + C3H8) for 2-penta­
none. This indicates that in the photolysis of mixtures con­
taining acetone the products from acetone are negligible, 
leading to the conclusion that it is impossible to determine

TABLE I:  Effect o f Hydrogen Bond upon the n.-*■* 
T ransition (nm ) o f the Alkyl K etones at 250

Methyl ethyl 2-
Compounds Acetone ketone Pentanone
Gas phase 
Heptane“ 
Methanol“ 
Vycor glass

0 Reference 9.

276.5 278.0
276.7 277.5
270.0 272.0
262.0 270.0

279.0
279.0 
273.5 
273 10

nm

Figure 3. Increase in the phosphorescence intensity of 2-pentanone 
by added acetone: excitation wavelength, 313 nm. The amounts of 
2-pentanone and acetone adsorbed are 3.29 X  10~ 5 and 1.29 X
10~5 mol/g, respectively: (........ ) pure 2-pentanone; (•— ) 2-penta-
none-acetone mixture.

how the rate of photolysis of acetone changes in the mix­
ture.

The changes in the rate of photolysis of methyl ethyl ke­
tone as well as of 2-pentanone caused by added acetone are 
shown in Figure 1. The rates are increased with increasing 
amount of acetone added, the increase being larger in the 
case of the acetone-2-pentanone mixture. Essentially the 
same results were obtained for the case where the order of 
adsorption of the ketones was reversed. This suggests that 
adsorption equilibrium is established after adsorption for 
several hours.

(2) Photolysis of 2-Pentanone-Methyl Ethyl Ketone 
Mixtures. In this case, the effect of added methyl ethyl ke­
tone upon the rate of photolysis of 2-pentanone was inves­
tigated by a series of experiments using a constant amount 
of 2-pentanone and varying amounts of methyl ethyl ke­
tone adsorbed, since the rate of photolysis of 2-pentanone 
was dependent upon its amount adsorbed. The results are 
shown in Figure 2. The effect of added 2-pentanone upon 
the rate of photolysis of methyl ethyl ketone was investi­
gated in a similar manner. As shown in Figure 2 , the rate of 
photolysis of methyl ethyl ketone is decreased with increas­
ing amount of 2-pentanone, while that of 2-pentanone is in­
creased with increasing amount of methyl ethyl ketone. 
The extent of the increase is much smaller than that of the 
decrease.

(3) Phosphorescence Spectra of Acetone-2-Pentanone 
Mixtures. Phosphorescence spectra of 2-pentanone as well 
as of a 2-pentanone-acetone mixture are shown in Figure 3. 
It is seen that the phosphorescence intensity for the mix­
ture is higher than that for pure 2-pentanone. The phos­
phorescence of acetone was very weak and not detectable. 
This suggests that such an increase in the phosphorescence 
intensity may be attributed to an increase in the intensity 
of 2-pentanone phosphorescence.
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(4) Absorption Spectra in the Adsorbed Layer. Acetone, 
methyl ethyl ketone, and 2-pentanone adsorbed on porous 
Vycor glass absorb light at shorter wavelengths than the 
corresponding compound in the gas phase. The wave­
lengths of maximum absorption are shown in Table I. A 
marked blue shift is observed with acetone, its magnitude 
being similar to that found for the acetone-Silica Gel sys­
tem investigated by Leermakers and Thomas.8 Blue shifts 
of the (n, ir*) bands are observed with ketones in polar sol­
vents, being attributed to hydrogen bond formation with 
solvents.9’10 From a study of ir spectra, Low, et a i , 11 have 
concluded that the adsorption force in the ketone-porous 
Vycor glass system is mainly attributable to hydrogen 
bonding between the surface OH groups and the C = 0  
groups of the ketones.

It appears that the strength of hydrogen bonding is de­
termined by the acidity of the OH groups and the basicity 
of the solvents.8’9 The blue shifts observed with porous 
Vycor glass are greater than those obtained with solvents 
(Table I), suggesting a strong proton-donating power of the 
surface OH groups. As shown in Table I, the blue shift ob­
served with the adsorbed ketones decreases in the order ac­
etone > methyl ethyl ketone > 2-pentanone. Such a trend 
can be explained in terms of the concept that an increase in 
the electron-withdrawing power of the alkyl groups in the 
ketones increases its ability to accept the hydrogen bond as 
has been suggested by Balasubramanian and Rao.10

The spectra of the adsorbed ketones increased in intensi­
ty proportional to the amounts adsorbed without changes 
in relative intensity for the bands from 240 to 320 nm. In 
Figure 4, the absorbance at the wavelength of maximum 
absorption for the ketones is plotted against the amount 
adsorbed, a linear relationship being obtained in the range 
of amount adsorbed from 1.60 X 10-6 to 3.20 X 10-4 mol/g. 
It is seen that there is a marked difference in the relative 
extinction coefficients, the order being 2-pentanone > 
methyl ethyl ketone > acetone. Although the true nature of 
such a difference is unclear at present, a marked reduction 
in the extinction coefficient on adsorption has been already 
reported by a number of workers.12-14

Discussion
The results concerning the photolyses and phosphores­

cence spectra in the adsorbed layer described above suggest 
the possibility that an intermolecular energy transfer pro­
cess takes place in the adsorbed layer, i.e., excitation ener­
gy absorbed by an acetone molecule is transferred to a 2- 
pentanone molecule to give an excited state, the direction 
of energy transfer being acetone —1- methyl ethyl ketone —► 
2-pentanone.

The situation in the adsorbed layer is similar to that in 
solution.15 The donor-acceptor pair is held in a fixed posi­
tion for a relatively long time (“cage effect”), more efficient 
energy transfer being expected to occur compared to that 
in the gas phase. It is well known that the efficiency of the 
energy transfer process is closely associated with the exo- 
thermicity of the transfer process. From the similarities be­
tween the adsorbed layer and solution, the blue shifts ob­
served for the ketones adsorbed on porous Vycor glass may 
be ascribed to the lowering of the ground states rather than 
of the excited states.10’16-18 From the results shown in 
Table I it is concluded that in the adsorbed layer the 
ground state is lowered by 5.5 kcal/mol for acetone, by 3.0 
kcal/mol for methyl ethyl ketone, and by 2.0 kcal/mol for 
2-pentanone compared to that in the gas phase, although

Figure 4. Relationship between absorbance and amounts adsorbed 
of the alkyl ketones at wavelength of maximum absorption. Porous 
Vycor glass used in these experiments was about 0.6 g: • ,  acetone; 
O, methyl ethyl ketone; O, 2-pentanone.

the excited state levels are almost the same throughout the 
three ketones.

Such considerations are applicable to the singlet excited 
states. In the present system the most probable energy 
transfer process appears to be triplet-triplet transfer. Al­
though no information is available on the excited triplet 
state in the adsorbed layer, a similar lowering of the ground 
state is expected for the transition between the singlet and 
triplet state.19,20 This suggests that the energy difference 
between the excited triplet and the ground state is larger 
than in the gas phase, the difference being the largest for 
acetone and the smallest for 2-pentanone. On such a basis 
it appears to be understood that the intermolecular energy 
transfer in the present system occurs in the direction ace­
tone -*■ methyl ethyl ketone —*• 2-pentanone.21

In order to discuss the energy transfer process quantita­
tively, the following mechanism is proposed

D + hv — *- D*

*1
D* —*- D + heat (1 )

2̂D* — >- products (2 )

*3D* —v D + hv' (3)

A + hv — A*

biA* — *- A + heat (4)

kg
A* — ► products (5)

A* -A»- A + hv" (6)

D* + A —» D + A* (7)

The rate of photolysis of the ketone A (acceptor) is in­
creased by addition of the ketone D (donor) as described 
above. Using steady-state treatment such an increase in the 
rate of photolysis is

0 -  =  1 +  — ,------------ ¡ s t ll A i _________ ____  ( j )
Q o I/Jfi l + &2 + + fc7[A])
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TABLE II: Values o f k,/(ki +  k2 +  kz) (X 104 g /m ol) for M ixtures o f the Alkyl K etones at 25°
c h 3c o c h 3 c h 3c o c h 3 c h 3c o c 2h 5 c h 3c o c 3h ,

+  +  +  +
CH3COC3Hj° c h 3c o c 2h 6- c h 3c o c 3h 7« CH3COC2H5"

ki/(ki + k2 + k3) 25.70 2.70 1.55 1.64
° The amount adsorbed was kept constant in the mixtures of alkyl ketones.

where Q and Qo are the rate of photolysis of ketone A in 
the presence and absence of ketone D, respectively, 7d and 
I  a are the intensity of the light absorbed by ketone D and 
ketone A, respectively. [A] represents the amount of ketone 
A adsorbed.

As seen in Figure 4, the absorbed light intensity varies 
linearly with the amount of adsorbed ketones, leading to 
the eq /p  “ «d[D] and Ia œ «a[A] where « is the molar ex­
tinction coefficient. Hence, eq I becomes

_Q__ -I , _________ e Dfe7[p]_________
Q o eA(fei + h  + k3 + fe7[A]) (II)

From Figure 4, values of «d / « a  are determined as follows: 
f(2-pentanone)/f(acetone) = 7.21, «(methyl ethyl ketone)/ 
«(acetone) = 1.70, c(2-pentanone)/«(methyl ethyl ketone) =
4.00. Thus, values of k 7/(^1 + le 2 + k s) are determined 
from the slopes of Figures 1 and 2, since the value of «dAa 
and the amount adsorbed of ketone A are known. The re­
sults are shown in Table II. For the case where the rate of 
photolysis of ketone D is decreased by the presence of ke­
tone A, a similar treatment gives the equation

M A]
( +  &2 4- k3) (III)

Hence, from the slope of Figure 2, the value of k q/(ki + fe 2 
+ kz) for a methyl ethyl ketone-2-pentanone mixture is ob­
tained as 1.64 X 104 g/mol, in agreement with the value de­
termined from the rate increase by addition of ketone D 
(1.55 X 104 g/mol, in Table II). Such coincidence suggests 
the plausibility of the energy transfer process represented 
by step 7.

From the values of & 7/(^1 + k 2 + kz) (Table II), it is pos­
sible to compare the value of £7 for the methyl ethyl ke­
tone-acetone and the 2-pentanone-acetone systems, since 
the denominator is the same in both cases. Thus, it is con­

cluded that the excitation energy of acetone is transferred 
about 10  times more efficiently to 2-pentanone than to 
methyl ethyl ketone.
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Dissociation field effect and temperature-jump results are presented on ethanoiic and aqueous phenol­
phthalein. It is shown that the steady-state approximation cannot be applied to the hydrolysis equilibria in 
pure ethanol.

In tro d u c tio n

The mechanism of proton transfer reactions in aqueous 
solution can be described by three possible paths: protol­
ysis, hydrolysis, or direct proton exchange between donor 
and acceptor. The unique structural properties of water 
allow direct participation in the reaction through secon­
dary and tertiary hydration, where structural diffusion is 
usually the rate-limiting step in the drift mobility of the 
proton.2 The same is true only to a more limited extent in 
the lower aliphatic alcohols, e.g., ethanol, where structural 
diffusion and hydrogen bonding is less pronounced. Never­
theless, the requirements for diffusion-controlled proton 
exchange rates may be still fulfilled, unless other factors 
become prevalent.

In the present work we report a study of proton transfer 
relaxation kinetics involving the acid-base indicator phen­
olphthalein (di-p-dioxydiphenylphthalide) in aqueous and 
ethanoiic solutions. In a previous T-jump study of this sys­
tem in H2O, structures for the species in equilibrium were 
suggested3 different from the ones generally accepted.4’5 
The present study was undertaken to establish the effects 
caused by different types of perturbation, and the use of a 
solvent less polar than water. An investigation using differ­
ent solvents can reveal the intricate details of the reaction 
mechanism characteristic to pseudo acids, where intramo­
lecular electronic rearrangement accompanies the proton 
transfer. In the case of phenolphthalein, the extent of this 
rearrangement is drastic and can be directly followed under 
specifically controlled conditions. Information about the 
“polarization” of the molecular states has been obtained by 
the alternate use of electric field and temperature-jump 
perturbations.

E x p e r im e n ta l S ec tio n

Chemicals. Phenolphthalein (certified ACS) was ob­
tained from Fischer, and purified through precipitation 
from ethanol with water, and then dried under vacuum. 
The solutions used in the kinetic experiments were pre­
pared from 3.14 X 10-2 or 5.70 X 10“ 3 M  ethanoiic stock 
solutions.

All water used in the experiments was distilled and dou­
bly deionized with research cartridges Model I from the Il­
linois Water Treatment Co. US Industrial Chemical Co.’s 
absolute ethanol was further dried with molecular sieve 
Linde Type 3A.

J. T. Baker’s analytical grade NaOH was washed with 
and dissolved in absolute ethanol, then a sample of it was

titrated with 0.1 N  HC1 standard Titrisol in water solution.
The electrolyte used in the ethanoiic temperature-jump 

experiments was tetramethylammonium chloride obtained 
from J. T. Baker.

Apparatus. Our square wave dissociation field effect 
(DFE) pulse generator used in the electric field-tempera­
ture-jump apparatus closely resembles that described by 
Olsen, et al.6

Single 32-50-kV square wave pulses (Figure 1) were gen­
erated by discharging a low-inductance 0.005-pF capacitor 
from Plastic Capacitors Inc. through EG and G GP-15B 
triggered spark gaps. The pulse width is variable between 0 
and about 30 psec. The rise time of the pulse is ca. 100 
nsec, but the fall time is less than 20 nsec (Figure 1). Typi­
cally 40-kV pulses 2-3.5-psec long were used in the DFE 
experiments where the chemical relaxations following the 
trailing edge of the perturbation pulse were observed, rath­
er than the in-field ones.7

Spectrophotometric detection8 was used for monitoring 
the transient concentration changes in the relaxing reac­
tion mixtures at the visible absorption maximum of phen­
olphthalein (X 552 nm in water and X 563 in ethanol). The 
optical system consisted of a 250-W Osram halogen lamp 
powered by an Electronics Measurements RE40-10ML reg­
ulated power supply, a quarter meter Jarrell Ash mono­
chromator, and a mirror box to focus the light beam pass­
ing through the sample cell to the end of a glass fiber optic. 
The fiber optic terminated at the window of an electromag- 
netically shielded Fairchild KM2433 photomultiplier tube 
operated with a 15-kilohm dynode chain, and powered by a 
Power Design 2K20 power supply. The photomultiplier 
output was fed directly into a Tektronix 7503 oscilloscope 
with a 7A13 differential comparator and a 7B52 dual time 
base. Oscilloscope traces were photographed with a Tektro­
nix C-50 camera, and the pictures evaluated graphically in 
the ususl manner. Using 1.5-kilohm terminating resistor 
the detection system had a rise time of 30 nsec.

The Plexiglas DFE reaction cell used had an outside di­
ameter of 63.5 mm, an optical path length of 29 mm, and a 
volume of 9 ml. Highly polished flat surfaces 180° apart 
served as windows for the analyzing light beam. The T- 
jump cell with 1-cm path length was manufactured of Tef­
lon and had conical quartz windows. A minimum of 5 ml of 
solution is needed for an experiment, but only 1 ml is heat­
ed. Both cells were equipped with highly polished nonmag­
netic stainless steel electrodes located 5 and 10 mm apart 
in the DFE and T-jump experiments, respectively. The liq­
uids in both cells were thermostated to ± 0.1 ° by circulating
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Figure 1. High-voltage square pulse with 3.14 X  10-4  M  phenol- 
phthalein and 4.76 X  10-4  M  NaOH ethanolic solution in the cell at 
25°: 5 X  103 V/division, 1 /¿sec/division.

Figure 2. Typical E-jump relaxation of 3.14 X  10-4  M  ethanolic phe- 
nolphthalein at 25° caused by a 2-p.sec 40-kV pulse. The location of 
the perturbation pulse is indicated by arrows. NaOH concentration is 
4.76 X  10~ 4 M. Direction of increasing analyzing light (X 563 nm) in­
tensity is toward top of page: vertical axis 100 mV/division, horizon­
tal axis 1 /¿sec/division. Two traces superimposed. Due to the high 
frequency of the noise, relaxation times could be determined from a 
single trace with a precision of better than 5 %  in terms of deviation 
between two extreme possibilities. The reproducibility of the traces 
was usually better than ± 7 %  in terms of average deviation from the 
mean.

water through the hollow upper electrodes with a Parath- 
erm U4 thermostat.

Experiments. The E-jump experiments in ethanol were 
done at 25°, typically using 3 /¿see or shorter perturbation 
pulses. Concentration changes during and after the pulse 
were recorded, however, only the curves obtained at zero 
field were evaluated. A representative curve is shown in 
Figure 2. The resistance of the solutions measured in the 
cell was always greater than 10 4 ohms caused by a maxi­
mum ionic strength of 1.03 X 10~3 M. Maximum heating 
during the pulse was 0.2°.

All T-jump experiments in ethanol were done at 24.5° as 
the final temperature, at a 0.3 M  tetramethylammonium 
chloride concentration, as the conducting electrolyte. By

Figure 3. Concentration dependence of the relaxation time r  in the 
DFE experiments in H20  at 45°.

not firing the second spark gap, all the energy stored in the 
capacitor at 35 kV is dissipated in the cell having a resis­
tance of 330 ohms within less than 1 /¿sec, causing a tem­
perature rise of 1 .6°.

The DFE experiments in water were the most difficult 
ones reported here, because of the relatively low resistance 
of the solutions and the long relaxation times observed. 
Since the second spark gap in most cases would not fire 
after 8 -10  /¿sec, it was necessary to evaluate the in-field re­
laxation curves. In order to speed up the reactions the per­
turbation was done at 45°, where the minimum resistance 
of the solutions in the cell was 4 X 103 ohms, representing a 
maximum heating of 1 .2° within a minimum heating time 
of 10 /¿sec, using 35-kV pulses. The simultaneous increase 
of the temperature and the electric field strength causes 
opposing shifts of the equilibria, therefore the experimen­
tal conditions had to be carefully optimized in such a way 
that the effects of the temperature were minimal. Thus 
only the first 4-5 /¿sec of the relaxation curves were evalu­
ated, where the heating is about 0.5°. The plots of In A(sig- 
nal) vs. time yielded straight lines and so did the plots of 
t - 1  vs. the appropriate concentration variable (Figure 3). 
The pH of the reaction mixtures in these experiments was 
measured immediately before each perturbation with a 
Leeds and Northrup No. 7401 pH meter using No. 117208 
and No. 117169 reference and measuring electrodes, re­
spectively. The maximum ionic strength of the solutions 
never exceeded 2 X 10-4 M, where the Debye-Hiickel ac­
tivity coefficients are so close to unity that they can be ne­
glected in the calculations.

R e su lts  and  D iscu ss io n

All our experiments can be interpreted based on Eigen’s 
general hydrolysis mechanism2 (with some modification in 
pure ethanol)

*12 *23
PhH' + OH' ^  PhH" - OH' =?=*= Ph2' + H20  (1)

*21 *32

1 2 3

where the meaning of the symbols is explained in Figure 4. 
There are two possibilities for the kinetic treatment of this
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PhH“ bisphenolate onion
*

three purple-coloured resonance forms colourless carbinol
base

Ph“  C3_
Figure 4. Detailed mechanism of proton transfer and color change 
of aqueous and ethanolic phenolphthalein.

mechanism, depending on whether the intermediate en­
counter complex PhH-  • • • OH-  is present in an infinitesi­
mal concentration, that is necessary for a steady-state ap­
proximation. The steady-state approximation yields for the 
overall forward and reverse rate constants kf = k j 2fc23/  
(k2i + k 23 ) and h x = ^32^21/(^21 +  ^ 23)- For normal 
proton transfer fe23 »  fe 21 and the frequency of encounter 
is rate determining.2 As, however, the activation energy of 
step 2-3 increases, caused by internal hydrogen bonding or 
intramolecular electronic rearrangement accompanying the 
reaction, the chemical transformation step 2-3 becomes 
rate determining. Thus if k 2 3 «  k 2i, the rate constants 
for proton transfer become k{ = K  12^23 and k r = k-A2, 
where K 12 = k \ 2/k 2i is thé equilibrium constant of step
1-2. In this case, in conjunction with the steady-state ap­
proximation, only one relaxation time r is expected, given 
by

r- 1 =  £f([PhH-] + [OH-]) + £ r([Ph2-] + [H20]) (2)

In aqueous solution, where the reaction partner H20  is in 
large excess, eq 2 is replaced by

T- 1 =  fef([PhH-] + [OH-]) + kr (3)
but in ethanol eq 2 has to be used. The terms in brackets 
indicate equilibrium concentrations.

Our T-jump results in ethanol (Figure 5) and DFE ex­
periments in water (Figure 3) are in agreement with eq 2 
and 3, respectively. The [PhH- ] for the aqueous DFE ex­
periments were calculated using Rose and Stuehr’s3 spec- 
trophotometrically determined hydrolysis constant K h = 
k T/k{=  2.3 X 10-5 M  at 15°, and 0.1 M  ionic strength. This 
value was corrected to 45° 9 and zero ionic strength,4 corre­
sponding to our experimental conditions. The numerical

[h2 o] m

Figure 5. Concentration dependence of the relaxation time r  in the 
T-jump experiments in ethanol at 24.5°. The curve cannot be linear­
ly extrapolated to pure ethanol because the mechanism apparently 
changes at low H2O  content of the medium.

values of the obtained rate and equilibrium constants are 
summarized in Table I.

Since the equilibrium constant is not accurately known 
in ethanol,10 the T-jump experiments in this solvent were 
done at [OH- ] = 0.01 M  and [H20] between 0.56 to 1.68 M. 
The total indicator concentration being 5.70 X 10-5 M  in 
each experiment, [PhH- ] «  [OH- ] and [Ph2—] «  [H20], 
reducing eq 2 to

r- 1 =  fef[OH'] + fer[H20 ]  (4)

The E-jump experiments in ethanol were, performed 
without the addition of water. A concentration- and tem­
perature-independent relaxation time r = 0.8 ¿¿sec was ob­
served (Table II), indicating that mechanism 1 with the 
steady-state approximation is not valid in this solvent. The 
results can be interpreted in terms of a modified reaction 
scheme where the color change takes place in two steps

*12 *23
PhH- + OH- ^  Ph2" • aq Ph2--aq  (5)

1 *21 2 3
The first step represents the diffusion-controlled deproto­
nation of PhH- , resulting in the still colorless Ph2- • aq.

TABLE I: T h e r m o d y n a m ic  a n d  K in e t ic  R e s u lt s  o f  E th a n o lic  a n d  A q u e o u s  P h e n o lp h th a le in

i-Ea, -1 Ea, ALT,
kcal kcal kcal k ¡ ,d

M ethod T ,  °C I a m ol 1 m o l-1 m o l-1 M -1 sec -1 kr* k r / k f  =  K h7 K h  (caled)»
T -Ju m p  in 24 .5 0 .3 6 2 .1  X IO7 2 .0  X HP 9 .5  X 10 -3

ethanol* A f-1
se c -1

E -Ju m p  in  , 45 ~ 0  1 7 5 2 .0  X 109 1 .5  X HP 7 .5  X IO -5 M 1 .0  X 1 0 -4 M
w ate r se c -1

T -Ju m p  in 15 0 .1 1 .7  X HP 4 .7  X 10* 2 .7  X IO -5 M
water* 0 1 .4  X HP se c -1 3 .4  X IO -5 M

E -Ju m p  in See T ab le  I I
e th an o l

“ I  =  Ionic stren g th . b C orresponding  to  a  0.3 M  te tram eth y lam m o n iu m  chloride solu tion . * T ak en  from  re f 3, a n d  con­
firm ed  experim entally . T h e  values a t  I  =  0 w ere ca lcu la ted .16 d k t =  K v ik r „ (see eq 1). " k r =  k 32 is fo r an  io n -n eu tra l reac tio n  
(see eq 1), th u s  largely in d ep en d en t of I .  f  F ro m  eq 2 an d  3. " C alcu la ted  b y  tem p era tu re  an d  ionic s tren g th  correc tions on 
th e  Kh value  in  re f 3 (see also re f  9). 1 W a te r  co n ten t 0.56 M (see F ig u re  5).
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TABLE II: E -J u m p R e la x a t io n  T im e s  rstow o f  E th a n o lic  
P h e n o lp h th a le in  u n d e r  D ifferen t C o n d it io n s

Indicator 
concn 

XKP, M

NaOH 
concen­
tration 

X104, M r,° psec T, °C
3.14 7.14 0.75, 0.75, 0.75 9.5, 20, 25

5.85 0.85 25
4.76 0.80, 0.85, 0.82 25

2.84 4.32 0.85, 0.85, 0.75, 
0.75

25

3.24 0.80, 0.80 25
0.570 4.32 0.80 25
0.314 7.14 0.75 25
“ For error limits see legend of Figure 2.

The much slower intramolecular electronic rearrangement 
and the opening of the lactone ring take place in the second 
step, where the pink Ph2- • aq is formed.

If the steady-state approximation cannot be applied, 
reaction 5 has to be treated as two coupled equilibria 1 — 2 
and 2 — 3. The usual kinetic analysis yields two simulta­
neous differential equations11 from which the two relaxa­
tion times can be obtained by evaluating the determinant

( « t i  -  T 1) a12
=  0

«21 («22 -  T-1)

where a n  = fendPhH - ] + [OH- ]) + k 2i, a i2 = k 21, a 21 
= /s2.3, and a2 2  = k 22 +  k 2z. The two relaxation times then
are

rli2- 1 = S / 2 [ l ± ( l - 4 P / S 2)1''2]

with S = a n  + a22 andP = a i i a 22 — 0 120 2 1-
Under the conditions that k 12, k 2i »  k 2z, k 22 it is evi­

dent that On »  a 22 and a 1 2 »  0 2 1 . Thus the fast relax­
ation timebecomes

'’" f a s t '1 =  «11 +  «22 «  «11 =  fe l2( [ P h H ' ]  +

[O H ']) + k n (6)

and slow one

1 slow
-1  _  « n « 2 2 d \  o d12“ 21 ^ 11^22  d \ < )d12u 21 _

d +  d o

_ « 1Æ 1

Low concentrations, and the fact that £ 12  and k 2i are dif­
fusion controlled simplifies the last term in eq 7 to k 22, re­
sulting in

Tslow“1 ~  &32 ( 8)

In this case, and if the observation is done on species 
Ph2- • aq, only the slow relaxation can be observed which is 
concentration independent. To observe both relaxations, 
the concentration of the intermediate Ph2- • aq or that of 
PhH-  has to be followed, which, however, do not absorb in 
the visible range of the spectrum.

Since step 2-3 is the chemical transformation of the dep- 
rotonated lactone to the pink Ph2 - • aq, fe32 observed 
through the color change represents the rate of the polar­
ization of the resonance system, and the closing of the lac­
tone ring. Such a rate should be largely temperature inde­
pendent, which was observed (Table II).

Summary
The detailed reaction mechanisms are shown in eq 1 and 

5 where step 2 — 3 represents the color change (see also 
Figure 4). On heating, a decrease of the concentration of 
Ph2- results in water, but not in ethanol. In water, the hy­
drolysis constant K h = K„/Ka increases with temperature 
because K„ gets larger faster than K a of phenolphthalein.12 
In ethanol the analogous solvolysis constant f i  solvent and 
K a are not known at different temperatures for making a 
prediction, nevertheless, heating causes the opposite effect.

Dissociation field effect shifts step 1 — 2 to the right in 
water, leaving step 2 — 3 practically unaffected. As long as 
the medium contains a sufficient amount of water (>3% v/
v) the steady-state treatment of eq 1  is applicable in both 
solvents, yielding one relaxation time given by eq 3 in water 
and eq 2 in ethanol.

Using E-jump perturbation in pure ethanol, a discolora­
tion (left shift of step 2 — 3) is the only observable effect 
In this solvent eq 5 has to be used, and two relaxation times 
are expected, given by eq 5 and 8. However, due to the fact 
that Ph2- • aq is monitored, only the slow one can be seen.

The opposite direction of the field effects in water and 
ethanol is noteworthy, for which specific solute-solvent in­
teractions are responsible. While the resonance structure of 
the analogous sulfonephthaleins is extremely stable, that of 
the phthaleins is easily abolished by closing the lactone 
ring.13 The reaction is facilitated if the resonance system is 
first polarized to a structure similar to that of the bisphe- 
nolate anion (Figure 4). The polarization can be achieved 
either by an external field, or by a highly polar solvent,14 
such as water. However, polarization by a solvent is accom­
panied by solvation of the sites of high charge density, 
which can hinder the closure of the ring. This situation is 
indicated in our case. A comparison of the unperturbed 
ethanolic and aqueous solutions shows only a negative sol- 
vatochromic effect (hypsochromic shift of the absorption 
band of Ph2-) in H20 , but no discoloration. Thus, the con­
tribution of the external field to the 2 ■*— 3 shift is larger in 
ethanol than in H20 . On the other hand, the 1  -*• 2 shift 
caused by DFE is negligible in ethanol compared to that in 
water. The opposing effects can cancel each other in etha­
nol-water mixtures, reducing the E-jump relaxation ampli­
tude to zero at an H20  content of approximately 25% v/v.
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Energy Level Structure and Mobility of Excess Electrons in 7 -lrradiated 5 M  Potassium 
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The energy level structure of trapped electrons (et“) in y-irradiated 5 M  K2CO3 glassy ice at 77 K has been 
investigated via the wavelength dependence of the photocurrent. Scavenger effects demonstrate that the 
photogenerated charge carrier is an electron. The photocurrent wavelength response per unit incident pho­
ton does not coincide with the optical absorption band of the et“ and can be phenomenologically resolved 
into two bands. The optical absorption band is a symmetrically bleached with monochromatic light and 
can also be resolved into at least two subbands. The photocurrent band at longer wavelength coincides with 
the longer wavelength absorption band. Thus the et“ in the shallower potential wells appear to have no 
bound excited state as is the case for et“ in 10 M  NaOH glassy ice. For et“ in the deeper potential wells, the 
shorter wavelength absorption and photocurrent bands do not coincide and indicate a bound excited state 
as is found for et“ in crystalline ice. The difference between the energy level structure for et“ in different 
aqueous matrices can be understood in terms of a semicontinuum model of electron trapping and the modi­
fication of the polarization interactions by the ions present in the matrix. The analysis is supported by the 
photocurrent wavelength dependence in 4.5 M  D-glucose glassy ice. The field and temperature dependence 
of the photocurrent and the electron drift mobility were also investigated. Superohmic photocurrents are 
observed in certain dose ranges at 77 K. The electron drift mobility is inversely proportional to field at high 
fields and exhibits a negative temperature dependence from 80 to 103 K. The dominant scattering mecha­
nism near 77 K for photoexcited mobile electrons is lattice phonon scattering. In contrast to et~ in 10 M 
NaOH ice, the mobility is independent of the hole (CO3“) concentration and there appear to be no shallow 
traps relative to the conduction band associated with CO3“. These differences are explained in terms of the 
different degree of lattice polarization induced by C0 3 -  and 0 “ ions in aqueous matrices.

and can be photoexcited to a mobile state by both one-5’6 
and two-5 photon processes. The mobility of photoexcited 
electrons in MTHF glass is several orders of magnitude 
smaller than in 10 M  NaOH glassy ice and appears to be 
best explained by a hopping model.7’8 Electrons in alkane 
glasses, such as 3-methylhexane, seem to have similar ener­
gy level structures and mobility characteristics to electrons 
in MTHF. The influence of matrix polarity on these char­
acteristics of excess electrons has been emphasized.2

It is of importance to determine whether 10 M  NaOH 
glassy ice is typical of aqueous glasses with regard to stabi­
lization of electrons. Previously, it has been suggested that 
the highly alkaline ice may represent an extreme in effec­
tive matrix polarity.2’8 In this work we have studied excess 
electrons in a different aqueous glass, 5 M  K2C 03. By pho­
toconductivity and optical bleaching studies we have found 
that trapped electrons of at least two different types are

Excess electrons produced by high-energy radiation or 
by photoionization of a suitable solute are stabilized in a 
variety of aqueous1 and organic2 glasses. The trapped elec­
trons exhibit diverse energy level structure depending on 
the nature of the glassy matrix. The trapped electron may 
also be photoexcited to a mobile state in which their trans­
port mechanisms in the glassy matrix can be probed 
through their mobility characteristics. In 10 M  NaOH glas­
sy ice, the trapped electron appears to have no bound excit­
ed state and the optical absorption spectrum is assigned to 
bound-free transitions.3 Drift and Hall mobility experi­
ments have demonstrated that the photoexcited electron in 
this glass is quasi-free and that its transport mechanism is 
well described by a band model.4 On the other hand, in less 
polar organic glasses, such as 2-methyltetrahydrofuran 
(MTHF), the trapped electron has bound excited states
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formed which are distinguished by their energy level struc­
ture. Mobile electrons produced by photoexcitation have a 
relatively large drift mobility that exhibits characteristics 
consistent with a band model. Thus it is tentatively con­
cluded that a quasi-free electron state is typical for aque­
ous glasses.

Experimental Section
The photoconductivity cell and the set-up for the photo­

conductivity measurements have been described in an ear­
lier work.5 The light beam from a 500-W slide projector was 
directed through semitransparent electrodes. For the wave­
length dependence of the photocurrent a Bausch & Lomb 
high-intensity monochrometer with a dispersion of 20 nm 
was used. Thermocouple measurements showed that the 
sample temperature increased < 1 ° during bleaching.

Drift mobility was measured with a time-of-flight meth­
od. A light flash produces mobile electrons near one elec­
trode by optically detrapping some of the trapped electrons 
in the y-irradiated sample. These electrons drift under an 
applied field to the opposite positive electrode and the time 
dependence of this current is observed. Experimental de­
tails can be seen elsewhere.4

All samples were made from nondegassed 5 M  K2CO3 
aqueous solutions. Reagent grade K2CO3, KNO3, and D - 
glucose were used without any further purification. The 
samples were frozen by plunging into liquid nitrogen and 
were irradiated in a 60Co y source at 77 K at a nominal dose 
rate of 0.27 Mrad/hr. Temperatures above 77 K were ob­
tained by using cold N 2 gas.

Optical absorption measurements were made on a Cary 
14 spectrophotometer. Electron paramagnetic resonance 
(epr) measurements were made in a Varian E-4 epr spec­
trometer.

Results and Discussion
A. Identity of the Photoinduced Charge Carrier. The 

observed photocurrent is due to radiation-produced species 
that are trapped in 5 M  K2CO3 glassy ice. No photocurrent 
is seen in the unirradiated 5 M  K2CQ3 glassy ice. A typical 
photocurrent observed in the glass is shown in Figure 1. 
This is quite similar to that observed in y-irradiated 10 M  
NaOH glassy ice.3 The photocurrent rises instantaneously 
within the response time of the apparatus and then de­
creases with time. When the light beam is interrupted the 
photocurrent drops to zero. When the light is subsequently 
turned on the current increases to a value about equal to 
the current measured before the light was interrupted and 
continues a slow decrease with time; this sequence can be 
repeated several times. That is, no dark decay of the photo­
current is observed at 77 K.

The main radiation-produced species in this glass at 77 
K are C 03~ and et- .9 The photoinduced charge carrier was 
indicated to be the detrapped electron from the effect of 
the electron scavenger, KNO3, on the photocurrent. As 
shown in Figure 2, the photocurrent decreases as the con­
centration of KNO3 increases. The yields of the trapped 
electron also decrease with KNO3 concentration. The et~ 
yields were measured by optical absorption at 450 nm to 
avoid overlap with the optical absorption of C 03~ which 
has a maximum near 620 nm. It is clear that the charge car­
rier is the electron. The photocurrent decreases faster than 
the trapped electron yield as a function of scavenger con­
centration in Figure 2. The photocurrent amplitude de­
pends on the number of mobile electrons and the average

Figure 1. Typical photocurrent curve for y-irradlated (0.13 Mrad) 5 M 
K 2C O 3 glassy ice at 77 K with an applied field of 8 kV/cm.

Figure 2. Effect of an electron scavenger, K N 0 3, on the yields of e,-  
and the intensity of photocurrent In y-irradiated 5 M  K 2C 0 3 glassy 
ice at 77 K.

applied field of 8 kV/cm in ^-irradiated 5 M  K 2C 0 3 glassy ice at 77 
K.

distance traveled by them. As the electron scavenger con­
centration increases, not only is the trapped electron yield 
decreased, but also the average distance traveled by a mo­
bile electron is decreased. This is why the photocurrent de­
creases faster than the trapped electron yield, however, 
since there are two variables a unique quantitative analysis 
seems precluded.

B. Dose Dependence of the Photocurrent. The dose de­
pendence of the photocurrent is given in Figure 3. The pho­
tocurrent rises linearly to about 0.07 Mrad where 20% of 
the light is transmitted at the absorption maximum. It
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Figure 4. Wavelength dependence of photocurrent in y-irradiated 
(0.13 Mrad) 5 M  K 2C 0 3 glassy ice at 77 K with an applied field of 11
kV/cm: (— ) optical absorption curve; (--- ) photocurrent per number
of incident photons. See  text for comments on the resolution of the 
photocurrent curve into part I (------) and II (------).
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Figure 5. Effects of optical bleaching with monochromatic light on 
the wavelength dependence of the photocurrent and the optical ab­
sorption spectrum in 7 -irradiated (0.13 Mrad) 5 M  K 2C 0 3 glassy ice 
at 77 K with an applied field of 11 kV/cm: (— ) optical absorption 
spectrum after photobleaching with 700 nm light; (••••) optical ab­
sorption spectrum before photobleaching; (— ) photocurrent per 
number of incident photons after optical bleaching with 700-nm light.

then curves over to a plateau above 0.3 Mrad. At this dose 
essentially all of the incident light in the et~ absorption 
band is absorbed. The et_ yield, measured by epr, at differ­
ent doses is also plotted. The et~ yield increases linearly 
with dose to at least 0.4 Mrad. Thus the plateau in Figure 3 
is simply a consequence of total light absorption.

C. Wavelength Dependence of Photocurrent. The opti­
cal absorption spectrum of et_ in 5 M  K2CO3 glassy ice is a 
broad asymmetric band with a peak at 540 nm at 77 K. The 
wavelength dependence of the photocurrent per number of 
incident photons (photocurrent X response) is shown to­
gether with the optical absorption spectrum in Figure 4. 
There is a shoulder around 600 nm in the photocurrent X 
response and then the X response monotonically increases 
to high energy until a maximum is reached near 375 nm. 
This X response is different from that observed in 10 M  
NaOH glassy ice, where the photocurrent X response fol­
lows the shape of the absorption band.3

When the 7 -irradiated glass was bleached with mono­
chromatic light (the bandwidth was about 40 nm) with no 
external electric field, the photocurrent X response was 
changed and partial bleaching of the optical band was also 
observed. Bleaching of the glass with 700-nm light removed 
the shoulder around 600 nm while the other parts of the 
photocurrent X response remained almost unchanged (Fig­
ure 5). Bleaching with 700-nm light also blue-shifted the 
Xmax of the optical absorption spectrum of et~- On the other 
hand, illumination by 400-nm light reduced the photocur­
rent in the high-energy region and increased that in the 
medium-energy region. The Xmax of the optical absorption 
band was slightly red-shifted (Figure 6). The bleaching ex­
periments indicate that the wavelength dependence of the 
photocurrent is apparently a composite of at least two or 
more components as is the optical absorption spectrum. It 
is noted that light of 750-800 nm, which is in the low-ener­
gy tail of the absorption spectrum, produces photocurrent.

The magnitude of the photocurrent was found to be lin- 
erarly proportional to the light intensity throughout the 
entire spectral region, and so the photoionization of the 
trapped electron in 5 M  K2CO3 glassy ice can be regarded 
as a one-photon process.

The magnitude of the photocurrent is given by

/(A /cm 2) =  eF ¡it {V/  d) (1)
where e is electronic charge, F is the number of charge car­
riers per cm3 photoexcited into the conduction band per

zoI-o

Figure 6. Effects of optical bleaching with monochromatic light on 
the wavelength dependence of the photocurrent and the optical ab­
sorption spectrum in 7 -irradiated (0.13 Mrad) 5 M  K 2C 0 3 glassy ice 
at 77 K with an applied field of 11 kV/cm: (— ) optical absorption 
spectrum after optical bleaching with 400-nm light; (----- ) optical ab­
sorption spectrum before optical bleaching; (---- ) photocurrent per
number of incident photons after optical bleaching with 400-nm light.

second, g is the mobility of the charge carrier in the con­
duction band, t  is the average life time of a charge carrier 
in the conduction band, V is the applied potential, and d is 
the electrode spacing. F is represented by

F = LaC (2)

where L is the number of incident photons, a is the pho­
toionization cross section of the trapped electron, and C is 
the concentration of trapped electrons. Since g and r are 
normally independent of the photon energy, the photocur­
rent is linearly proportional to F, or the photocurrent per 
number of incident photons is proportional to <jC

I /L  cc oC (3)

Since there is a distribution of potential wells for the 
trapped electrons in the glass, the photocurrent X response 
is given by

I(v)/L(u) oc (4)
i

where i refers to discrete potential wells of different depth. 
On the other hand, the optical absorption band is given by

OD(X) cc ^ > » 0 ; (5)

The Journal of Physical Chemistry, Vol. 78, No. 24, 1974



Effect of Ions on Trapped and Mobile Electrons 2457

where e; is the extinction coefficient of the trapped elec­
tron i. Therefore, the wavelength dependence of the photo­
current does not coincide with the optical absorption spec­
trum, even when all et-  are in similar depth potential wells, 
if optically allowed bound excited states exist. In 10 M  
NaOH glassy ice the wavelength dependence of the photo­
current and optical absorption do coincide, so the absence 
of optically allowed bound excited states is suggested and 
the entire optical absorption spectrum of e,” is assigned to 
the envelope of bound-free transitions. In this case t i ( v )  is 
equal to 07 (v) for all i and v.

The wavelength dependence of the photocurrent in 5 M  
K2CO3 glassy ice can be phenomenologically divided into 
two parts as shown in Figure 4. Part I photocurrent ([/(?)/ 
L (r)]max is ~620 nm, A[I{v)/L{v)\i /2  — 0.5 eV) parallels the 
optical absorption subband (Xmax ~  620 nm, AOD1/2 — 0.5 
eV) which is bleached with light of 700 nm and which can 
be assigned to et~ in shallower potential wells,. From the 
arguments given above, coincidence of the wavelength de­
pendence of the photocurrent and the optical absorption is 
consistent with no bound excited state for et_ in the shal­
lower potential wells. The threshold energy is about 1.5 
eV(~800 nm) and is assigned to the average energy gap be­
tween the ground state and the bottom of the conduction 
band. The maximum cross section for photoionization oc­
curs about 0.5 eV above the bottom of the conduction band 
at 620 nm; this is consistent with a hydrogenic model of 
photoionization.10

The part II photocurrent X response does not coincide 
with the optical absorption band. It is therefore similar to 
the photocurrent X response of et~ in MHTF glass5 or in 
crystalline ice8’11 in which optical excitation to both bound 
and unbound states occurs. This interpretation applies to 
the et~ in the deeper potential wells in 5 M  K2CO3 glassy 
ice. Because of the uncertain resolution of the part I and II 
photocurrents it is not possible to deduce a reliable pho­
toionization threshold for the part II photocurrent.

In summary, our analysis suggests that there is a distri­
bution of trapping potential depths for et~ in 5 M  K2CO3 
ice which can be represented by an average shallow poten­
tial well and an average deep potential well. The et-  in the 
shallow potential wells appear to have no bound excited 
state as is the case for et~ in 10 M  NaOH glassy ice. The et~ 
in the deep potential wells appear to have a bound excited 
state as found for et_ in crystalline ice and in MTHF glass.

D. Energy Level Structure of et~ in Aqueous Matrices. 
In order to understand the energy level structure of 
trapped electrons in various polar matrices, a semicontin­
uum potential involving short-range charge dipole interac­
tions and long-range polarization interactions has been 
used with moderate success in a self-consistent field ap­
proximation known as the semicontinuum model.12 This 
model accounts for differences in energy level structure of 
et~ on the basis of the matrix properties: density, molecular 
dipole moment, molecular polarizability, static and optical 
dielectric constants, and matrix work function for electron 
photoinjection. With hydrogenic12 or Gaussian13 type 
wavefunctions, this model always predicts an optically al­
lowed transition to a bound excited state. The only way to 
avoid this is to ignore the long-range polarization interac­
tions. Then only a bound-free transition is predicted.12

We previously argued that it might be justifiable to ig­
nore polarization interactions for et~ in 10 M  NaOH glassy 
ice because water molecules beyond the second solvation 
shell of et~ are probably more strongly polarized by OH"

zo

Figure 7. Wavelength dependence of the photocurrent in y-irradiat- 
ed (0.24 Mrad) 4.5 M  D-glucose glassy ice at 77 K with an applied 
field of 15 kV/cm: (— ) optical absorption curve; (— ) photocurrent 
per number of incident photons.

ions in the matrix rather than by et_. This argument is sup­
ported by the observation of a bound excited state for et~ 
in single crystal ice in which there are no other foreign ions 
to compete with et~. The evidence for a bound excited state 
in single crystal ice is noncoincidence of the optical bleach­
ing X response with the optical absorption band of et- .8,11

A more direct test of the above hypothesis is to study et~ 
in a glassy ice containing no ions and to measure the photo­
current X response. We have carried out such an experi­
ment in 4.5 M  D-glucose glassy ice. Electrons are trapped 
by 7 -radiolysis of this matrix with a 100-eV yield (G) of
1.8.14’15 Although the glucose molecule is polar, the nega­
tively charged region is diffuse and will probably not com­
pete effectively with et-  for polarization of the water di­
poles. The results are shown in Figure 7. The photocurrent 
X response is as predicted; it does not coincide with the op­
tical absorption band. It is similar in shape to the photo­
current X response of et_ in crystalline ice and in MTHF; 
and it is consistent with the existence of a bound-bound 
transition at lower energy and a bound-free transition at 
higher energy.

The results in 5 M  K2CO3 glassy ice are intermediate be­
tween those in glucose ice and in NaOH ice. The C0 32- ion 
should polarize its surrounding water dipoles, but the ef­
fect is probably weaker than for OH-  because the negative 
charge is more diffuse for the C 032~ ion. Thus we may ex­
pect the importance of the polarization interaction felt by 
the excess electron to be weaker in K2CO3 ice than in glu­
cose ice, but stronger in K2CO3 ice than in NaOH ice. For 
the shallow et~ trapping potentials in K2CO3 ice it appears 
that the polarization interaction of et-  can be ignored, and 
consequently no bound excited state for et_ exists. How­
ever, for the deeper et~ trapping potentials the polarization 
interaction becomes significant and gives rise to a bound 
excited state.

The overall effect of high ion concentration on the ener­
gy level structure of et~ in various aqueous glasses seems 
qualitatively clear, and it appears that the energy level 
structure of et~ in aqueous glasses is not fundamentally 
different from the energy level structure of et~ in organic 
glasses.

E. Field Dependence of Photocurrent and of Electron 
Drift Mobility. The current-voltage dependence of the 
photocurrent in 5 M  K2CO3 glassy ice exhibits an ohmic re­
gion and a superohmic region. In the superohmic region the 
voltage exponent varies from 1  to 2 under different experi-
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Figure 8. Current-voltage plots for photocurrent in 5 M  K 2C 0 3 glas­
sy  Ice at 77 K at different doses: O, 0.83 Mrad; A , 0.58 Mrad; • ,  
0.13 Mrad; □, 0.05 Mrad. The slopes are indicated.

mental conditions. The transition voltage between the two 
regions depends on dose and consequently on the concen­
tration of some radiation-produced species. Figure 8 shows 
current-voltage plots for several different radiation doses 
at 77 K. At doses above 0.1 Mrad two current-voltage re­
gions are seen. At 0.05 Mrad only the superohmic region is 
seen with a voltage exponent of about 1.6. Presumably, an 
ohmic region would be also observed at 0.05 Mrad and 
lower doses if the current could be observed above the 
noise at low enough voltage.

7 -Irradiation of 5 M  K2CO3 glassy ice produces et_ and 
C 03-  with 100-eV yields (G) of 2.0 ±  0.4 and 3.6 ±  0.7, re­
spectively.9 Another species (G ~  0.3-0.5), which is not 
identified, is also observed in the glass by epr after photo- 
bleaching.9 It is not clear whether this species is originally 
produced by X-radiolysis and is counted as part of the 
C 03-  initial yield or not. We found that when all the et-  
are detrapped by optical bleaching, about 30% of C 03_ re­
mains as measured by epr.

By analogy to X-irradiated 10 M  NaOH glassy ice,3 Cou- 
lombic scattering of mobile electrons by the hole species, 
CO3- ,  may be associated with the nonlinear current-volt­
age dependence. To test this, the ratio of [C03~] to [et~] 
was changed by cycles of successive radiolysis and optical 
bleaching. Figure 9 shows that for every cycle of successive 
radiolysis and complete optical bleaching of ety, the photo­
current decreases, even though about the same number of 
electrons are available for excitation to the conduction 
band. However, the current-voltage exponent remains un­
changed for the samples that were successively bleached 
and reirradiated at 77 K in contrast to observations on the 
NaOH matrix. Independent measurements showed that the 
electron drift mobiity was unchanged in samples which 
were successively bleached and reirradiated at 77 K. This, 
of course, is consistent with an unchanged current-voltage 
exponent.

These experiments show that the C 03~ concentration 
does not affect the current-voltage dependence, although it 
does affect the yield of the photocurrent. The decreased 
photocurrent yield can be explained by capture of mobile 
electrons by C 03- . The independence of the mobility on 
C 03-  concentration suggests that Coulombic scattering 
from C 03-  is not an important scattering process that lim­
its the electron mobility at 77 K. On the other hand, the 
dose dependence of the current-voltage exponent suggests 
that the electron scattering processes are, in part, dose de­
pendent. The dose-dependent component of the electron-
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Figure 9. Yields of C 0 3~  (• ) and et~  (O) and photocurrent (A ) for 
successive 0.12-Mrad irradiation and bleaching of et~  in 5 M  K 2C 0 3 
glassy ice at 77 K.

scattering processes is therefore attributed to Coulombic 
scattering by et~. At low dose and low et~ concentration the 
mobile electron will be “heated up,” so that it is no longer 
in thermal equilibrium with the lattice, by the applied field 
more rapidly to reach the range of field-dependent mobili­
ty and nonohmic current. At higher doses and higher et~ 
concentration the mobile electron will be “heated up” more 
slowly by the applied field so that an ohmic photocurrent, 
indicative of mobile electrons in thermal equilibrium with 
the lattice, is observed to higher fields.

It is interesting to comment on the difference between 
electron motion in 5 M  K2CO3 and 10 M  NaOH glassy ices. 
The hole species in 10 M  NaOH ice is 0 “ and it does affect 
the mobility and current-voltage exponent at 77 K. Thus 
the O-  hole appears to be a more effective electron-scatter­
ing center than the C 03“ hole. This is consistent with our 
previous comments on the extent of lattice distortion or po­
larization by these two hole centers. For O- , the lattice is 
distorted to create a potential barrier around O- . This 
makes 0 ~ effective as an electron-scattering center as well 
as an electron capture center. In contrast C 03~ causes less 
lattice distortion and, relative to 0 “, is a poorer electron­
scattering center and better electron-capturing center.

The existence of hot electrons in 5 M  K2CO3 glassy ice is 
clearly demonstrated by electron drift mobility measure­
ments. The sample thickness was usually 1  mm. Since large 
background signals were observed in the glass irradiated to 
high dose, the measurements were confined to 0.2 Mrad 
and below. At these low doses light penetrates a significant 
distance into the sample and the measured apparent mo­
bility based on the sample thickness must be corrected for 
the average travel distance of the mobile electrons.4 For a 
sample thickness of 1  mm the average electron travel dis­
tance was estimated as 0.85 mm at 0.2 Mrad.

The maximum value of the electron drift mobility is 2.1 
cm2/V sec at 103 V/cm; measurements at lower voltages 
were precluded by the low signal-to-noise ratio. Figure 10 
shows that this value is not the field-independent mobility 
but suggests that the field independent mobility is ~3  
cm2/V sec. This electron drift mobility magnitude is similar 
to the field-independent electron drift mobility of 2 em2/V 
sec in 10 M  NaOH glassy ice.

The field dependence of the electron drift mobility in 5 
M  K2C 0 3 glassy ice at 77 K is shown in Figure 10. The ob­
servation of field-dependent mobility implies nonohmic 
photocurrents and shows that the electrons can be “heated 
up” above their thermal energy distribution in the glassy 
matrix. This suggests that the mobile electron moves in a 
reasonably well-defined conduction band. At fields greater
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Figure 10. Field dependence of electron drift mobility in y-irradiated 
(0.13 Mrad) 5 M  K 2C 0 3 glassy ice at 77 K.

Figure 11. Temperature dependence of the photocurrent and the 
electron drift mobility in y-irradiated (0.13 Mrad) 5 M  K 2C 0 3 glassy 
ice at an applied field of 6 kV/cm: O, dr ft mobility; • ,  photocurrent. 
Note that all scales are logarithmic so  that the slopes can be com­
pared.

than 6 X 103 V/cm, md 02 F~l. This field dependence 
suggests that the interaction of mobile electrons with lat­
tice phonon modes is the dominant scattering mechanism16 
in this voltage region at 77 K which is the same mechanism 
found previously for electrons in 10 M  NaOH glassy ice.4 
This conclusion is consistent with the independence of the 
electron drift mobility on the CO3-  concentration.

F. Temperature Dependence of Photocurrent and of 
Electron Drift Mobility. The temperature dependencies of 
the photocurrent and of the electron drift mobility are rele­
vant to understanding the photoexcitation process of the 
trapped electron and the transport mechanism of the mo­
bile electron.

The photodetachment cross section is temperature acti­
vated if the optical transition occurs to a bound state from 
which thermal excitation is required to reach the conduc­
tion band. For conduction band transport dominated by 
lattice phonon scattering the mobility decreases with in­
creasing termperature as has been discussed elsewhere.4 
The temperature dependence of the photocurrent is the net 
result of these two temperature effects.

In Figure 11 the temperature dependence of the photo­
current and the electron drift mobility are compared under 
the same experimental conditions (0.13 Mrad, 6 kV/cm) 
over the range 83-103 K. In both cases, the temperature 
dependence is negative and the slopes are about the same 
within experimental error. Thus if seems that the tempera­
ture dependence of the photocurrent can be accounted for 
by the temperature dependence of the electron drift mobil­

Figure 12. Temperature dependence of photocurrent from 80 to 103 
K measured for 0.13 Mrad and different fields in 5 M  K 2C 0 3 glassy 
ice: • ,  3 kV/cm, O, 6 kV/cm; O, 10 kV/cm.

ity. Consequently, the photodetachment cross section may 
be regarded as temperature independent. The photocon­
duction process appears to occur by direct excitation to the 
conduction state without the intermediacy of a weakly 
bound excited state near the conduction band.

For mobile electrons in 10 M  NaOH glassy ice an addi­
tional temperature-dependent process for the photocurrent 
above 77 K was found.3 A positive temperature dependence 
was observed, but the magnitude of the temperature de­
pendence was found to be field dependent. This was dem­
onstrated to be due to the existence of a shallow electron 
trap 0.05 eV below the conduction band associated with the
O-  hole. Figure 12 shows the photocurrent temperature de­
pendence in 5 M  K2CO3 glassy ice at three different fields. 
At 10 kV/cm the current is superohmic and at 3 kV/cm it is 
ohmic for the 0.13-Mrad dose used. The same negative 
temperature dependence is observed for the photocurrent 
independent of field. Thus, in the 5 M  K2CO3 glassy ice 
there does not seem to be a shallow electron trap associated 
with C 03-  hole. This is consistent with our previous con­
clusion about the difference between the C 03"~ and O-  
holes in ice matrices. The small matrix distortion associ­
ated with C 03-  is expected to only lead to a deep electron 
trap.

Conclusions
The energy level structure of et-  in aqueous ices is de­

pendent on the nature of the ions, if any, present in the 
matrix. For small negative ions with a highly localized 
charge there tend to be no or only weakly bound excited 
states associated with et- . For larger negative ions et-  has a 
bound excited state. These differences can be understood 
in terms of a semicontinuum model for electron trapping 
and the modification of the polarization potential in this 
model by the type of ions present in the matrix.

Electron drift mobilities are of order 2 cm2/V sec in 
aqueous glasses near 77 K and are predominately limited 
by lattice phonon scattering. At sufficiently high applied 
fields (typically 6 kV/cm) the mobile electrons can be heat­
ed above their thermal equilibrium distribution to produce 
superohmic photocurrents. The superohmic photocurrents 
are generally dose dependent which implies that Coulom- 
bic scattering makes at least some contribution to the elec­
tron mobility. The effect of radiation-produced trapped 
holes in aqueous glasses on the electron-scattering pro­
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cesses is dependent on the electrostatic nature of the hole 
and its local polarization of the matrix.
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Interactions of Aqueous Electrolytes with Nonelectrolytes. The Enthalpy of Dilution of 
Urea and tert- Butyl Alcohol in Salt Solutions
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The enthalpy of dilution of urea and tert-butyl alcohol dissolved in aqueous solutions of LiCl, CsCl, and 
tetra-n- butylammonium chloride has been measured at 25°. Both the diluting solution and the urea or 
tert-butyl alcohol solution always contained the same concentration of salt. The results are a measure of 
the effects of triplet and quadruplet terms on the enthalpy. Except for the tert-butyl alcohol in tetra-n- 
butylammonium chloride system, the effects of the triplet terms in 1  m solutions are much smaller than 
the effects of previously measured pair terms. In 1 m solutions, quadruplet terms are normally quite small. 
An equation for predicting the properties of multicomponent mixtures of electrolytes and nonelectrolytes 
is proposed. The results show the relative errors expected in the predictions of the equation.

Introduction
One of the long-range goals of a great deal of the research 

on aqueous solutions is the ability to predict the properties 
of a multicomponent mixture of electrolytes and nonelec­
trolytes in aqueous solution from as few basic measure­
ments as possible. A series of papers from this laboratory 
has dealt with methods for predicting the properties of 
mixtures of electrolytes.1’2 The present results represent a 
first step toward extending these investigations to mixtures 
containing both electrolytes and nonelectrolytes. In the 
first section of this paper, an equation is derived showing 
all of the interactions present in a mixture. This equation is 
then used to show how certain specific terms can be mea­
sured by designing an experiment which cancels out other 
terms. The second section presents the results of these 
measurements: the dilution of a nonelectrolyte in the pres­
ence of a constant concentration of an electrolyte. In a 
third section, the consequences of these measurements for 
the prediction of mixtures of electrolytes and nonelectro­
lytes are discussed. In a following paper,3 results for 
mixtures of the nonelectrolytes urea, sucrose, and glycine 
are presented.

Theory
The derivation of the equation for predicting the proper­

ties of a multicomponent solution of both electrolytes and 
nonelectrolytes starts with the McMillan-Mayer theory.4 If 
F ex is the excess free energy of a solution of volume V at a 
pressure equal to the osmotic pressure cf the solution plus 
the standard pressure (1 atm), then

- F ^ / V k T  = V 'C iC jBu  + H "c iCjckB ijk + . . . (1)
Ci and cj are the concentrations of the ith and yth species. 
Bij is a cluster integral over the species i and j. The first 
sum on the right-hand side of eq 1  is over all pairs of 
species. The second sum is over all triplets, the higher sums 
would include quartets, etc.5 In the case of ionic solutions, 
eq 1 becomes (ref 5, eq 13.44)

—F*%/V k T  =  k 3 / 1 2 tT +  Bn" c nBn{K) + . . . (2)

The first term on the right in this equation is just the 
Debye-Huckel limiting law. The second term is again the 
cluster integral sum with the cluster integrals (now func­
tions of the Debye-parameter k) multiplied by the concen­
tration set cn. The sum in eq 2 again has contributions
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from cluster integrals involving pairs of ions (B 2), triplets 
(B 3), etc. The corresponding equation under standard con­
ditions (1 atm pressure and concentration units of moles 
per kilogram of solvent) is

Gwex/R T  = DHLL + +
i<3

Z  B (i ,j ,k )m imjmk +  . . . (3)
i<j<k

where Gwex is the excess free energy per kilogram of sol­
vent and the notation i < j  means each term is taken only 
once. The pair term B(i,j) has replaced the pair cluster in­
tegral (By). The corrections necessary to change from the 
McMillan-Mayer standard state (eq 2) to the normal stan­
dard state5,6 will be ignored in this paper. The correction 
terms contribute to both pair (B(ij)) and triplet (B(i,j,k)) 
terms.7 The most important correction involves the volume 
of the species5'6 and does not change the qualitative conclu­
sions of this paper.

Although the equation is formally correct, the expansion 
in eq 3 would not be very useful for very strongly interact­
ing systems (such as micelle forming systems) because the 
series in eq 3 would be very slowly converging. In this 
paper, we shall use the separation implicit in eq 3. This is a 
reasonable separation, if (1 ) at constant ionic strength the 
properties of the solution can be represented by cluster in­
tegrals which are independent of the composition of the so­
lution; (2) only the first three terms of the expansion are 
needed to represent the properties of the solution; and (3) 
the series is converging in the sense that (B(i,j) > B (i,j,k) 
>B(iJ,k,l)).

Equation 3 could have been derived by assuming that 
the properties of the solution are represented by a power 
series in the concentrations of all components with con­
stant coefficients.8 Also, the coefficient (—B (ij))  could be 
identified with the equilibrium constant for the formation 
of an i-j pair;9 that is, - B ( i j )  = K (ij). Although this 
identification gives a simple physical picture for the inter­
actions, this picture can be misleading because an associa­
tion constant only has meaning if there is an attractive 
force between the molecules that leads to association. In 
the case of two large noninteracting molecules, the cluster 
integral gives a positive contribution to the free energy be­
cause of the excluded volume, and this would formally cor­
respond to a physically absurd, negative equilibrium con­
stant.

Equation 3 has already been used to derive equations for 
the prediction of mixtures of electrolytes.1 ’2 This is quite 
difficult because the cluster integrals (B(i,j)) are functions 
of the ionic strength in Mayer’s theory of ionic solutions. 
Once this problem is solved, however, it is not difficult to 
adapt the equations for a general mixture. This is most eas­
ily accomplished by first using previously derived equa­
tions to predict the excess free energy per kilogram of sol­
vent (Gwex) of the solution containing only the electrolytes 
(Giaex(elect)). The next step is to use eq 3 to predict Gwex 
for the solution containing only the nonelectrolytes (Gw?x- 
(nonelect)). The final step is to predict the excess free ener­
gy of transferring the nonelectrolytes from their solution to 
the electrolyte solution (ATGex). The sum of these three 
steps gives Gex for a mixture of electrolytes and nonelectro­
lytes.

The excess free energy for the nonelectrolyte solution is 
easily calculated because the cluster integrals are not func­
tions of the ionic strength, and there is no Debye-Huckel

term. However, before doing this, it will be convenient to 
change nomenclature. Accordingly, for a mixture of non­
electrolytes N,- (i = 1 , 2 . . . ) ,  we write

G w ex( n o n e le c t )  =  +
i . i

E  {N iNA }irm iw jw * + • • • (4)
i , j , k

where the sums now include all terms (both (N,-Ny| and 
(NyN,j), the species within brackets indicate the particles 
involved in the corresponding cluster integral, and the sub­
script on the brackets indicates the property being mea­
sured.

Equation 4 can be transformed back to a sum which 
counts each interaction only once, as follows

G w ex(n o n e le c t )  =  ' ^ A nfo iNj}gm im} +  
i<j

Z AnfaiNjNk}gm imjmk + . . . (5)
i<j <fc

where the coefficient for an n particle term involving n 1 
particles of species Ni, «2 particles of species N2, etc. is

A n = n \ /( n x\n2\ . . . ) (6)
The interger coefficients An added by the change in no­
menclature from eq 3 to eq 5 are necessary in order to have 
(N; N; j = (N,- Ny ) = (Ny Ny I for three cases in which species i 
is the same as species j  except for some label (such as an 
isotope) which does not affect the intermolecular forces. A 
few relationships between the coefficients in eq 3 and 5 will 
be helpful.

RTB(N,N2) =  {N jN ^ + {N2N,}, =  2{N,N2}, 

RTB(N1N2N3) =  A n a }, + {N2N,N3}f +

{N2N3N,}{ + {NtN 3N 2}f + {N3N 1N 2}i  +  {N3N2N t}, =  

6À N A } ,  -  6{N2N ,N 3}f , e tc . (7)
This nomenclature makes it easy to write approximate 
equations. For instance, if it is known that two solutes (U 
and S) are very alike in their structure and interactions 
with water, the following approximations are reasonable.

2{US}f  -  { U I 4  +  {SS},

3{USS}f  -  {UUU}f +  2{SSS}f , e t c .  (8)

Other approximations are easily derived.
The final step is to calculate the excess free energy of 

transferring the nonelectrolytes from their solution to the 
electrolyte solution (ATGex). In this step, the electrolyte so­
lution and the nonelectrolyte solution both contain 1  kg of 
water. After the transfer, the mixture of electrolytes and 
nonelectrolytes contains 1 kg of water and 1  kg of pure 
water is left over. In this step, the concentrations of all 
species and the ionic strength is constant so that the only 
interactions that change are the ones which contain at least 
one electrolyte and one nonelectrolyte. Thus, we can write

ATGex =  Z  {N4M + E  {N fX ^m  A  +

Z + Z {NiNiX*}fmimA +11 3 If 3 jk
E  {NfMyMk l m i E }E k +  Z  {NiM j X k }gm i E j E k +

i tJtk i>3*k

z  {n a -x J a A A  +  • • • (9)
i , j , k
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where the sums are over all nonelectrolytes (Ni, N 2, . . . )  all 
cations (Mi, M2, .  ..)  and all anions (Xi, X 2, . .  .)• The con­
centration Ei of an ion M,- is measured in equivalents per 
kilogram of solvent (Ei = m,|Z,|). Some of the terms in eq 9 
cannot be measured separately because of electroneutrality 
(for example, the interaction of a nonelectrolyte N with a 
salt MX includes |NM|S and |NX|g). Applying the equation 
to specific experiments shows what terms can be measured.

The terms in eq 9 all contain at least one ion and, there­
fore, the cluster integrals and the interaction parameters in 
eq 9 will be functions of ionic strength. One way of dealing 
with this problem is to note that strong ionic strength de­
pendence will occur in the Debye-Hiickel region (below 0.1 
m). The reasons for these expectations are most easily seen 
in the derivation using equilibrium constants with activity 
coefficients.9’10

When an extended Debye-Hiickel equation with a rea­
sonable distance of closest approach is used for the activity 
coefficients, it is seen that the great majority of the concen­
tration dependence occurs below m = 0.1 mol/kg. Since the 
interactions are weakest in dilute solutions, eq 9 will not be 
too far off if the parameters are measured above 0.1 m and 
assumed to be independent of ionic strength. This is partic­
ularly so because the pair term is most important and this 
term does not have a limiting law.

The equations for other thermodynamic quantities (ex­
cess heat content, excess volume, etc.) are easily derived by 
taking the appropriate derivative of eq 5 and 9.5 The result 
is identical with eq 5 and 9 with Gwex replaced by Hwex 
and |US|g replaced by {US}/, etc. The equation for HeK is 
derived using

8(Gex/ T ) / 8 ( l /T )  =  H*' (10)
So that

{NM}„ =* 8 ( { N M y r ) /9 ( l /T )  (11)

In this paper, some of the three particle terms in eq 9 are 
measured by diluting a solution of a nonelectrolyte (U = 
urea) in a salt (MX) with a solution of the salt. The equiva­
lent concentration of the salt in both solutions is constant 
(E mx)- In this experiment Hwex<elect> is unchanged. Using 
eq 5 and 9 to calculate the changes in the other terms gives 
the change in enthalpy per mole of nonelectrolyte (nu).
&H/nv — {UU}a(t?zu{ % [)  T 

{UUU}ft(w Uf2 -  raui2) +  . . . +  {UUM + UUX}ft x  

(mUf -  mVi)Eux +  {UUMM + UUMX +  UUXX}„ x  

(mUf -  m Vi)Eu x 2 + {UUUM + UUUX}„ x

(m Vt  ~  ^ U l^ M X  (12)
where muf and mui are final and initial urea molalities, n\j 
is the moles of urea present, E mx is the equivalent concen­
tration of electrolyte per kilogram of solvent ( £ mx = m m 
|^ m| = m x|Z x|) and ¡UUM + UUX}/, = ¡UUM}h + ¡UUX}/, 
etc. The first series of coefficients represent the interac­
tions of nonelectrolyte solute species with themselves: i.e., 
the interactions present in a pure nonelectrolyte solution. 
In order to evaluate the higher order interactions the data 
were fit to
EH /nv -  CxH°fnv =  {UUM + U.UX}„(mUf -  mvi) x  

Emx +  {UUMM + UUMX + UUXX}„(mUf — mvt) x  

Emx2 + {UUUM +  UUUX}*(mUf2 -  mm 2)E MX (13) 

where A H °/«u is the change in excess enthalpy if a solu­

tion of U is diluted in the same way without the presence of 
the salt MX.

Experim ental Section
A. Materials. The salts used were, with one exception, 

Fisher certified reagent grade or Baker analyzed reagent, 
all having a stated impurity of less than 0.1%. The tetra-n- 
butylammonium chloride (BU4NCI) v/as obtained from 
Eastman Kodak and carried no certification of purity. The 
tert- butyl alcohol and urea used were Fisher certified re­
agent (impurities < 0.01%). The former was recrystallized 
twice from methanol, the latter used directly from the bot­
tle. All salts were dried in vacuo for 12 hr or more over 
P 2O4 at elevated temperatures. The water impurity in tert- 
butyl alcohol was assessed by Karl Fisher titration and 
found to be negligible (<0.05%).

Nonelectrolyte-electrolyte mixtures were made up by 
weight freshly each day from pure nonelectrolyte and stock 
salt solutions.

B. Calorimeter. The calorimeter used is a commercially 
available heat flow calorimeter.1 1 ’12 Two identical 14-ml 
gold cells are arranged symmetrically inside an insulated 
aluminum block in a constant temperature air bath. The 
difference between the heats of reaction in the two cells is 
measured by rotation of the aluminum block allowing the 
two initial solutions in the two cells to intermix. The blank 
heat, which is a function of the total weight of solution in 
the calorimeter cells, was measured after each experiment 
and subtracted from the apparent heat. The uncertainty in 
the blank heat was found to be around 100 /real when dry 
cell walls were wetted in mixing and around 25 /¿cal when 
no wetting occurs. In the results reported here, 1 cal = 
4.184 J. A total of 133 experiments were performed.

C. Procedures. In preparation for a dilution experiment, 
the reaction cell is cleaned and dried. For mixings where 
the heat of wall wetting is negligible compared to the heat 
of dilution, the salt solution and salt-nonelectrolyte 
mixtures are loaded directly by syringe into opposite sides 
of the cell. For low-heat mixes, the entire cell is rinsed with 
the diluent salt solution or with the final solution from the 
previous experiment so that all walls are wetted before 
mixing. All but about 0.01 g of this solution can be removed 
from the cell prior to introduction of the solutions. The un­
certainty in the completeness of this removal process con­
stitutes a small source of error (<0.3%) in the measurement 
of the low concentration points.

Special problems arose using this method in the mea­
surement of the tert-butyl alcohol dilution because of the 
relatively high vapor pressure of this nonelectrolyte. Thus 
upon the introduction of solution to the cell, there is a 
steady transfer of tert- butyl alcohol to tne diluent side by 
diffusion through the air space which joins the two com­
partments at the top of the cell. This distillation process is 
roughly a linear function of time and the experimentally 
obtained heat was, therefore, corrected for the time elapsed 
between filling and mixing. For a few experiments, 2 hr or 
more were allowed to elapse before mixing in order to as­
sess the time dependence. The rate of distillation was 
found to be roughly 5%/hr and the equilibration time for 
most experiments was around 0.5 hr. Hence, the average 
correction was about 2.5%. The uncertainty in this rate of 
distillation is probably the largest single source of error for 
the tert-butyl alcohol dilutions.13 The heat generated by 
this distillation process fluctuated greatly, causing uncer­
tainty in the position of the intlal baseline
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In addition to the uncertainties in the blank heat of mix­
ing and those due to distillation, a third source of error was 
anticipated for all processes. The heat of transfer of water 
between the liquid and the vapor phase at the time of mix­
ing is function of the osmotic coefficient of the solutions 
before and after the mixing. However, the volume of vapor 
space in equilibrium with each initial solution is uncertain 
since the vapor space is common to both solutions. This 
uncertainty has been estimated to result in a maximum 
error in </>l of 1  cal/mol and is independent of concentra­
tion. An additional maximum uncertainty of 5 cal/mol can 
be expected in the measurement of the heats of dilution of 
tert- butyl alcohol because of the uncertainty in vapor-to- 
liquid transfer of tert- butyl alcohol in mixing.

The raw data can be seen in Table 1M in the microfilm 
edition of this paper.13 The heat of dilution data were 
weighted according to anticipated error and fitted to eq 13. 
The parameters obtained for the systems studied can be 
seen in Table I. The uncertainties tabulated are estimates 
of the 95% confidence level.13 The scatter of points ob­
served when fitting the raw data to eq 13 is reasonable with 
respect to the expected calorimetric errors. For concentra­
tions of BU4NCI higher than 0.5 m, a higher order salt-de- 
pendent term would be necessary to adequately fit the tert- 
butyl alcohol data. Without such a term, the excess heat 
predicted by eq 13 for a 1 m salt concentration would be 
about twice that found experimentally. Similarly, a dis­
crepancy of about 30% is found if eq 13 is used to predict 
the excess heat for urea in a 2 m sodium chloride solution. 
Clearly, higher order salt-dependent terms in eq 13 are 
necessary to adequately represent the behavior of Hex in 
more concentrated solutions.

The effects of the presence of a constant concentration of 
electrolyte on the excess enthalpy per mole of nonelectro­
lyte can be seen in Figures 1 and 2.13

The agreement in the heats of dilution with values found 
in the literature is satisfactory. The data for urea fall with­
in experimental error of previous results.14 The limiting 
slopes obtained of —85.87 and -82.9 compare well with the 
present result of jUUj/, = —84.4 cal kg/mol2 (see Table I). 
The limiting slope for the dilution of tert-butyl alcohol has 
been measured by Lange over a concentration range 0.1-0.3 
m and found to be 14515 compared to the present result 
¡BB)/j = 156.9 cal kg/mol2. Recently Krishnan and Fried­
man16 found for tert- butyl alcohol {BBj  ̂ = 360. Because of 
this large discrepancy an independent measurement was 
made using a different calorimeter and a different sample. 
The calorimeter17 used thin glass bulbs to hold the sample 
and did not require vapor space corrections. A dilution 
from 0.998 to 0.0186 mol/kg gave off 246 cal/mol (us. 242.5 
calculated from the results with the LKB calorimeter).

D iscu ss io n

in order to estimate the accuracy of the prediction of the 
properties of mixtures of electrolytes and nonelectrolytes it 
is necessary to assess the relative magnitude of the effect of 
the pair, triplet, and quadruplet terms. We will discuss 
their effect on the excess enthalpy of a solution in which 
each solute has a concentration of 1 m. Comparison of the 
present data with values from the literature indicates that, 
for a wide variety of solutes, the pair term makes a contri­
bution of from +300 to -300  cal/mol, triplet terms contrib­
ute ±30 cal/mol, and quadruplet terms contribute ±5 cal/ 
mol. Interactions between large nonpolar groups (BuOH- 
BU4NCI) are an important exception to this generalization,

and other exceptions involving systems where strong chem­
ical interactions occur can doubtless be found. As discussed 
below, the above generalization seems to hold whether the 
particles are charged or not, except that the interactions 
are somewhat larger if the interaction is between two ions 
of opposite sign.

Except for the interactions involving BU4NCI all of the 
triplet and quadruplet terms in Table I are in accord with 
this generalization. The triplet terms range from +36 to 
—12  cal kg2 mol-3  and the quadruplet terms range from —2 
to —5 cal kg3 mol-4. The large effects for BUOH-BU4NCI 
triplet and quadruplet terms (410 cal kg2 mol-3  and 200 cal 
kg3 mol-4) are due to the hydrophobic nature of these mol­
ecules and will be discussed below. A quadruplet interac­
tion in the urea-Bu4NCl system is also much larger than 
expected. These strong, high-order interactions may make 
a contribution to the stability of the solid complex Bu4NCl- 
6 urea and to the ability of urea to denature proteins.18

Stern and coworkers have measured the heats of trans­
ferring a variety of nonelectrolytes from water into salt so­
lutions. Their results indicate that the contribution of the 
term involving one nonelectrolyte molecule with one ion at 
1 m ranges from —66 to +204 cal/mol for ethyl acetate-al­
kali metal halide mixtures1®3 and from —225 to +106 cal/ 
mol for acetic acid-alkali halide mixtures.19b In addition, 
the NaCl-urea term is 180 cal/mol19c and the NaCl-H202 
term is —150 cal/mol.19d

Turning to the results for the interactions of nonelectro­
lytes with each other, the result in Table I for the heat of 
dilution of urea shows that at 1  m the term for two urea 
molecules contributes —84 cal/mol and the term for three 
urea molecules contributes 5 cal/mol. Similarly the heat of 
dilution of tert- butyl alcohol indicates that the pair terms 
contribute 157 cal/mol and the triplet terms contribute 89 
cal/mol at 1 m. The triplet contribution is rather high and 
again this is due to the hydrophobic bonding present in the 
nonpolar portion of the tert- butyl alcohol molecules. Ko- 
zack, Knight, and Kauzmann list data for a wide variety of 
nonelectrolytes, and these also indicate that nonelectrolyte 
pairwise and triplet terms are of the same magnitude as 
other pair and triplet terms.20

The results from a variety of measurements of heats of 
mixing electrolyte solutions indicate that the interactions 
between two like-charged ions also conform to the above 
generalizations. For the alkali halides the interactions vary 
from —196 for a combination of cesium-lithium pairwise 
interactions at 1 m to +84 for a combination of lithium- 
sodium pairwise interactions at 1 m ,21’22 For the alkali ha­
lides, it has been found that the effect of triplet terms on 
the heat content at 1  m is roughly ±20  cal/mol and that 
quadruplet terms are much smaller than this.22’23 The 
heats of dilution of electrolytes listed by Parker indicate 
that the total interactions present in 1  m solutions of the 
alkali halides varies from +296 for LiCl to —715 for 
KNO3.24 This large spread is due to the interactions of the 
oppositely charged ions and indicates that these interac­
tions are somewhat larger than the ±300 cal/mol indicated 
in the above generalization. This is not too surprising since 
there is an additional strong electrostatic attraction be­
tween these ions which should increase the interaction be­
tween them in a lm  solution.

The results for the interaction of tert- butyl alcohol with 
BU4NCI show that this behavior is quite different from all 
of the other cases studied. The triplet term is very large 
(438 cal/mol a t lm )  and higher order terms are important
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TABLE I: I n te r a c t io n  P a r a m e te r s  in  E q  13

LiCl NaCl CsCl Bu4NC1
(A) Urea as Nonelectrolyte (U); {UUj;, = —84.4 cal kg/mol2, {UUU|* = +  5 cal kg2/m ol3 

{UUM +  UUX}*, cal kg2 mol~3 25(5)« 33(2) 36(6) -16(10)
{UUUM +  UUUX);„ cal kg3 mol“ 4 -2 .0 (6 ) -2 .8 (3 )  -2 .7 (5 ) -1 .5 (1 5 )
jUUMM +  UUMX +  UU X X !a, cal kg3 mol-4 -3 .2 (9 )  -4 .3 (7 )  -4 .6 (1 2 ) +50(20)

(B) teri-Butyl Alcohol as Nonelectrolyte (B); {B B }/, = 156.9 cal kg/mol2, jBBB jh = + 8 9 .2  cal kg2/m ol3 
{BBM +  BBXJ,„ cal kg2 mol~3 10(4) 4(7) -12(12) 410(60)
(BBMM +  BBMX +  BBXXj*, cal kg3 m ok' 200(150)

« Thé numbers in parentheses are the estimated 95% confidence limits of the least significant digit. For instance, —2.0 ±
0.6 is written as —2.0(6). 1 cal = 4.184 J.

even at fairly low concentrations as evidenced by the fact 
that eq 13 will not fit the data in 1  m Bu4NC1. The magni­
tude and sign of these interactions are consistent with that 
of other hydrophobic interactions if it is assumed that the 
effect is very roughly proportional to the amount of hydro­
carbon present, i.e., the effect of a Bu4N+ ion is approxi­
mately 4 times the effect of a tert-butyl alcohol molecule. 
The heat of dilution of tert- butyl alcohol given in Table I 
indicates that triplets contribute 89 cal/mol at 1  m. Thus, 
it would be expected that the interaction of two BuOH 
molecules with one Bu4N + ion would be about 4 times this. 
The results in Table I show that it is actually 5 times this. 
Considering the gross simplification involved in the above 
assumption, this agreement is gratifying. Table I gives the 
pairwise contribution of two BuOH molecules as 157 cal/ 
mol at 1 m. Wen and Hung have measured the butane- 
Bu4NBr interaction and found 522 cal/mol at 1 m .25 Heats 
of dilution and mixing experiments indicate that the Bu4N +-  
Bu4N + interaction is about 2000 cal/mol at 1 m. These re­
sults are in the ratio of 1:3.3:13 compared to the ratio of 1: 
4:16 predicted by the above rough approximation. The t- 
BuOH-Bu4NBr pairwise interaction (2100 cal/mol) mea­
sured by Mohanty, Sarma, Subramanian, and Ahluwalia26 
is much larger than expected. The interactions in 1 m te- 
trabutylammonium butyrate measured by Levine and Lin- 
denbaum27 (5000 cal) are somewhat larger than expected 
(2700 cal).

The wide variety of free-energy measurements of non­
electrolyte-electrolyte interactions reviewed by Long and 
McDevit confirm that the free energies of pairwise terms 
are also much larger than the free energies of the triplet 
terms.28 If this were not true the plots of salt effects (log /¿) 
us. molality would show substantial curvature. The recent 
results of Spink and Sehrier29 show that below 0.1 m, the 
free-energy term involving an acetone molecule with potas­
sium and chloride or sodium and chloride ions increases by 
3 or 4%. This effect could be due to changes in the activity 
coefficients of the ions below 0.1 m.

It should be noted that the above comparison depends 
on the standard concentration (1 m). If the interactions 
were compared at 0.1 m instead of 1 m, the contribution of 
pair terms would be reduced by a factor of 10  while the 
contribution of triplet terms would be reduced by a factor 
of 100.

The signs and relative magnitudes of the contribution of 
various triplet and higher order terms to the excess enthal­
py show trends which correlate well with other properties 
of these solutes. Such trends are often rationalized in terms 
of the solute-water-structure-alteration characteristics of 
the various ions. Because the interaction of two or more so­
lute species would be expected to result in a transfer of sol­
vent from solute cospheres to the bulk, it would be predict­

ed that the change in excess enthalpy associated with this 
transfer would reflect in part the changes in water struc­
ture. Since all salts in the present study contained the same 
anion, it is reasonable to attribute the differences between 
these chloride salts to the cation contributions.

For contributions to the excess enthalpy, the following 
trends are observed (B = tert- butyl alcohol, U = urea): 
(B,B,Bu4N+|fe »  (B,B,Li+U > ¡B,B,Na+U > {B,B,Cs+jh; 
¡U,U,Cs+}/i >  ¡U,U,Na+U >  jU,U,Li+}„ >  |U,U,Br4N +K; 
|U,U,U,Bu4N+}A > jU,U,U,Li+ta > {U,U,U,Na+U «  
¡U,U,U,Cs+!h. While the cation trends are intriguing, it is 
well to remember that these effects reflect a complex and 
poorly understood physical phenomenon and any further 
speculation on the reasons for these trends is of question­
able value. However, trends like this should be quite useful 
in estimating interaction constants that have not been 
measured. For instance ¡BBK+j/, should be between 
{BBNa+U and jBBCs+U-

The fact that the majority of triplet terms measured in 
this study are comparatively small shows that predictions 
of the properties of electrolyte-nonelectrolyte mixtures can 
be made with reasonable accuracy if all pairwise terms are 
included. Thus reasonable predictions are possible with the 
knowledge of only a few interactions.
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Heat of Mixing Aqueous Nonelectrolytes at Constant Molality. Sucrose, Urea, and 
Glycine1

R. B. Cassel and R. H. Wood*

Department o f Chemistry, University o f Delaware, Newark, Delaware 19711 (Received April 22, 1974)

The heat of mixing aqueous solutions of sucrose, urea, and glycine at constant molality (m = 0.1-1.0) has 
been measured at 25°. Equations are developed for separating the various terms of a power series expan­
sion of the excess enthalpy. The leading terms are the pairwise interaction constants for like and unlike 
pairs. In the three cases reported the enthalpy effects of two unlike solutes are always more positive than 
the effect of either solute with itself (¡N,N; )/, > j N, N, or {NjN/}/,). The result of this is that all enthal­
pies of mixing are positive. This is quite different from the sign rule observed in mixtures of electrolytes.

In trod u ction

The prediction of the properties of a multicomponent 
mixture of electrolytes and nonelectrolytes from as few 
basic measurements as possible is one of the long-range 
goals of a great deal of research. In the preceding paper,2 a 
general equation for predicting the properties of a mixture 
were derived. Also reported were The results of experiments 
on mixtures of electrolytes and nonelectrolytes which gave 
information about the sign and magnitude of some three 
and four particle terms in these mixtures. The present 
paper reports results on mixtures of nonelectrolytes. A 
method is presented for measuring the sign and magnitude 
of the heat effect caused by pairwise interactions between 
solutes with different effects on the structure of water. 
There are several previous investigations of mixtures of two 
nonelectrolytes in water but these either do not cover a low 
enough concentration to allow reliable estimation of the 
pairwise interactions3“ 11 or are limited in accuracy because 
of the type of calorimeter used.3c_e This is surprising since 
results in this area are much more ameanable to interpreta­
tion than the results for the corresponding mixtures of 
electrolytes which have been extensively investigated. The

corresponding free energies of mixtures of nonelectrolytes 
in water have received somewhat more attention. 3f-J

E x p e r im e n ta l S ec tio n

Sucrose and urea were Fisher certified ACS grade having 
an analyzed total impurity of less than 0.06 and 0.0 1%, re­
spectively. Glycine was obtained from J. T. Baker Co. and 
was Ultrex certified reagent assayed to be 99.9% pure with 
less than 0.02% analyzed impurity. Karl Fischer titrations 
indicated a maximum water content of 0.02, 0.06, and 
0.06% by weight for sucrose, urea, and glycine, respectively. 
Nonelectrolyte solutions were prepared by weight fresh 
each day to avoid bacterial decomposition. Calculation of 
the fractional ionization of glycine indicated a negligible 
contribution to the heat of mixing.

The calorimeter and procedure have been described in 
the previous paper.2 The reaction vessel consists of a gold 
cell having two compartments (3- and 5-ml capacity) ad­
joining at the top by a 5-ml vapor space. The two nonelec­
trolyte solutions are loaded by syringe into the two com­
partments and allowed to thermally equilibrate. Mixing is 
initiated by rotation of the cell. For small heats the gold
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cell walls are wetted with one, or a mixture of both nonelec­
trolyte solutions to avoid the substantial and irreproduci- 
ble heat of wall wetting. The amount of solution left on the 
walls is reproducible2 so the composition of the two solu­
tions being mixed can be calculated.

Results
The calorimetric data appear in Table I. The major 

source of experimental uncertainty at high concentrations 
is the heat associated with the transfer of solvent between 
the solution and the vapor space. For small heats, such as 
those of mixing at low concentration, the greatest uncer­
tainties are due to the irreproducibility of the heat associ­
ated with the mechanical intermixing process and baseline 
instability. By a comparison of qexpt and q caicd in Table I 
the scatter of points from a smooth curve can be seen to be 
less than 1% for large heats. The heat of mixing solutions of 
two pure components can be represented by the equation

= ~q =
yA(l -  yA)m2W[RTho + RThi(l -  2yA)] (1)

where y a is the mole fraction of the solute with the higher 
molecular weight, m is the total solute molality of the ini­
tial and final solutions, W is the total weight of water, 
RTho is a measure of the magnitude of the interaction at y 
= '//, and RTh i is a measure of the asymmetry (skew) of 
the mixing curve. This equation is analogous to that used 
to describe mixtures of electrolytes.4 In fitting the actual 
calorimetric data in Table I, eq 1 was used to calculate q j, 
q n, and q f (the heats of forming the initial solutions (I and
II) and the final solution from the pure components). The 
calculated heat from the actual experiment is then q$ — qi 
— q ii and a least-squares procedure is used to adjust RTh0 
and RTh i to minimize the difference between experimen­
tal and calculated heats. The values for the parameters 
which best fit this data are given in Table II.

The data treatment is entirely analogous to that used for 
interpreting heats of mixing electrolyte solutions5 and the 
interactions can be related similarly to cluster inte­
grals.2’4’6’7 The nomenclature is the same as that used pre­
viously.2

The equation for the excess enthalpy per kilogram of sol­
vent (H ex/W ) analogous to eq 4 of ref 2 is
H*x/W  = +

i t  3

Z  ithm imj mk + • ■ • (2)
i , i t k

where the sums include all terms (both {N;N/}/, and 
{NyN/}/,), mt is the molality of species N„ the species with­
in the brackets indicate the particles interacting, the sub­
script h indicates it is the enthalpy of interaction, and the 
sum is over all species. If all of the terms in eq 2 for the in­
teraction of n urea molecules (U) and m sucrose molecules
(S) are collected, the result is

¿ | + ^ V smW ^ s m 0 )
For the mixing process in eq 1, the excess enthalpy of the 
final solution containing 1  kg of water, y§m molal sucrose
(S), and (1 — ys) m molal urea (U) is

= { S S ^ m 2 + {UU}„(1 -  ys )2m2 +

2 {s u kVs(l -  ysW  +  {SSS}„ys3m3 + 
{UUU}*(1 -  ys)3m3 + 3{ S U U j^ a  -  ys)2m3 +

3 {SUU}ys 2( l -  ys )m3 + . . . (4)

Similarly, the excess enthalpy of the initial solution con­
taining y s  kg of water and m molal sucrose is

Hex = ys {{SS}„m2 + {SSS}„m3 + . . .}  (5)
The excess enthalpy of the initial solution containing (1 — 
ys) kg of water and m molal urea is

H°* =  (I -  ys ){{UU}„m2 + {UUU}„m3 + . . .}  (6)

Combining eq 4, 5-6 to calculate the excess enthalpy of 
mixing per kilogram of solvent (AmH ex/W) gives
AmH*'/W  =  ys ( l -  y s )m 2[(2{SU -  SS -  UU}„) +

(3m/2)({SSU + SUU -  SSS -  UUU}„) +

(1 -  2y3)(m)('/2{SSS -  UUU}„ +
%{EUU -  SSU}J (7)

where {SSU + SUU -  SSS -  UUU}/, = (SSU)ft + (SUU}/, -  
{SSS}/, — ¡UUU}/, etc. Comparison of this equation and eq 6 
shows that
RTh, = (2{SU}„ -  {SS}„ -  {UU}*) +

(3m/2)({SSU} + {SUU} -  {SSS} -  (UUU}„) (8)

and

RThi = m (y2{SSS -  UUU}„ + 3/ 2{SUU -  SSU}„) (9)
Table II gives the results of a least-squares fit of the data in 
Table I to eq 1. According to eq 8, a plot of RTh0 vs. m (see 
Figure 1) gives an intercept of 2jSU}/, — {SS}/, — (UU) and a 
slope of %|SSU + SUU — SSS — UUU)/,. Similarly from eq 
9 a plot of RTh i vs. m should have an intercept of zero and 
a slope of %(SSS -  UUU}/, + %jSUU -  SSU}/,.

The above equations together with measurements of the 
heats of dilution of pure nonelectrolytes allow the determi­
nation of all of the individual pairwise and triplet terms. 
This is done using eq 8 and 9 for the mixtures together with 
eq 2 applied to a solution with only one solute. When only 
one solute is present (urea) eq 2 becomes

He*/n =  cpL = { U U lw / + {U U U > V  + . . .

The heats of dilution of sucrose8 and urea2 yield |UU} = 
—84 and (SS| = +137. Equation 8 shows that a plot of 
RTh o vs. m for the sucrose-urea mixtures yields an inter­
cept 2{SU} — jSSj — ¡UUj = 340 cal mol-2  kg. Combining 
these results gives ¡SUj = +197. The results of similar cal­
culations for the measurements reported in this paper are 
given in Table III together with the sources of the single so­
lute data.9

If heats of dilution are used to classify solutes as struc­
ture making or structure breaking,10’11 then structure-mak­
ing solutes are ones which have positive excess enthalpies 
at low concentrations and structure-breaking solutes are 
ones that have negative excess enthalpies at low concentra­
tions. On this basis, glycine and urea are structure break­
ers, while sucrose is a structure maker. An examination of 
the results in Table II shows that the enthalpy effects of 
two unlike solutes is more positive than the effect of either 
solute with itself; that is (SUjh = 197 is more positive than 
¡SS}/, = 137, or ¡UU}/, = -84 . Similarly ¡SG}/, = 148 is more 
positive than ¡SS}/, = 137 or ¡GG}/, = 107. When the two 
similar solutes are mixed the interaction is a little more 
positive than either of the other two interactions. Esti­
mates of the appropriate correction factors show that this 
is also true in the McMillan -Mayer standard state.6 The 
result is that all of the AmH  are positive. For the two mix­
ings involving unlike solutes AmH  is large and positive and
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TABLE I: Calorim etric D ata for Heats o f  M ixing o f Aqueous Nonelectrolyte
Solutions at 25 ° and Constant M olality

Molality,
mol/kg WaI ,6 g VFbI, g WjJl, g WBII, g — <ZexPt,c meal Scaled» meal

1 .0 0 4.152
Sucrose (A)"—Urea (B) 

2.566 0 396.6 395.3'
1 .0 4.394 0 0 1.879 351.7 353.8
1 .0 2.779 0 0 2.044 306.5 307.3
1 .0 0 .0 1 3.734 2.538 0 .0 1 375.0 374.7
1 .0 4.788 0 .0 1 0 .0 1 1.819 354.1 352.9
0.5 0 4.437 1.960 0 97.1 98.0
0.5 0 .0 1 4.471 1.849 0 .0 1 93.0 93.0
0.5 2.997 0 .0 1 0 .0 1 2.588 102.9 101.9
0.5 0 .0 1 2.702 2.658 0 .0 1 106.5 83.1
0.5 4.533 0 .0 1 0 .0 1 1.455 83.4 88.5
0.5 4.668 0 .0 1 0 .0 1 1.567 87.7 92.4
0.5 0 .0 1 4.475 1.831 0 .0 1 92.2 106.2
0 .2 3.088 0 .0 1 0 .0 1 2.428 17.41 17.22
0 .2 2.758 0 .0 1 0 .0 1 2.351 16.61 16.56
0 .2 0 .0 1 4.270 1.694 0 .0 1 15.01 15.13
0 .2 0 .0 1 4.342 1.836 0 .0 1 15.98 16.12
0 .2 0 .0 1 4.388 1.782 0 .0 1 16.61 15.82
0 .2 4.594 0 .0 1 0 .0 1 1.681 15.17 15.74
0.2 4.371 0 .0 1 0 .0 1 1.578 14.64 14.82
0 .1 0 .0 1 4.189 1.723 0 .0 1 3.90 3.83
0 .1 4.472 0 .0 1 0 .0 1 1.801 3.82 4.08
0 . 1 2.729 0 .0 1 0 .0 1 2.553 4.28 4.17
0 .1 0 .0 1 3.846 2.195 0 .0 1 4.51 4.96
0 .1 4.354 0 .0 1 0 .0 1 2.051 4.45 4.43

1 .0 4.824 0
Sucrose (A)-Glycine (B) 

0 1.844 269.9 272.1
1 .0 0 4.047 1.747 0 224.0 226.7
1 .0 3.548 0 0 2.825 309.8 308.9
1 .0 5.178 0 0 1.894 283.0 283.4
1 .0 0 4.684 2.186 0 281.6 277.8
0.5 4.645 0 0 1.816 75.4 76.0
0.5 0.00 4.309 1.752 0 69.1 68.8
0.5 4.261 0.00 0 1.865 75.1 75.3
0.5 0.00 4.198 2 . 1 1 2 0 78.6 78.1
0.2 4.241 0.0 0 .0 1 2.360 15.08 15.14
0.2 4.448 -0 .0 1 0 .0 1 2.336 15.51 15.25
0 .2 0 .0 1 4.277 2.304 0 .0 1 14.82 14.67
0 .2 0 .0 1 4.272 2.414 0 .0 1 14.77 15.12
0 .1 0 4.123 2.420 0 3.94 4.15
0 . 1 4.266 0 .0 1 0 .0 1 2.058 3.55 3.51
0 . 1 0 .0 1 4.106 2.203 0 .0 1 3.58 3.59
0 .1 0 .0 1 4.173 2.213 0 .0 1 3.70 3.62
0 .1 4.197 0 0 2.310 3.93 3.80

1 .0 0 .0 1 4.227
Glycine (A)-Urea (B) 

1.610 0 .0 1 38.92 39.30
1 .0 4.224 0 .0 1 0 .0 1 1.767 42.22 42.27
1 .0 0 .0 1 4.296 1.727 0 .0 1 42.82 41.54
1 .0 4.375 0 .0 1 0 .0 1 1.858 44.65 44.26
1 .0 2.668 0 .0 1 0 .0 1 2.074 40.40 39.46
1 .0 2.853 0 .0 1 0 .0 1 2.620 44.28 46.24
0.5 0 4.052 2.177 0 .0 1 11.39 11.62
0.5 4.325 0 .0 1 0 .0 1 1.974 11.15 1 1 . 1 0
0.5 0 .0 1 4.407 2.291 0 .0 1 12.48 12.32
0.5 2.690 0 .0 1 0 .0 1 2.501 10.74 10.59
0.5 2.655 0 .0 1 0 .0 1 2.274 9.86 10 .00
0 .2 0.0 4.317 2.247 0 .0 1 1.73 1.81
0.2 4.477 0 .0 1 0 .0 1 2.273 1.83 1.85
0.2 0 .0 1 2.769 2.647 0 .0 1 1.78 1.65
0 .2 0 .0 1 2.500 1.995 0 .0 1 1.67 1.69

“ Component A is the solute with the higher molecular weight. b The weights of components A and B are designated Wa 
and WB, respectively. The 4- and 2-ml compartments are designated I and II, respectively. For example, in the last ex­
periment listed in the table, a solution made by mixing 0.01 g of 0.2 mol/kg of glycine solution with 2.500 g of 0.2 mol/kg of 
urea solution is mixed with a solution made by mixing 1.995 g of 0.2 mol/kg of glycine solution and 0.01 g of 0.2 mol/kg of 
urea solution. The heat absorbed is 1.67 meal. c 1 cal = 4.184 J.

for the mixing involving like solutes AmH  is small and posi- trends continue when a wide variety of solutes is measured,
tive. A lot more data will be needed ;n order to see if these Ellerton and Dunlop measured the free energy of the su-
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m
Figure 1. Values of RTh0 (cal mol-2  kg) plotted vs. molality (mol 
kg-1 ) for various mixtures of nonelectrolytes.

crose-urea-water system using the isopiestic technique.31* 
Their results can be compared with the present results 
after converting to the same nomenclature. Using standard 
thermodynamics transformations on eq 4 of ref 2 (the free- 
energy analog of eq 2) gives for the osmotic coefficient, <j>, 
of a urea-sucrose mixture 
RT(mv + ms){ 1 -<£>) =  -2{US}fra„ms -

{UU\ m v2 -  {SS}f V  -  6{USS}gmv ms * -

ejSSU^m^mu -  2{UUU}i w IJ3-  2{SSS}i ms 3 

and for the activity coefficient of urea, y\j, in a mixture 

RT  In yu = 2{US}f w s + 2{UU},m„ +
3{USS}fms 2 + 6{UUS}smuWs + SfUUU} ^ 2 + . . . 

and for the change in osmotic coefficient on mixing 

A  =  (m„ + ms)<t>mix -  mu<pv° -  ms (frs ° = 
(2{US}i müw s + 6 {USSĵ TWuWZg2 +

6 + . . ,) /R T
where 4>\j° is the osmotic coefficient of a urea solution of 
molality m\j. Using these equations and the data of Eller - 
ton and Dunlop gives jSS^ = 42 Cal mol kg"2, jUU}g = —26 
cal mol-2  kg, and |US|g = —37 cal mol-2  kg. These free- 
energy terms are smaller than the corresponding heat 
terms. Furthermore, the free-energy effect for two unlike 
solutes is more negative than the effect of either solute 
with itself. This is in contrast to the enthalpy data where 
the unlike solutes give positive enthalpies.

TABLE II: I n te r a c t io n  P a r a m e te r s  fo r  H e a ts  o f  
M ix in g  N o n e le c tr o ly te  S o lu t io n s  a t  25°

RTh0,a RThi,b
System Molality cal mol-2 kg cal mol-2 kg

Sucrose (A)- 1 .0 308 (2)'d 2 (6)
Urea (B) 0.5 325(2) - 1 (6)

0 .2 332(8) 1 2 (22)
0 . 1 326(14) 19(43)
0.0 340'

Sucrose (A)- 1 .0 234(3) 2 (10 )
Glycine (B) 0.5 250(2) 3(4)

0 .2 260(11) -6(37)
0 .1 260(14) -14(47)
0.0 266'

Glycine (A)- 1 .0 36.5(13) 0(4)
Urea (B) 0.5 34.2(9) 0(3)

0 .2 31(4) -1(14)
0.0 32'

“ See eq 1 and 8 . 6 See eq 1 and 9. ' Extrapolated from
results at higher concentrations. d The number in paren­
theses is the estimated 95% confidence level of the last 
digit. Thus 34.2(9) is 34.2 ±  0.9.

T A B L E  III: E n th a lp y  E ffec ts  o f  P a irw ise  In teractions'*

S

S 137b
u 197“
G 148

• S = sucrose, U = urea, G = glycine. The table lists 
{AB}/, (cal mol2 kg) under the column labeled A and row 
labeled B. For instance, {SU)a = 197 cal mol-2 kg. * Ref­
erence 8. c Reference 2. d F. T. Gucker, Jr , H. B. Pickard, 
and W. L. Ford, J. Amer. Chem. Soc., 62, 2698 (1940).

It is interesting to note that the present results are also 
quite different from the results observed for electrolyte so­
lutions. Young, Wu, and Krawetz12 proposed that solutes 
could be divided into two categories and that mixing simi­
lar solutes gave positive enthalpies and mixing unlike so­
lutes gave negative enthalpies. This rule predicts the cor­
rect sign for a large number of electrolyte mixtures.13 
Clearly the structural classification is too simple and a 
great deal more data will be necessary if these effects are to 
be unraveled.

It is possible to use the above equations to get individual 
values for all of the triplet interactions ({SUUj, ¡SSU j, etc.) 
but this is not too important at the present time, in view of 
our lack of understanding of even the pairwise interactions 
as well as the fairly large error involved in measuring the 
triplet terms.

The enthalpy effect of the pairwise terms between unlike 
solutes in Table III varies from —80 to +197. This is rough­
ly the same order of magnitude of the effects of two identi­
cal solutes which vary from -107  to +137 for the solutes in 
Table III. An examination of the results in Table II shows 
that the triplet terms are an order of magnitude smaller. 
The magnitude of these interactions are in accord with the 
results for the pairwise and triplet terms of nonelectrolytes 
with electrolytes given in the preceding paper.2 As a rough 
rule, pairwise terms contribute ±300 cal/mol at 1 m and 
triplet terms contribute ±30 cal/mol at 1  m. This indicates 
that fairly accurate predictions of mixtures of nonelectro­
lytes could be made even if the triplet terms were not mea­
sured. With the availability of more data, it may be possi­
ble to predict some pairwise interactions from a knowledge 
of similar pairwise interactions.
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Rigorous equations are presented to relate micelle size, the critical micelle concentration, and other micel­
lar properties to a size-dependent free energy of micellization. For micelles formed in aqueous solutions of 
amphiphiles the free energy can be split into an attractive hydrophobic part and a repulsive part resulting 
from head group interaction. With the conclusion reached in an earlier paper, that micelles are likely to 
have an ellipsoidal shape, the hydrophobic component of the free energy and its dependence on micelle size 
are readily estimated in terms of the area of contact between the hydrophobic core of the micelle and the 
solvent. The repulsion between polar head groups cannot at present be calculated, but it is shown that 
quite simple expressions for its dependence on surface area (and thereby on micelle size) can account for 
the experimentally observed parameters of diverse ionic and nonionic micelles. No matter what form of the 
repulsive function is used, oblate ellipsoids prove to be thermodynamically favored over prolate ellipsoids 
for most micelles. Experimental evidence to the contrary is discussed. There are alternative interpretations 
of these data, and it is not possible to conclude whether or not they represent a real discrepancy from the 
theoretical prediction.

This paper presents a theoretical treatment for the asso­
ciation of simple amphiphiles to form micelles in aqueous 
solution. The theory explicity allows for the variation of 
micelle properties with micelle size and for the size hetero­
geneity of micelle populations. The overall approach may 
be outlined as follows.

(1) Experimentally observable parameters, such as opti­
mal micelle size, micelle size distribution, critical micelle 
concentration, and their dependence on amphiphile con­
centration, are related to a size-dependent free energy of 
micellization by equations that are completely rigorous ex­
cept for the trivial assumption of ideal solution behavior 
for monomeric amphiphile. These equations may be used 
as a framework for any theoretical model for the size-de- 
pendent free energy, or they may be employed to deduce 
the properties of the free-energy function from experimen­
tal data.

(2) An approach to the theoretical calculation of the free 
energy of micellization is made for simple amphiphiles con­

sisting of a single aliphatic hydrocarbon chain with a termi­
nal hydrophilic group. For these substances the free energy 
of micellization is split into separate attractive and repul­
sive components. The attractive component is taken as 
arising entirely from the hydrophobic effect, which seeks to 
minimize contact between hydrocarbon and water, and is 
assumed independent of the head group. Both components 
depend on micelle size and this dependence is here related 
to the dependence of surface area on micelle size. The ellip­
soidal model presented previously2 is used for the calcula­
tion of surface areas.

(3) Numerical estimates of the hydrophobic component 
of the free energy can be made within narrow limits on the 
basis of experimental data for hydrocarbons and their de­
rivatives. Small adjustments within these limits are made 
on an empirical basis. Since this component of the free en­
ergy is the same for all amphiphiles, the repulsion between 
the polar heads becomes the critical factor determining the 
unique properties of both ionic and nonionic micelles. This

The J o u rn a l o f  P h y s ic a l C h e m is try , V o i. 78, No. 24, 1974



2470 Charles Tanford

factor cannot be theoretically evaluated at the present time 
and what is done in dealing with it is to consider possible 
functional relationships between the repulsive free energy 
and surface area, and what effect they have on micelle for­
mation. Quite simple expressions for the repulsive free en­
ergy turn out to be able to account for most types of experi­
mentally observed behavior.

(4) Although quantitative predictions for any given mi­
celle-forming system cannot be made until the free energy 
of repulsion can be evaluated specifically for the head 
group of that system, some general conclusions can be 
drawn from calculations based on the simple functional 
relations that have been used. The most important of these 
is that a disk-like shape is predicted to be more stable than 
a rod-like shape for nearly all micelles.

A preliminary paper applying some of the principles 
used here to two ionic micelles has been published.3

Thermodynamic Formulation
The properties of micelle-forming systems are deter­

mined by equilibria between monomeric amphiphile (Z) 
and aggregates of variable size (Zm). Assuming thermody­
namic ideality, they can be represented by a set of equilib­
rium constants

Km = [Zm]/[Z ]m (1)

It is desirable to express concentrations in mole fraction 
units so as to obtain free energies in unitary units.4-5 We 
shall use X  i to represent the mole fraction of amphiphile 
in monomeric form and X m to represent the mole fraction 
of amphiphile contained in micelles of size m, i.e., X m = 
m[Zm], so that

Km = X j m X f  (2)
Similarly, it is convenient to write the free energy of micel- 
lization in terms of the unitary free enfrgy of transfer 
(AGm°) of a single amphiphile molecule from the mono­
meric state to a micelle of size m, so that —RT  In Km = 
mAGm°. The fundamental equation for micelle formation 
then becomes

In Xm — —mAGm°/RT  + m In X x + In m (3)
The assumption of thermodynamic ideality in the deri­

vation of these equations is not a serious limitation. Noni­
deal behavior of monomer can be taken care of by replacing 
X  i by the corresponding thermodynamic activity. Ideality 
of the micellar species is in fact not assumed unless we con­
sider Km or AGm° to be constants independent of all vari­
ables other than m. We shall actually consider AGm° to be 
a function of environmental variables as well as micelle 
size, so that all departures from ideality are implicity al­
lowed for. For example, counterion binding to ionic mi­
celles is reflected in an effect of counterion concentration 
of AGm°. Most of the sample calculations to be carried out 
apply to dilute solutions and it is practical to take AGm° to 
be independent of amphiphile concentration; but a concen­
tration-dependent term can be included to allow for inter- 
micellar interaction at high concentrations.

Equation 3 is a distribution function, giving the amounts 
of amphiphile incorporated into micelles of various size. An 
optimal size m* can be defined for any given experimental 
conditions by setting the derivative of In X m with respect 
to m equal to zero. The derivative is of course taken at con­
stant X i  since all micelles are in equilibrium with same 
monomer concentration. The result obtained is that m * is 
that value of m for which

=  RT  In X, -  AGm° + —  (m =  m*) (4)
d m  m

Combining eq 3 and 4 gives an alternative expression

=  ^ ( l  + In X  -  In m) (m = m*) (5)
d m  m c

which is more useful than eq 4 when the critical micelle 
concentration (cmc) is unknown and one of the objectives 
is to calculate it.

The total stoichiometric concentration of amphiphile in 
a solution is given by

Xtotal =  * 1  + XX (6)
m=2'

and the number and weight average degrees of association 
by

™„ =  X X / X X / ™  (?)
m= 2 m= 2

- I l mXm/ Y<Xm W
m - 2 m =2

The cmc cannot be uniquely defined, as is well known.5 It 
will be defined here as that value of X  totai at which ~LXm 
represents 5% of X  totai-

The foregoing equations can be used to predict micelle 
behavior if AGm° is known as a function of m or they can 
be used to deduce AGm° from experimental data. In either 
case it is to be kept in mind that X  j can have only a narrow 
range of values if micelle concentrations are to be within 
reasonable limits. Equations 3 and 6 give X totai as a func­
tion of X  i and thereby allow properties such as the optimal 
micelle size to be expressed as a function of total amphi­
phile concentration. A convenient procedure for making 
calculations using any assumed free-energy function is 
given in the Appendix. All calculations were made for a 
temperature of 20°.

M icelle Dimensions
For simple amphiphiles consisting of a single hydrocar­

bon chain with a terminal hydrophilic group there is coop­
erative association between alkyl chains to form the micelle 
core, which resembles a liquid hydrocarbon droplet.5 The 
hydrophilic head groups extend from the core into the 
aqueous medium and it is the force of repulsion between 
them that limits the size to which micelles can grow. The 
dominant factor in the consideration of micelle shape is the 
fact that one dimension of the hydrocarbon core cannot ex­
ceed the length of two fully extended alkyl chains. This im­
mediately precludes the possibility that micelles in the nor­
mally observed size range can be spherical.2-6 Since there is 
no other obvious reason for an irregular shape it is simplest 
to assume that the micelle core is an oblate or prolate ellip­
soid of revolution, with minor axis b limited to being less 
than the maximal extension lmax of an amphiphile alkyl 
chain, while the major axis a can grow indefinitely.

The expected value of b can actually be fixed more close­
ly. Free-energy calculations of the kind described below 
show that the sum of the hydrophobic and repulsive free 
energies is minimized by setting b = lmax, but the variation 
with b is small in comparison with the dependence of the 
configurational energy of the alkyl chain on its end-to-end 
distance. The actual length of the alkyl chain in the micelle 
is thus expected to be close to the optimal length based on 
configurational energy alone, which can be estimated from 
the work of Flory and coworkers7 with the results given in 
Table I. These estimates are very approximate because
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TABLE I: L e n g th  o f  F le x ib le  H y d ro ca rb o n  C h a in  
E q u iv a le n t to  M in o r  E llip so id  A x is“

Alkyl
chain n c ¿max̂ P b  p i  max
c 8 7 10.355 0.83 8.59
C,0 9 12.885 0.79 10.18
C,* 1 1 15.415 0.75 11.56
C14 13 17.945 0.71 12.74
Cie 15 20.475 0.67 13.72

“ Distances are in angstroms. The parameter p is the 
ratio of a flexible to a fully extended chain, obtained by ex­
trapolation of the calculated distances of Flory7 to room 
temperature. The values must be considered quite approxi­
mate. b From the relation Zmax = 1.5 +  1.265m; given pre­
viously.2

Figure 1. Surface area per amphiphile molecule for micelles formed 
by dodecyl derivatives (nc =  1 1 ) a s  a function of aggregation num­
ber (m) and the distance (or in Â) from the hydrocarbon core sur­
face. The value of m = 20 corresponds to a spherical micelle with 
radius equal to b.

Flory’s data refer to 140° and his temperature coefficient is 
not applicable to a wide temperature range, but since the 
calculated micelle characteristics are quite insensitive to 
the choice of b this is not important. Some of the free-ener- 
gy calculations have been repeated with the values of p in­
creased by 0.05 above those in the table, with no significant 
effect.

One additional assumption has been made. It has been 
assumed that the CH2 group adjacent to the polar head 
group lies within the hydration sphere of the head group 
and thus does not have hydrophobic properties.5 The num­
ber of carbon atoms (n c) of the alkyl chain that enter into 
formation of the hydrophobic core is thus one fewer than 
the total number, as shown in Table I.

The volume of the hydrophobic core (in A3) for a micelle 
containing m alkyl chains is given by2

v =  m (27.4 + 26.9wc) (9)
Combining this with the value of b given by Table I fixes

the major semiaxis a and all other dimensions for given 
values of m and n <> Only the choice between prolate and 
oblate ellipsoids remains.

The dimension of greatest interest is the surface area. 
The area desired is however usually not the area of the hy­
drophobic core per se, but rather the area at some distance 
outside the core, e.g., at the distance of closest approach of 
water molecules (1.5 A) or at the position where the charges 
of ionic head groups are located. To calculate these areas 
we have used ellipsoids with semiaxes a + 5r and b + ôr, 
where ôr is the distance from the core surface. These ellip­
soids are not confocal with the ellipsoid of semiaxes a and 
b, so that they do not quite correspond to surfaces that are 
at all points equidistant from the core surface, but they 
provide a good approximation. Total surface areas have 
been divided by m to provide the surface area A per am­
phiphile molecule. This area decreases as m increases as 
shown by the typical results provided in Figure l ,8 but lev­
els off at higher areas for prolate than for oblate ellipsoids. 
Since diminution of the area of contact between the micelle 
core and water is the major driving force leading to micelle 
formation, this difference will be seen to lead to the predic­
tion that large micelles will normally be more stable as ob­
late rather than prolate ellipsoids.

As has been pointed out previously3’9 the surface of the 
hydrophobic core of a micelle is expected to be undulating 
rather than smooth. This property is incorporated into the 
theory indirectly, as shown below, and no attempt has been 
made to calculate directly the effect this would have on the 
value of A at a given distance from the core surface.

Hydrophobic Contribution to the Free Energy

For simple alkyl derivatives it is realistic to approach the 
calculation of AGm° by separation of the contributions 
from the hydrophobic effect and from head group repul­
sion. We thus write

AGm° =  A Um° + (10)

where A Um° (which will be negative) is the free-energy 
change associated with the transfer of the alkyl chain from 
the aqueous medium to the core of a micelle of size m, and 
Wm (which will be positive) is the free energy associated 
with the relatively close approach of head groups to each 
other. The calculation of AUm° will be considered first. It 
is readily estimated from experimental data to within 10-  
20%. Adjustments within this uncertainty have been made 
so as to obtain numerical data within the range of observed 
micellar properties.

The critical factor in the estimation of AUm° is the rec­
ognition that complete removal of alkyl chains from con­
tact with water is not achieved when micelles are formed. If 
hydrocarbon chains were closely packed, perpendicular to 
the core surface, all contact with solvent would be avoided. 
The surface area per chain would then be 21 A2.10 As Fig­
ure 1  shows, micellar surface areas are larger than this, 
even for quite large values of m. The excess area must rep­
resent residual area of contact with the solvent, and reduc­
tion in this area is the driving force for micelle growth.

The free energy of contact between water and alkyl 
chains has been shown empirically (near room tempera­
ture) to follow very simple rules. When n -alkyl derivatives 
are transferred from water to a liquid hydrocarbon the free 
energy of transfer includes a contribution of —2100  cal/mol 
per CH3 group and a contribution of —850 ±  50 cal/mol per 
CH2 group.5 A more general relation, applicable to cyclic
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and branched chains, as well as linear ones, relates the free 
energy of transfer to the surface area of contact between 
water and hydrocarbon in the aqueous phase: the free ener­
gy of transfer is —25 ± 5 cal/mol per A2 of surface mea­
sured at the distance of closest approach of water mole­
cules to the hydrocarbon.1 1 ’12 In applying these results to 
the transfer of alkyl chains to the micelle interior it must 
be recognized that the chains in a micelle are more con­
strained than they would be in bulk liquid hydrocarbon. 
Wishnia’s measurements of the solubility of small hydro­
carbon molecules in sodium dodecyl sulfate micelles13 indi­
cate that this constraint has a significant effect on the free 
energy. The effect should be greater for incorporation of 
the alkyl chain of an amphiphile into a micelle because it is 
anchored at one end to the head group. A positive contribu­
tion of 100-200 cal/mol per C atom for a linear chain is a 
reasonable estimate. (The final figure chosen was adjusted 
on the basis that the coefficient of nc in eq 1 1  below repre­
sents the major part of the derivative of RT  In cmc with re­
spect to chain length.)

The empirical observations of the preceding paragraph 
suggest a separation of AUm° into two factors, a constant 
part independent of micelle size which represents the free 
energy gained for complete immersion of the alkyl chain in 
the micellar core, and a variable part reflecting the positive 
free-energy contribution by residual contacts between the 
core surface and the solvent. An appropriate expression (in 
cal/mole) is

AUm° = -2000  -  700(wc -  1) + 25(A„m -  21) (11)

where A nm is the area in A2 per chain in a micelle of size m 
at the distance of closest approach of water molecules to 
the core surface. The excess of this area above 21 A2 repre­
sents the residual area of water-hydrocarbon contacts.

The undulating nature of the surface of the hydrophobic 
core must be taken into account in the calculation of A u,n. 
This factor arises from the impossibility of bending the 
alkyl chains emerging from the core so as to make a smooth 
surface perpendicular to the direction of the chains and 
was discussed in a previous paper.3 It has the effect of mak­
ing Aum larger than the area at a distance of closest ap­
proach of water molecules to the smooth ellipsoidal surface 
that would be obtained by a calculation made at the dis­
tance 8r = 1.5 A. The simplest way of taking this into ac­
count is to continue to use the same model for area calcula­
tion, but to increase the value of 5r. This procedure is con­
sistent with the requirement that the surface roughness 
should diminish as the area decreases and vanish when 
Aum = 21 A. The dependence of surface area on or has 
these properties. The actual value of 8r to be used has been 
determined empirically. Reasonable results are obtained 
with 8r = 3-4 A which corresponds to an excess area ascri- 
bable to surface roughness in the range of 15-30% of the 
smooth area (8r = 1.5 A) for the illustrative data of Figure
1 . Most of the calculations below have been made with 8r = 
3 A.
Free Energy of Repulsion between Head Groups

Since both micelle shape and hydrophobic free energy 
depend only on the length of the alkyl chain, the unique 
properties of micelles formed by simple n -alkyl amphi- 
philes must result from the contribution of repulsion be­
tween amphiphile head groups to the free energy, i.e., the 
factor Wm of eq 10. This factor will depend on the separa­
tion between head groups, and we may use the available

TA B L E  II: S a m p le  C a lc u la t io n  o f  th e  E ffect o f  t h e  
M a g n itu d e  o f  t h e  R ep u ls iv e  F o rce  o n  th e  C m c a n d  
t h e  O p t im a l M ic e lle  S iz e “

10  5a, cal
Ä2/ mol cmc, M m* at the cmc

2.00 0.00612 34
1.50 0 .00247 50
1 .2 0 0.00205 71
1.0 0 0.000832 98
0.80 0.000499 159
0.60 0.000281 377
0.50 0.000201 950
0.45 0.000167 2860

“For oblate ellipsoidal micelles formed by amphiphiles 
with C12 alkyl chains. Equation 12 has been used for Wm 
and both A k™ and Ah™ were calculated at 3 Â from the 
smooth core surface. Qualitatively similar results are ob­
tained for prolate ellipsoids. The procedure for calculation 
is described in the Appendix.

area per head group (A Rm ) as a measure of this separation. 
The distance outside the micelle core at which A nm is to be 
evaluated is determined by the geometry of the amphiphile 
molecule and A Rm cannot in general be equated with A Hm- 
Both the magnitude of Wm and its functional relation to 
A nm can be expected to differ for different head groups 
and different environmental conditions. It should be a good 
approximation to consider Wm as independent of the 
length of the alkyl chain.

The simplest possible relationship (satisfying the neces­
sary condition that Wm vanishes at infinite separation) is

Wm = a /A Rm (12)
where a is a constant independent of m which would vary 
in magnitude depending on the magnitude of the repulsive 
force. Even this simple form for the repulsive free-energy 
function leads to realistic estimates for the variation in op­
timal micelle size and cmc with the magnitude of the repul­
sive force as shown by the sample calculation in Table II. 
When repulsive interactions are strong, as they would be in 
ionic micelles, the micelle size is small and the cmc rela­
tively high. Reduction in the repulsive force, as might occur 
when the ionic strength is increased, leads to a moderate 
increase in micelle size and to a substantial decrease in the 
cmc. When the repulsive force becomes much weaker, as it 
might, for example, for nonionic micelles, the micelle size 
can become very large. If a is decreased even further m* 
becomes infinite, which would signify separation of the am­
phiphile into a separate phase, as occurs with n-alkyl alco­
hols.

Equation 12 has been used here as a purely empirical 
function, without implication of a mechanism for the repul­
sive interaction. It should be observed, however, that some 
simple theoretical expressions for Wm have the form of eq
12 . The Debye-Huckel equation for the work of charging a 
sphere of constant radius r0, with m charges, is one such 
example. The excess free energy per charge is

W„ 2ne2Nrn(l + Ka,) 
DAn m(l + xr0 + k« i)

(13)

where a; is the average radius of mobile ions in the sur­
rounding electrolyte, c is the electronic charge, D is the di­
electric constant of the medium, and k is the usual Debye- 
Hiickel parameter proportional to the square root of the 
ionic strength. The area A Rm in this case is the area per 
charge at the surface of the charged sphere. The Debye-
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Figure 2. Relation between optimal micelle size (m *) and the cmc 
for C 12 alkyl chains, using different expressions for Wm, a s de­
scribed in the text. Each curve represents a set of calculated results 
in which only the magnitude of Wm is altered, the dependence on 
surface area remaining the same. All calculations are for oblate el­
lipsoids. AHm and A r „, were evaluated at dr = 3 A except for curve 
2 (A Rm at br = 10 A) and curve 3 (A Hm at 5r = 4 A). The points 
represent typical experimental data, a s follows: O, C 12H25NH3+ C r  
at 30° a s a function of ionic strength (data of Kushner, eia/.14); O, 
C i2H2sNMe3+ Br~ a s a function of ionic strength at 25° (data of An- 
acker, et at.,15 and of Emerson and Holtzer16), • ,  C 12H250 S 0 3_ Na+ 
a s a function of ionic strength at 25° (data of Mysels and Princen17 
and of Emerson and Holtzer16), A , C 12H25(OCH2CH 2)nOH in water as 
a function of n at 18 and 25° (data of Becher18 and of Balmbra, et 
at.19). The size parameter obtained experimentally is the weight av­
erage degree of association (mw), but this is expected to be only a 
few per cent larger than m *.

Hiickel expression for charges on an infinite planar surface 
has the same form

Wm = 2ite2N(l + Kai)/KDARm (14)

and so does the corresponding relation for a cylinder of 
constant diameter.

Figure 2 (curve 1 ) shows the data of Table II in graphical 
form. Curve 2 shows the effect of altering the location at 
which the repulsive interaction occurs from 3 to 10 A out­
side the hydrophobic core surface. Curve 3 shows the effect 
of altering the surface roughness factor, with A hm (eq 11) 
calculated as equivalent to the area at 4 A instead of 3 A 
outside the core surface. The figure also shows experimen­
tal results for amphiphiles with dodecyl alkyl chains. It is 
evident that changes in the head group lead to specific ef­
fects on the relation between micelle size and cmc that can­
not be explained in terms of the magnitude of Wm alone, or 
in terms of the distance to which head groups extend into 
the aqueous medium, but require modification of the rela­
tion between Wm and micelle size, as reflected in eq 12. 
Specific affects cannot be explained in terms of changes in 
AUm°, which by definition is the same for all amphiphiles 
with the same alkyl chain. Changes in any of the terms of 
eq 1 1  simply result in a shift of curve 1  to the right or to the 
left, as illustrated by curve 3.

It was suggested earlier3 that the problem of obtaining a 
theoretical expression for Wm can be circumvented by 
making use of experimental pressure-area curves for am­
phiphiles at a hydrocarbon-water interface. The requisite 
data are however difficult to obtain20 and need to be cor-

Figure 3. W a s  a function of surface area per head group. Curve 1 
represents eq 12 with a  =  1.93 X  10s, curve 2 is based on experi­
mental pressure-area curves for monolayers of C 12H250 S 0 3Na at a 
heptane-water interface (see text), curve 3 is an arbitrary flat curve 
(eq 15, see text), curve 4 represents W = 4.5 X  108/A 3.

rected for surface curvature before they can be applied to 
the micellar surface. The information from pressure-area 
curves is at present very limited, but can be used as a 
guideline for the required alterations in the expression of 
Wm where available. Figure 3 (curve 2), for example, shows 
W for Ci2H250S03Na in C.l M  NaCl, obtained from pres­
sure-area curves as previously described.3-21 The values of 
W are considerably smaller than would be predicted for a 
plane surface by a Debye-Huckel type of calculation: eq 14 
predicts W = 3150 cal/mol at 100 A2 whereas the experi­
mental value is 1980 cal/mol. Equally important is the fact 
that the experimental curve is flatter than any curve of the 
type W = a/A, as seen by comparison of curve 2 with curve 
1, which represents eq 12 with a = 1.98 X 105. Such flatten­
ing can be incorporated into the theory by replacing eq 12  
by a power series

W  =  a / A  +  p / A 2 +  y / A 3 (15)

Curve 2 is represented by this equation with a = 2.86 X  
10s, P = -1 .27 X  107, y = 3.86 X  108.

The relation between micelle size and cmc as a function 
of the magnitude of Wm is altered when an equation of the 
type of eq 15 is used for Wm. This is illustrated by curve 4 
of Figure 2, which is based on uniform flattening, i.e., the 
coefficients a, 0, and y are kept in the same ratio (in this 
case as required for the experimental pressure-area curves 
for C^FCsOSO.-jNa) as the magnitude of Wm is changed. 
Exact agreement with the experimental data for C12H 25O- 
SO:JNa or Cj^FCnNMeaBr could be obtained if the degree 
of flattening is itself a function of the magnitude of Wm,
i.e., for these results, if it is a function of ionic strength. 
Monolayer studies that would provide information on this 
subject are not available.

Both the reduction in thè magnitude of W  relative to a 
Debye-Hiickel calculation and the flatter W vs. A curve for 
an ionic amphiphile are qualitatively expected on the basis 
of the binding of counterions to the micelle surface or to a 
monolayer surface of similar area. A theoretical treatment

The Journal of Physical Chemistry, Voi. 78, No. 24, 1974



2474 Charles Tanford

of this subject is difficult, as has been discussed by Muker- 
jee.22’23 The binding of counterions not only alters the force 
of repulsion between head groups, but also requires the in­
clusion of a cratic4 term in Wm, reflecting the loss of entro­
py that results from loss of mobility of the bound counter­
ions. In the limiting situation of complete charge neutral­
ization by counterion binding, the variation in Wm with in­
creasing concentration of added salt would arise entirely 
from this cratic term and Wm at constant ionic strength 
would become independent of surface area except for the 
steric repulsion that would set in at very small values of 
A um- This limiting situation is likely to be approached by 
alkyl ammonium salts: the small radius of the -N H 3+ 
group allows counterions to penetrate much closer to the 
amphiphile charge than is possible for an -N M e3+ group 
and thereby to enter a domain of the surface where the 
electrostatic force of attraction for counterions is greatly 
increased. To test this possibility we have investigated the 
effect of a greater decrease in the dependence of Wm on 
A Rm, as illustrated by curve 3 of Figure 3, which represents 
eq 15 with a = 2.95 X  105, d = —116 X  107, and y = 1.92 X
108. Assuming uniform flattening of this type as Wm 
changes in magnitude leads to curve 5 of Figure 2, in excel­
lent agreement with the experimental data for 
C12H25NH3CI.14 It should be emphasized that all parame­
ters other than the equation for Wm are identical in the 
generation of curves 1, 4, and 5 of this figure.

The cmc values for dodecyl polyoxyethylene glycols, 
shown by the triangles on the left side of Figure 2, are 
much lower than for typical ionic micelles. This may be 
partly the result of having the repulsive interaction re­
moved to a greater distance from the surface of the hydro- 
phobic core (curve 2), but this factor alone is not sufficient. 
One way of approaching the experimental data is to sup­
pose that the force of repulsion between head groups is in 
this case purely steric. This would cause Wm to rise rather 
steeply with decreasing area as the effective physical area 
of the head group is approached. This situation is simulat­
ed by curve 6 of Figure 2, which is based on Wm = y/Aum3 
with increasing values of y. The shape for one value of y is 
shown by curve 4 of Figure 3. Aiim was evaluated at or = 3 
A in the calculation of curve 6. The curve is shifted to the 
left if the repulsive interaction is located further from the 
core surface.24

All calculations of Figure 2 refer to oblate ellipsoids. The 
calculations indicate that prolate ellipsoids would not con­
tribute to the micelle population at the cmc within the 
range of variables selected, as will be discussed later in this 
paper.

Size Distribution Function
The size distribution function is given by eq 3. The con­

tribution of very small micelles is always negligible because 
the area of contact between hydrocarbon and water rises 
steeply for m < 50 (see Figure 1). The formation of very 
large micelles is limited by the cratic term m In X 1 in eq 3 , 
which becomes increasingly important as dAGm°/dm be­
comes less negative for m > m*. Other things being equal, 
the breadth of the distribution depends on the second de­
rivative of AGm° with respect to m. Since d2A/dm 2 de­
creases with increasing m (see Figure 1 ) the distribution 
will tend to be broader for large micelles than for small 
ones when similar Wm functions are used. When different 
Wm functions are used, the distribution will tend to be­
come broader when the dependence of Wm on A is less.

0 50 100 150
m

Figure 4. Micelle size distribution functions for amphiphiles with C 12 
alkyl chains forming oblate ellipsoidal micelles with m * =  75 at the 
cmc. Curves 1 and 2 apply to conditions at the cm c and were ob­
tained by using W functions of the types illustrated by curves 2 and 
3 of Figure 3, respectively. Curve 3 is for the sam e system a s  curve 
2, but at a total amphiphile concentration of 0.028 M. Both A Hm and 
A Rm were evaluated at br =  3 Ä.

Figure 5. Micelle size distribution functions for prolate and oblate el­
lipsoids with m * =  750: (curve 1) oblate ellipsoid, W =  y/A3, calcu­
lated for the cmc; (curve 2) oblate ellipsoid, W =  a!A, calculated 
for the cmc; (curve 3) prolate ellipsoid, W  =  a/A, calculated at a 
total amphiphile concentration of 0.014 M. Both A Hm and A Rm 
were evaluated at br =  3 A.

These features are illustrated by Figures 4 and 5 which 
were calculated by use of the different types of Wm func­
tions illustrated by Figure 3. The magnitude of Wm was ad­
justed in each case so as to lead tom * = 75 or m * = 750.

Figure 5 shows that a steep W-A curve such as was sug­
gested earlier for the alkyl polyoxyethylenes leads to a rela­
tively narrow distribution even for very large oblate mi­
celles. This agrees with the experimental finding of Corkill 
and Walker25 who found that micelles formed by alkyl po­
lyoxyethylene glycols at 5° behave as if monodisperse. The 
change in micellar properties observed by these authors at 
higher temperatures will be discussed below.

Figure 5 also shows a distribution function calculated for 
a prolate ellipsoidal shape. As is to be expected from the
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Figure 6. Dependence of m * on total amph phile concentration for 
the two size distributions for oblate ellipsoids given by the curves 
with corresponding numbers in Figure 4.

flatness of the area curves of Figure 1, the size distribution 
becomes very broad and skewed toward large m.

Average molecular weights are related to the size distri­
bution by eq 7 and 8. None of the distribution functions for 
oblate ellipsoids are sufficiently broad to yield experimen­
tally significant differences between fhn and fhw. Thus 
rfiw/fhn = 1.03 and 1.09, respectively, for the two distribu­
tions of Figure 4, and 1.005 and 1.05 for curves 1 and 2 of 
Figure 5. Even for the prolate ellipsoidal model used for 
curve 3 of Figure 5, fhw/ffin is only 1.26. These calculations 
suggest that if larger ratios of mw/thn are experimentally 
observed (as suggested by Mukerjee26), they do not repre­
sent a single continuous size distribution, but instead re­
flect two populations of micelles, e.g., a mixture of oblate 
and prolate micelles, or a system in which association be­
tween micelles can occur.

Effects of Total Amphiphile Concentration
The dependence of micelle size on total amphiphile con­

centration is closely linked to the size distribution func­
tion.26’27 This is illustrated by Figure 6, which compares 
the effect of concentration on m* for two micelles, both 
with m* = 75 at the cmc.28 The effect of increased concen­
tration on m * is more pronounced for the amphiphile with 
the broader distribution function. The effect of concentra­
tion on the distribution function itself is shown in Figure 4.

The effect of concentration on m* is particularly pro­
nounced if calculations are made for prolate ellipsoids. Fig­
ure 7, for example, shows the calculated data for the pro­
late micelle corresponding to the distribution function 
given by curve 3 of Figure 5. The value of m* is 250 at the 
cmc, but rises rapidly to over 1000 as the concentration is 
raised.28 These calculations resemble experimental data 
obtained for some cationic detergents at high ionic 
strength29 and for polyoxyethylene derivatives with short 
polyoxyethylene chains.30’31

A noteworthy feature of Figure 6 is that m* changes 
steeply with concentration in the immediate vicinity of the 
cmc even when the size distribution is relatively sharp. 
This suggests that it may be futile to attempt to obtain 
unambiguous micelle molecular weights characteristic of 
micelles at the cmc. Much of the disagreement between dif­
ferent workers in the determination of micelle size close to 
the cmc may be due to this aspect of micelle formation.

The effect of total amphiphile concentration on the mo­
nomer concentration in equilibrium with micelles is also of 
interest. This property of the system depends primarily on 
the average micelle size and it is a good approximation to 
consider it as governed by a single equilibrium, m Z ^  Zm, 
with m .= m*. This is illustrated by Figure 8, which shows 
calculated results for the micelles for which the depen-

C tota| (moles/liter)

Figure 7. Dependence of m ' on total amphiphile concentration for a 
prolate ellipsoid with the distribution function given by curve 3 of Fig­
ure 5.

Figure 8. Effect of total amphiphile concentration on the equilibrium 
concentration of monomer. The dashed line is for a micelle of fixed 
size (m  =  75); curves 1 and 2 correspond to the sam e micelles for 
which m ' is given in Figure 6.

dence of m* on total concentration is shown in Figure 6. 
The dashed line is based on the single equilibrium with m 
= 75. When the calculations are made rigorously, taking 
size heterogeneity into account, the curves fall only slightly 
below the dashed line, more so for the broader distribution 
(curve 2), for which m* increases above the initial value of 
m* = 75 more rapidly than for the narrower distribution 
(curve 1 ).

Prolate Ellipsoids
The contribution of prolate micelles to the total popula­

tion of micelles is readily calculated from eq 3, by using the 
equation twice for each value of m , once for a prolate and 
once for an oblate shape. In making this calculation it has 
been assumed that the parameters of eq 11 for At/m° and 
the parameters of whatever equation for Wm is used are 
identical for both ellipsoids so that the difference between 
them depends only on surface area. The result obtained 
with this assumption is that prolate ellipsoids in fact do not 
contribute significantly to the total micelle population for 
moderate or large values of m. It is easy to see why this is 
so. For m = 500, for example, A Hm is about 52 and 84 A2, 
respectively, for oblate and prolate ellipsoids, so that the
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TA B L E  III: T r a n s it io n  fr o m  O b la te  to  P r o la te
M icelles'*

X t o t a l

%  2 X „  in  
p ro la te  
micelles

m w

O blate P ro la te M ix tu re

0 .0003 6.8 53 56 53
0.0010 9 .6 55 66 56
0.0041 12.6 56 75 58
0.0200 2 2 .4 58 86 64
0 .065 3 3 .6 59 106 75
0 .2 9 5 6 .3 60 134 102

“ F o r an  am phiph ile  w ith  a  C u  a lky l chain . E q u a tio n  12 
w as used  for W m, w ith  a  =  2 X 106 cal A*/mol. A H,» w as 
ev a lu a ted  a t  Sr =  4 A, A n ,,, a t  Sr =  3 Ä. T h e  cm c is a t  0.01 
M, corresponding to  X tot.ii =  0.0002.

AUm° component of the free energy (eq 11) favors oblate 
ellipsoids by about 800 cal/mol. If prolate ellipsoids are to 
be as stable as oblate ellipsoids, Wm must decrease by 
about 800 cal/mol for a similar difference in A Rm. This re­
quires that Wm must be large and that it must rise steeply 
with decreasing area. These are however the conditions 
that lead to the formation of small micelles.

For small micelles the procedures used in this paper do 
predict a marginal contribution from prolate micelles and 
an increasing contribution from them as the total amphi- 
phile concentration increases to large values, as is illus­
trated by the calculations shown in Table III. This calcula­
tion was based on a somewhat larger surface roughness fac­
tor in the calculation of A nm (Sr = 4 A instead of 3 A) than 
has been employed for most of the earlier calculations, and 
eq 12 was used for Wm. Transition to prolate micelles is not 
quite reached within the attainable range of amphiphile 
concentration if dr is set equal to 3 A in the calculation of 
A H m-32

The amphiphile concentrations at which the transition 
to prolate ellipsoids is observed in Table III are very high 
and under these conditions interaction between micelles is 
likely to become an important factor (which, formally, 
would be included in the present treatment as a concentra­
tion-dependent contribution to Wm). For example, cylin­
drical micelles may line up in an ordered array at high con­
centrations more readily than disk-like micelles and this 
could promote transition to prolate micelles at high con­
centrations in situations (e . g use of or = 3 A for the calcu­
lation of A hm) for which the present calculations that use a 
concentration-independent Wm function predict that tran­
sition will barely fail to be observed. It is also possible that 
it is incorrect to assume that AUm° and Wm depend solely 
on Aum and A Rm and that they are not affected in any 
other way by the difference between prolate and oblate el­
lipsoids. There would however have to be a substantial ad­
vantage for prolate ellipsoids to alter the conclusion that 
prolate ellipsoids attain stability only when the repulsive 
forces are exceptionally strong. No obvious reason for such 
an advantage exists.

E ffect of Alkyl Chain Length
The effect of alkyl chain length on the cmc and on mi­

celle size provides a rather stringent test of the theory. 
Since Wm has been defined as independent of alkyl chain 
length both its numerical value and its functional depen­
dence on surface area must remain fixed as n c is altered.

The dependence of m* on chain length results chiefly

Figure 9. Effect of alkyl chain length on micelle size. Each curve 
represents the effect of nc, keeping all other parameters (including 
the magnitude of Wm as well a s its dependence on surface area) 
the same. Curves 1 and 2 are based on the Wm values giving m * =  
75 for C 12 chains used previously in Figures 4 and 6. Curve 3 is for 
Wm =  y A 3, with y =  1.67 X  10s chosen to give m * ^  100 for C 12 
chains. Calculations are for m * at the cmc, for oblate ellipsoids. 
Both AHm and ARm were evaluated at Sr = 3 A. The circles repre­
sent typical mw values at the cmc obtained experimentally. Open 
circles are for AZ-alkyl betaines at 25° (Swarbrick and Daruwala33), 
filled circles are for alkyl hexaoxyethylene glycols at 4° (Corkill and 
Walker25).

from the alteration in the relation between surface area and 
m (Figure 1) that is produced by changing the ellipsoid 
minor axis b. An increase in b increases the curvature and 
leads to larger areas at the same micelle size. The optimal 
size therefore becomes larger since the optimal surface area 
will not depend much on nc- The predicted change in m* is 
little affected by the kind of Wm function employed, as is 
illustrated by curves 1 and 2 of Figure 9, which are for dif­
ferent Wm functions both giving m* = 75 for C12 chains. 
Though neither Wm function is necessarily appropriate for 
N- alkyl betaines, reasonable agreement with experimental 
data for these amphiphiles is obtained. Similarly, curve 3 of 
Figure 9, calculated for the much steeper Wm function sug­
gested previously as possibly simulating steric repulsion 
between polyoxyethylene head groups, gives reasonable 
agreement with experimental data for one series of com­
pounds of this type.

In both sets of data shown in Figure 9 the experimental 
points for the shortest alkyl chains fall below the calculated 
curves. This could be a reflection of the steep dependence 
of m * on total concentration near the cmc, as seen in Fig­
ure 6. The cmc values are very high for the short chains 
(e.g., 0.25 M  for the octylbetaine) so that it is feasible to 
obtain accurate light scattering data at total concentrations 
very close to the cmc. When the cmc is small light scatter­
ing measurements have to be made at concentrations fur­
ther removed from the cmc to obtain equivalent concentra­
tions of micellar particles. Molecular weights extrapolated 
from such data may reflect m * values higher than those at 
the point designated as the cmc in this paper.

As was noted when numerical parameters were assigned 
to eq 1 1 , the dependence of the cmc on alkyl chain length is 
almost entirely determined by the n c -dependent term of 
that equation. For all systems discussed here, therefore, RT  
d In cmc/dnc is calculated as close to —700 cal/mol. Exper­
imental values for the two systems for which mw values are 
given in Figure 9 are -710  (N- alkyl betaines) and -715  
cal/mol (hexaoxyethylene glycols).
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TABLE IV: H y d r o d y n a m ic  P r o p e r tie s

h] or D10°

Micelle size
(m = mw)

Shear 
surface 
Sr, À

Caled
Prolate Oblate Obsd

Intrinsic Viscosity, ml/g
C12H250S0 3Na* 100 4 6.0 3.4 3.3 ±  0
C12H25NH3CP 172 3 12.4 4.1 3.4

260 3 20.9 4.4 3.8
430 3 42.6 4.9 4.4

1170 3 218 6.6 6.0
3300 3 1340 9.6 15

(5700) 3 3570 11.9 23
(9100) 3 8360 14.6 45

C16H33(EO),OH‘ 2600 12 360 5.5 107
5530 12 1330 6.9 176
8840 12

Diffusion Coefficient,
3060

cm2 sec-1  X 107

8 .1 260

C^HasOSOsNa* 85 4 8.4 9.6 9 .7
C12H25(EO)6OH* 105 10 5.9 6.9 7.2
Ci4H29(EO)6OH« 127 10 5.4 6.3 6 .2

° Viscosity measurements at ionic strength 0.1-0.2 have been made in several laboratories37-39 and confirmed by Dr. J. A. 
Reynolds in this laboratory. b Micelle size and viscosity data as a function of increasing ionic strength from Kushner, et al.' % 
The authors considered the data in parentheses to be very approximate. 3 EO represents the oxyethylene group. The data 
represent measurements of Attwood3,1 at 25, 30, and 35°. d Data of McQueen and Hermans46 in 0.1 M  NaCl at 22°, extra­
polated to the cmc. e Data of Corkill and Walker,“ measured at 5° and corrected to 20°.

Discussion
This paper has presented a general treatment of micelle 

formation, adaptable to any theoretical model, and de­
signed to predict the optimal micelle size as well as the 
cmc. The treatment has been applied to micelles formed in 
aqueous solution by simple amphiphiles containing a single 
alkyl chain. The theoretical model proposed for these sub­
stances contains elements used in previous approaches to 
this problem, but is not directly comparable to any of them 
because its most important feature is the quantitative esti­
mation of the hydrophobic component of the free energy of 
micellization as a function of micelle size, a problem with 
which previous theoretical treatments have not dealt. Em­
erson and Holtzer,16’34 for example, split AGm° for ionic 
micelles into hydrophobic and head group components, as 
has been done here, but did not treat the hydrophobic com­
ponent as a size-dependent parameter. Mukerjee26 has 
used a size-dependent AGm° in calculating the concentra­
tion dependence of micelle size, but did not attempt a 
physical interpretation of the size dependence. He assumed 
that equilibrium constants for successive additions of mo­
nomer are independent of m for m >  2 , which is equivalent 
to the assumption that dAGm°/dm is independent of m. 
This assumption is not realistic if the variation of A Um° 
with size is taken into account. When this is done dAGm° /  
dm is found to decrease in magnitude with increasing m, as 
shown, for example, by Figure 3 of my previous paper.3

We have not attempted to make absolute calculations for 
the free energy of repulsion between head groups ( Wm). 
Previous attempts to make such calculations for ionic mi­
celles have been criticized by Mukerjee23 and there are no 
obvious ways to overcome the difficulties in the problem 
that he has pointed out. This paper has, however, attempt­
ed to deal with the formal dependence of Wm on micelle 
size, and has shown that the striking differences that are 
observed experimentally in the relation between optimal 
micelle size and the cmc, for both ionic and nonionic mi­
celles, can be accounted for by variations in the depen­

dence of Wm on m that are appropriate for the different 
kinds of head groups that are considered. It may be added 
that the magnitude of Wm required to reproduce experi­
mental data with the appropriate relations are always rea­
sonable. For ionic micelles, for example, Wm turns out to 
be between 50 and 75% of the value calculated by use of the 
Debye-Hiickel expression for a sphere of appropriate size 
(eq 13). For nonionic micelles, when the expression Wm = 
yM r^3, which is intended to simulate steric repulsion, is 
used, the constant y must be increased as the size of the 
head group is increased.

Representation of the micelle as an ellipsoid of revolu­
tion is essential to the calculations we have made. Since 
this model unambiguously predicts that oblate ellipsoids 
should nearly always be more stable than prolate ellipsoids, 
experimental data regarding micelle shape need to be ex­
amined, with special attention to those results that appear 
to support a rod-like model.

The ellipsoid model predicts preference for the prolate 
shape only when the repulsion between head groups is very 
strong. In this situation the micelles formed at the cmc are 
quite small. As the amphiphile concentration is increased, 
providing thermodynamic pressure for micelle growth, the 
prolate shape is favored because its larger surface area 
keeps head groups farther apart, and a transition such as is 
illustrated by Table III may be expected to occur. Suffi­
ciently strong repulsion for this situation to arise can be ex­
pected for ionic micelles in the absence of added salt, and 
strong evidence for the existence of rod-shaped micelles 
comes in fact from micelles of this type; Reiss-Husson and 
Luzzati35 have observed that several ionic micelles in the 
absence of added salt undergo a transition at an amphi­
phile concentration of 25-50% from small particles (indis­
tinguishable by X-ray scattering from spheres) to more ex­
tended rods. No similar studies have been made in the 
presence of added salt. Experiments in more dilute solu­
tions indicate that ionic micelles at moderate ionic strength 
behave as small particles to the highest concentrations em­
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ployed. Intrinsic viscosity measurements invariably indi­
cate that the micelles are compact and globular. Calcula­
tions based on the equations provided by Frisch and 
Simha36 unequivocally support an oblate ellipsoidal shape, 
as shown by the results for sodium dodecyl sulfate in Table
IV. It should be noted that the surface of shear for these 
calculations has been placed at a geometrically realistic dis­
tance from the surface of the hydrophobic core, but the re­
sults are in fact not very sensitive to this choice since an in­
crease in 5r increases the ellipsoid volume, but decreases 
the asymmetry, leading to a relatively small effect on [77].

When ionic micelles are subjected to even higher concen­
trations of added salt, a transition in shape is again ob­
served. Light scattering studies indicate a rod-like shape 
for Ci6H33NMe3Br in 0.178 M  KBr,40 and a dependence of 
molecular weight on concentration similar to that predict­
ed for prolate micelles in Figure 7 has been reported for 
C|0H2iNH2CH;iBr in 0.5 M  NaBr.29 The neutralization 
of micelle charge by counterions must be virtually complete 
under these conditions and the idea that electrostatic re­
pulsion exerts a dominant influence on micelle shape would 
seem to be untenable. Though these results may represent 
serious disagreement with the theoretical predictions made 
here, the possibility that the large particles observed are 
salt-linked aggregates of oblate ellipsoids is not excluded 
by the available data. The observation by Debye and An- 
acker40 that visible crystals are observed to form in solu­
tions of Ci6H33NMe3Br can be viewed as support for this 
possibility.

A somewhat similar situation is encountered for alkyl po­
lyoxyethylene derivatives. When the number of polyoxy­
ethylene units in the head group is small these amphiphiles 
form globular micelles below a characteristic threshold 
temperature. Accurate diffusion coefficients have been de­
termined in one instance, and comparison with calculated 
diffusion coefficients based on Perrin’s equation41 indi­
cates that they are oblate ellipsoids, as shown in Table IV. 
Above the threshold temperature the micelle size increases 
and becomes strongly dependent on concentration in the 
manner of Figure 7.30’31 This concentration dependence, 
light scattering measurements, and viscosity data (shown 
in Table IV) all indicate that the micelles are rod-like. The 
discrepancy seen in Table IV between the measured [77] and 
the calculated values for a rigid prolate ellipsoid is reason­
ably explained by assuming that the rods are somewhat 
flexible, as suggested (for another system) by Stigter.42 In 
this case the bulkiness of the head groups could conceiv­
ably constitute a driving force favoring the larger surface 
areas of prolate ellipsoids, but the Wm functions that will 
account for the very low cmc exhibited by these systems 
(Figure 2) do not predict this. The pronounced influence of 
temperature on the formation of these nonglobular micelles 
suggests moreover that an interaction between head groups 
is involved, and it is again possible that one is dealing here 
with a reversible aggregation of small micelles rather than 
with formation of large extended micelles with a single hy­
drocarbon core, as has in fact been suggested by all of the 
investigators who have made the experimental observa­
tions on these systems.30’31’43’44

One study frequently cited as evidence for rod-shaped 
micelles is the study of the viscosity of C12H25NH3CI mi­
celles by Kushner, et al. 14 These micelles grow to very 
large size, but have a 100-fold higher cmc than the polyoxy­
ethylene derivatives, as shown in Figure 2. Stigter42 has 
shown that the intrinsic viscosities measured for these mi­

celles are much smaller than expected for stiff rods, but 
larger than expected for oblate ellipsoids, and has suggest­
ed that the micelles are rod-shaped but flexible. We have 
repeated these calculations and obtain somewhat larger [77] 
values than Stigter, presumably because we have used a 
smaller minor axis for the ellipsoids to take into account 
the likely flexibility of the alkyl chains (Table I). As Table 
IV shows the observed intrinsic viscosities are in fact quite 
consistent with an oblate ellipsoidal shape, at least tom  = 
1200.

The very large micelles discussed here obviously repre­
sent a problem requiring further study. It would be desir­
able to have experimental data that can distinguish une­
quivocally between large micelles with a single hydrocar­
bon core and large micelles formed by loose association of 
small micelles. If evidence for the existence of large rod­
like micelles with a single hydrocarbon core can be estab­
lished, some modification of the theoretical treatment of 
this paper will clearly be necessary.

A p p en d ix . M eth od  o f  C a lcu la tio n

A computer or large capacity desk calculator45 is essen­
tial to program the calculation of surface area and dA/dm  
as a function of micelle size, alkyl chain length, and the dis­
tance from the core surface. The program must be linked to 
an analytical expression for Wm and AWm/dA (as provid­
ed, for example, by eq 15) to evaluate these factors as a 
function of the same variables.

These programs in effect generate values of AGm° and 
dAGm° /dm as a function of m for any desired choice of the 
adjustable variables. The simplest procedure thereafter is 
to begin with the optimal size, using eq 5 to estimate In 
X m* for a series of possible values of m*. In most 
cases values of In X m* < — 25 correspond to solutions below 
the cmc with a negligible content of micelles. Values of In 
X m» > — 2 are physically impossible since 2 X m must be 
less than unity. Equation 3 is used with m = m * to obtain 
the value of In X 1 in equilibrium with the micelles of opti­
mal size. This same equation, with In X  j fixed, is then 
used to obtain the size distribution function, numerical in­
tegration of which gives 2 X m, and, by eq 6, the total con­
centration of amphiphile. The results are then turned 
around to yield m* , In X I , the size distribution, and the 
molecular size averages given by eq 7 and 8, all as a func­
tion of total amphiphile concentration. The point at which 
2 X m is 5% of X  totai was designated as the cmc, but any de­
sired definition of the cmc can be used.

For many of the calcu1 dons, where a distribution func­
tion per se was not re' .tired, X m was approximated as a 
Gaussian distribution

Xm =  ( i 6)

and 2 X m was obtained as the integral of the right-hand 
side, from m = — “ to m =+==>. This does not introduce a 
significant error in the location of the cmc, but can lead to 
errors of up to 50% in the absolute values of 2 X m for high 
amphiphile concentrations when the distribution function 
is badly skewed.
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The critical micelle concentrations (cmc) of various straight chain ionic surfactants in aqueous salt solu­
tions are compared with the erne’s of alkyl sulfates for the same alkyl chain length, ionic strength, and tem­
perature. It is found for five different hydrophilic terminal groups that the cmc is higher when the ionic 
charge on the head group is closer to the a-carbon atom in the alkyl chain. This correlation is explained by 
the increase in electrostatic self-potential of the surfactant ion, when in micellization the head group moves 
from bulk water to the vicinity of the nonpolar core of the micelle. Quantitative agreement requires that 
the «-methylene groups are contained in the micelle core, and that the core-water interface is located be­
tween 0.4 and 1.2 À from the center of the a-carbon atoms. This approximate distance is confirmed by a 
free-energy argument, valid for surfactants with sufficiently hydrophilic head groups. From the relatively 
low eme’s of the decyl substituted 2-, 3-, or 4-pyridinium hydrogen bromides it is concluded that part of the 
hydrophobic head groups may be contained in the micelle core, depending on the charge distribution in the 
pyridinium ring. The foregoing conclusions disagree with recent papers on small-angle X-ray scattering 
and fluorine magnetic resonance of surfactant solutions in which it was concluded that water penetrates 
between the micellized alkyl chains. However, it is shown that the interpretation in the X-ray paper is not 
self-consistent; the magnetic resonance experiments might also require reinterpretation.

In tro d u c tio n

It is well known that micelle formation in aqueous solu­
tions of ionic surfactants depends on various factors. The 
first paper of this series1 discussed the dependence on the 
ionic strength and on the chain length of the surfactant ion. 
Also the influence of the ionic head group on the critical 
micelle concentration (cmc) is well documented.2 The lat­
ter factor is the main topic of this paper.

The specific influence of alkali ions on the cmc of dode- 
cyl sulfate has been correlated with the size of the counter 
ions.3 For sodium dodecyl sulfate (SDS) and dodecyl am­
monium chloride (DAC1) the adsorption of the counterions 
at the micelle surface has been explained in terms of elec­
trostatics, allowing for the size of the hydrated head groups 
and counterions.4 A similar model is used in a present 
study of the electric free-energy changes that accompany 
micelle formation. Preliminary results show that variations 
in the size of the head groups and of the counterions cannot 
explain the large difference between the eme’s of SDS and 
DAC1. It is found that in a satisfactory micelle theory one 
should include the increase in self-potential of the ionic 
head group when it moves from the bulk of the aqueous so­
lution to the vicinity of the nonpolar micelle core. This par­
ticular aspect of the theory is discussed in the present 
paper for a variety of surfactants consisting of a straight 
hydrocarbon chain with a terminal ionic group. Most of the 
cmc data used in this paper are taken from the critical 
compilation by Mukerjee and Mysels.2 The interesting re­
sults for the set of decylpyridinium hydrogen bromides are 
from a recent paper by Jacobs and Anacker.5

The proposed change in self-potential of the surfactant 
head group upon micellization depends on a rather subtle 
feature of micelle structure. How far does water penetrate 
between the micellized hydrocarbon chains? This problem 
has been studied in recent years by magnetic resonance of 
fluorinated surfactants.6-8 This work and some other evi­

dence bearing on micelle structure is reviewed in the last 
part of the paper. A critical discussion is important because 
there is an apparent discrepancy between the results of dif­
ferent methods of investigation.

C m c and  S e lf -P o te n t ia l

In aqueous solutions of ionic surfactants the cmc de­
pends significantly on the length of the straight alkyl chain, 
on the type of terminal ionic group, and on the presence of 
foreign salt. The dependence on temperature is not very 
strong. We compare cmc data recorded at or close to 25°. 
The information is most complete for the sodium alkyl sul­
fates. Data for the Cg to C12 compounds are marked in Fig­
ure 1 as filled points. The straight lines through these 
points show the variation of cmc with ionic strength for the 
particular chain length indicated. We consider only fully 
ionized compounds in which case all unassociated surfac­
tant contributes to the ionic strength. For this reason the 
line connecting the erne’s for surfactants in water in Figure 
1 has a 45° positive slope.

The lines for the alkyl sulfates in Figure 1  are used as a 
basis for comparison with other compounds. In each case 
we compare the erne’s of two surfactants with the same hy­
drocarbon chain and at the same ionic strength. For in­
stance, the lowest point marked 3 in Figure 1 , at 0.0244 M, 
is the cmc of sodium dodecanoate in water. From this point 
the broken vertical line drops to the Cu line at 0.0125 M. 
This is the cmc of sodium undecyl sulfate at ionic strength 
0.0244 M. Therefore, at this ionic strength the cmc of sodi­
um dodecanoate is a factor 0.0244/0.0125 higher than the 
cmc of the reference compound, corresponding to a free- 
energy difference k T A In cmc = kT  In (0.0244/0.0125) = 
0.65kT. We have calculated such differences for a number 
of systems, as indicated by the vertical lines starting from 
the open circles in Figure 1 . It turns out that, within the ac­
curacy of the present cmc data, there is no systematic
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Figure 1. Cm c vs. ionic strength for various surfactants in aqueous 
salt solutions about 25°: heavy solid line, surfactants in water; filled 
points and light lines, sodium alkyl sulfates: numbered, open points, 
2 =  sodium alkylsulfonate, 3 =  sodium alkylcarboxylate, 4 =  dode- 
cyl ammonium chloride; 5 =  dodecyl-1-pyridinium bromide, 6, 7, 8, 9 
=  decyl-x-pyridinium bromide, substituted at position x  =  1, 2, 3, 4, 
respectively. KBr or HBr added to pyridinium compounds, NaCI 
added in other cases to increase ionic strength. Data from table of 
recommended and selected erne’s  in ref 2 and from ref 5.
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Figure 2. Head groups of surfactants in Figure 1. Vertical distances 
in angstroms, partial charges in protonic units, cmc differences as 
defined in text.

change of the calculated free-energy difference with ionic 
strength or with chain length, but only a dependence on the 
type of head group. In Figure 2 five different head groups 
are represented with the (average) values of A In cmc. We 
correlate these data with the charge distribution in the var­
ious head groups.

The vertical distances from the a-carbon atoms in Figure 
2 are taken from X-ray data.9 In groups 1, 2 , and 3 we as­
sume that the ionic charge resides on the oxygen atoms, in 
group 4 on the hydrogen atoms. Strictly speaking, the 
charge should be smeared out over 'he entire head group. 
However, the quantum mechanical details of such distribu­
tions are not well known. The situation is somewhat more 
favorable for the pyridinium group 5. Figure 2 gives the ex­
cess charge on the various ring atoms as derived by Jacobs 
and Anacker5 from a Htickel molecular orbital treatment of 
the 7r electrons.

Inspection of Figure 2 shows that in the sequence 1 to 4

TABLE I: C h a n g e  o f  S e lf -P o te n t ia l  in  M ic e lliz a t io n ,  
A<t>t, o f  H ead  G ro u p s 1 -5  in  F ig u r e  2 fo r  T w o V a lu es  
o f  D is ta n c e  d, a n d  C o m p a r iso n  w ith  C m c D ifferen ce  
A In c m c  (F la t In ter fa ce )

Group k = 1 2 3 4 5
A4>i/kT for

d = 0.5Â 0.522 0.836 0.979 1.167 1.128
d = 1 . 1 0.633 1.135 1.447 1.846 2.133

(A4>k -  
d =

- A <t> ,)/kT  for 
0.5 0 0.31 0.46 0.64 0.61

d = 1 . 1 0 0.50 0.81 1 . 2 1 1.50
A In cmc 0 0.32 0.65 1 . 1 1 0.66

Figure 3. Electrostatic charge q near flat interface, with image 
charge q' in mirror point.

the vertical distance between the ionic charge and the a- 
carbon atom decreases, while In cmc increases, that is, it 
becomes more difficult to form micelles. It is noted that in 
an early paper10 Elevens has compared cmc data of several 
homologous series of ionic surfactants, and concluded that 
In cmc varies linearly with the total length of the surfactant 
ion, including the distance between a-carbon and head 
group charge. However, Figure 2 shows that the latter dis­
tance changes not quite linearly with A In cmc. So Elevens’ 
empirical relation is a very approximate one. In the fol­
lowing we explain the correlation between In cmc and the 
vertical distances in Figure 2 with a well-known fact from 
electrostatics; work is required to move an electric charge 
closer to a medium of lower dielectric constant.

In Figure 2 we assume that the flat interface between 
water, with dielectric constant cw = 78.5, and the hydrocar­
bon core of the micelle, with em = 2 , is located at distance d 
above the a-carbon atoms. A detail is given in Figure 3 
where we consider a charge q in point A at a distance s 
from the interface. The potential field in the aqueous phase 
is described with the help of a virtual charge in the mirror 
point B of magnitude q' = q(ew — cm)/(ew + em), the so- 
called image charge. The potential in point P in water, at a 
distance rA from A and re from B, is

¡/>p — <7
( 1 )

In bulk water, when s = °° in Figure 3, the image term van­
ishes because r b = co-

In order to find the desired change of self-potential, A0 , 
we move the charge q from bulk water to A in small incre­
ments qdX. Using eq 1 we find that at a charging stage X 
the work increment is

dX (2)
ew + 2 ews

Integration of this expression between X = 0 and X = 1 
yields the total work, that is, the change of self-potential

,2
A(f> = Z em r  

+ 4ews
(3)
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TA B L E  II: C h a n g e  o f  S e lf -P o te n t ia l  in  M ic e lliz a t io n ,  
A4>k, o f  H ea d  G ro u p s 1 -5  in  F ig u r e  2 fo r  tw o  V a lu es  
o f  D is ta n c e  d, a n d  C o m p a r iso n  w ith  C m c D ifferen ce  
A In  c m c  (C urved In te r fa c e  w ith  18-A  R a d iu s)

Group k  =  1 2 3 4 5
A fa /k T  for

d = 0.7 Â 0.267 0.553 0.703 0.916 0.902
d = 1 .2 0.344 0.797 1.117 1.569 2.093

(A</>i; — 
d =

■ A<f>i) / k T  for 
0.7 0 0.29 0.44 0.65 0.64

d = 1 .2 0 0.45 0.77 1.23 1.76
A In cmc 0 0.32 0.65 1 . 1 1 0.66

We now consider a group of charges (qh q% ■ ■ ■ , <?;, ■ ■.) 
moving from the bulk of the aqueous phase to positions f i, 
r2, . . .  ïj, . ..)  in the vicinity of the interface, while the mu­
tual distances between the charges are maintained. In this 
case each charge q, is in the field of all members of the vir­
tual charge constellation (q/, q2', . . ., q3', . . .) at the mir- 
rorpoints (r r2 . .  . , r?', . . . ) .  Generalization of the previ­
ous argument yields for the change of self-potential of the 
group

A ( p
^ m y  y __ iÆi____

i 3 ’ 1 r] 1
(4)

We have applied eq 4 to the situations in Figure 2. Re­
sults of A<f>k for group k = 1 to 5 and for two values of d are 
shown in the upper part of Table I. Since group 1 is the ref­
erence, the interesting quantity is A<j>k — A y  This differ­
ence should be compared with the free-energy difference 
k T A In cmc, as derived above. The data in the lower part of 
Table I indicate that for all groups In cmc is bracketed by 
the values of (A0k -  A0i)/kT  for d = 0.5 and d = 1 . 1  A. In 
order to evaluate the significance of this result, d = 0.8 ± 
0.3 A , we discuss some obvious shortcomings of the model.

First, as already pointed out, we are using approximate 
charge distributions. It is likely that in groups 1-4 part of 
the ionic charge is located closer to the a-carbon atom than 
assumed in Figure 2. The resulting decrease in the best 
value of d is certainly less than 0.5 A, perhaps about 0.2 A.

A second correction is required for the curvature of the 
micelle surface. For a representative core radius of 18 A we 
have recalculated A<j>k, using eq 13 and 19 of ref 4. The re­
sults in Table II show that allowing for curvature of the in­
terface increases the best value of d by about 0.15 A. More 
accurate calculations cannot be made because the micelle 
size is not known in all cases and, moreover, the present 
values of A In cmc are average results. We observe that the 
correction of d for curvature is opposite to the first correc­
tion, and of the same magnitude.

Another source of uncertainty is the nonuniformity of 
the dielectric constant. The surface layer of a micelle re­
sembles a concentrated electrolyte solution, with a dielec­
tric constant lower than that of bulk water. It is accepted 
that in aqueous electrolyte solutions, even at high concen­
trations, the effects of a nonuniform dielectric constant on 
ionic interactions are minor.11 On this basis refinements in 
the dielectric constant of the surface layer of the micelle 
are expected to cause only a small decrease in the best 
value of d. On the other hand, a small increase of d is ex­
pected because in the unassociated state the ionic head 
group is always close to its attached hydrocarbon tail and, 
therefore, not completely surrounded by water.

Finally, the distance of closest approach between head

groups and counterions is a factor in the electric free-ener­
gy of micelle formation and, hence, influences the cmc. 
This factor is incorporated in a more complete micelle 
theory presently under study. Preliminary results for sodi­
um dodecyl sulfate and for dodecyl ammonium chloride 
suggest that in groups 1-4 of Figure 2 the effects of ionic 
size are not very different, contributing perhaps about 
0.1 kT  to A<pk.

In summary, the values of Arj>k in Taole I require several 
corrections which, at least in part, are mutually compensat­
ing. With a reasonable estimate of all uncertainties we con­
clude that for compounds 1-5 in Figure 2 the average loca­
tion of the core-water interface is at d = 0.8 ± 0.4 A above 
the a-carbon atoms.

It is noted in passing that the self-potential of the coun­
terions near the core surface may also change significantly. 
As pointed out earlier4 this may influence the adsorption of 
the counterions at the micelle surface. However the effects 
on the cmc of fully ionized surfactants are likely to be 
small.

C o re -W a ter  In te r fa c e  and  F ree  E n erg y

In this section the location of the core-water interface 
found above is tested with an argument used earlier by 
Levine, Bell, and Pethica12 in the adsorption of surfactant 
monolayers at an oil-water interface.

We require the value of d that minimizes the free energy 
F of the micellar solution, dF/ad = 0. The dependence of F 
on d derives mainly from hydrophobic and electrostatic in­
teractions and from dehydration of the head group. It was 
found1 that, at 25°, the transfer of a methylene group from 
water to the interior of a micelle decreases the free energy 
of the system by about 1.25kT. We adopt this result for all 
methylene groups and, averaging along the alkyl chain, we 
take — l.OkT/A per monomer as the hydrophobic contribu­
tion to aF/ad. This value is reasonable for, e.g., d < 0.7 A. 
For larger d dehydration of the head group is expected to 
cause a sharp increase in F. This is a short-range repulsion 
by the core. There is also the long-range electrostatic repul­
sion of the charged head group by the micelle core, as dealt 
with in the previous section.

As examples we take alkyl sulfate and alkyl ammonium, 
compounds 1 and 4 of Figure 2, respectively. In Figure 4 
the various free-energy contributions are plotted vs. d. The 
hydrophobic component is the same for both surfactants, 
and is given by the lowest curve. This is a straight line with 
slope as defined above, and with an arbitrary constant 
added. As shown in Figure 2 , the ionic charge of the alkyl 
ammonium is closer to the a carbon than the charge of the 
alkyl sulfate. So at a fixed value of d the electrostatic re­
pulsion of the ammonium charge by the core is greater than 
the repulsion of the sulfate charge. For this reason the com­
posite curve for the alkyl ammonium lies above that of the 
alkyl sulfate ion. Details of ionic dehydration are not 
known; the broad arrows are based on the consideration 
that, in contact with water, the ionic groups are hydrated, 
but the «-methylene groups are not.

It is noted that, if one disregards the possible effects of 
hydration, the alkyl ammonium curve in Figure 4- has a 
minimum around d = 0.8 A. For this value of d the ammo­
nium charge is about 1.0 A above the water-core interface, 
compare Figure 2. This distance compares well with the 
equilibrium distance of 1.29 A, calculated by Levine, et 
al.,12 between a single surfactant charge and a planar oil- 
water interface, neglecting possible changes of hydration.
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d  (A)

Figure 4. Free energy F  vs. distance of mmersion of a-carbon atom 
In micelle core: upper curve, alkyl ammonium; middle curve, alkyl 
sulfate; lower curve, hydrophobic component; broad arrows, dehy­
dration potential of head groups. Electrostatic contributions calculat­
ed for micelle core with radius of 18 A.

In the latter case the electrostatic repulsion is greater than 
by the spherical micelle core in Figure 4.

Levine, et al.,12 showed also that, when counterions may 
penetrate between the adsorbed monolayer charges, the 
double layer effects diminish the electrostatic repulsion of 
adsorbed charges by the oil phase. This means that for mi­
celles a treatment which includes such double-layer effects 
would produce free-energy minima that would be deeper 
than those in Figure 4. Nevertheless, one expects that the 
dehydration potential still remains the chief determinant 
of the equilibrium distance d. For this reason we do not ex­
tend the present calculation with a double-layer contribu­
tion.

A few remarks about fluctuations are in order. The po­
tential curves in Figure 4 are not symmetrical. Therefore, 
the equilibrium distance, or average distance {d ), might be 
significantly shorter than the value of d for which the free 
energy is minimal. As an extreme example we consider the 
hydrophobic curve in Figure 4, combined with an infinitely 
steep dehydration potential at d = d o

F = —dkT d < d0 (5)

F = 00 d > d0
The average value of d for this potential is

+°o
(d) = d exp(~F/kT) dd /

r*~I exp{-F/kT) dd = d0 -  1 (6)

This result shows that the extreme asymmetry of the po­
tential in eq 5 shifts (d) by only 1 A. More realistic free- 
energy curves will show less asymmetry, causing a shift in
(d) of only a fraction of 1  A.

The main conclusion is that the free-energy curves show 
a not too shallow minimum around the previously derived 
equilibrium distance d = 0.8 ±  0.4 A. In view of the uncer­

n = 51 84 96 83 „ 2
A = 58.7 52.3 51.0 52.4 A

cmc = 0.016M 0.0041 M  0.0024M 0.0022 M

Figure 5. Decyl-substituted pyridinium groups in Figure 1. Micelle 
numbers n, cmc values, and partial charges from ref 5. Vertical dis­
tances in angstroms. A is surface area of micelle core per mono­
mer.

tainty of the dehydration potential the limits on d cannot 
be narrowed at the present time. It is encouraging that two 
independent methods give essentially the same location of 
the core-water interface. One expects that this location 
does not depend significantly on the particular surfactant, 
as long as the head group is sufficiently hydrophilic. We 
now examine some surfactants which do not meet this 
specification.

Cmc of Decylpyridinium Hydrobromides
Following the work of Jacobs and Anacker5 the cmc of 

decylpyridinium salts depends markedly on the position in 
which the pyridinium ring is substituted. Figure 5 shows 
the various isomers, with the ring charges as calculated5 
with the Hiickel molecular orbital method, the association 
number n, 5 and the surface area A available per monomer 
at the surface of the micelle core. For all compounds the 
area A, calculated from n and assuming a core density4 of 
0.789 g/ml, is large enough for the pyridinium rings to lie 
flat on the core surface. However, such a position would 
minimize any differences between the four compounds, and 
the large variations in cmc would be difficult to explain. 
For this reason we assume that the terminal rings do not lie 
flat on the micelle surface, but stick out into the water.

We have evaluated the change in self-potential, assum­
ing that the pyridinium rings are perpendicular to the sur­
face of spherical micelles with the experimental n values. 
The results are shown in Table III for the limits of the 
range d = 0.8 ± 0.4 A accepted for compounds 1-5. As be­
fore we use 1  as the reference group, and the difference 
(A<pk — A4>i)/kT is compared with A In cmc. It is noted that 
the N-substituted group 6 is the same as group 5, and that 
there is a discrepancy between the values of A In cmc for 5 
and 6. A possible reason is the difference in solvent: 0.5M 
HBr for compound 6, and more dilute KBr solutions for 5. 
For the purpose of the present argument we have accepted 
the published cmc data for compounds 6-9, and used sodi­
um decyl sulfate as a reference, see Figures 1 and 5, to ob­
tain A In cmc in Table III.

For group 6 A In cmc is well within the calculated limits 
in Table III. This is not the case for groups 7-9. In fact, for 
the present model there is no value of d which produces re­
sults for (A4>k — Act>i)/kT to match the A In cmc data of 
compounds 7-9. A satisfactory explanation can be con­
structed when the hydrophobicity of the head groups is 
considered.

Figure 5 shows that in the order 6, 7, 8 the ring charge 
moves away from the a-carbon atom. So it is probable that, 
in this order, the lower part of the pyridinium ring becomes 
more hydrophobic. As a result one expects d to increase so 
that the ring moves partly out of the water and into the mi-
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TA B L E  III: C h a n g e  o f  S e lf -P o te n t ia l  in  M ic e ll iz a t io n ,  
A4>it, o f  H ea d  G ro u p s 1 in  F ig u r e  2, a n d  6 -9  in  F ig u r e  4 
fo r  T w o  V a lu es  o f  D is ta n c e  d, a n d  C o m p a r iso n  w ith  
C m c D ifferen ce  A In  c m c  (S p h er ica l M ice lle s )

Group k  = 1 6 7 8 9
A4>r/kT for

d = 0 .4  A 0.233 0.627 0.565 0.402 0.392
d = 1 .2 0.344 2.042 1.495 0.865 1.063

(.A <pt — A (/>,)/ 
k T  for

d = 0.4 0 0.39 0.33 0.17 0.16
d = 1 . 2 0 1.70 1.15 0.52 0.72
A In cmc 0 1 . 1 2 -0 .2 4 -0 .7 7 - 0.86

celle core. The effect is similar to that of lengthening the 
hydrocarbon tail: it facilitates micelle formation and lowers 
the cmc, as observed. The relevant contributions to the free 
energy are difficult to evaluate and, hence, we cannot de­
rive an accurate equilibrium value of d for the present 
compounds.

It remains to evaluate the possible effect on the cmc of a 
specific adsorption of bromide ions to the micelle surface 
by charge transfer (CT) interactions with head groups 6-9 
in Figure 5. The formation of CT complexes of pyridinium 
compounds with various ions is well established,13-16 well 
understood in a qualitative way,17 and needs no elaboration 
here. For dodecyl-1 pyridinium micelles in water CT inter­
actions with halogen ions decrease in the order I-  > Br~ > 
Cl- .16 This sequence parallels that of the cmc’s of the do- 
decyl-l-pyridinium halogenides:2 0.57 X 10-2M for the io­
dide, 1.14 X 10~2 M  for the bromide, and 1.47 X 10-2  M 
the chloride compound in water at 25°. In the micellar so­
lutions there is no spectral evidence of a CT complex of the
1 -pyridinium head group with chloride, only with bromide 
and, particularly, with iodide ions.16 So for head group 6 
(or 5) the CT interaction with bromide ions causes no more 
than the minor decrease in cmc from 1.47 X 10-2  to 1.14 X 
10“ 2 M. This decrease is an order of magnitude smaller 
than the large differences between the cmc’s of compounds
6-9 in Figure 5. Furthermore, CT complex formation is 
quite insensitive to changes in substitution of the pyridini­
um ring.14 We conclude that specific adsorption of bromide 
ions at the micelle surface is not a main factor in the cmc of 
the compounds under discussion.

M icelle Structure
Light scattering,18 viscosity,19’20 and ultrasonic measure­

ments21 in dilute surfactant solutions have produced sound 
evidence of the presence of small, spherical or larger, 
worm-like micelles22’23 with a liquid core. There is no 
agreement on the exact composition of the micelle core: 
pure hydrocarbon, or hydrocarbon mixed with water and 
counterions. Viscosity data accommodate less than 20% 
water inside the core of sodium dodecyl sulfate micelles.22 
More precise conclusions have been drawn in the previous 
sections from the specificity of surfactants and from free- 
energy considerations: no water at all inside the micelle 
core which comprises the alkyl chains, including the «-car­
bon groups, and even part of sufficiently hydrophobic head 
groups. This conclusion disagrees sharply with the widely 
held view that water penetrates between the alkyl chains 
into the micelle core at least as far as the /3-methylene 
groups, or even considerably further. Examination shows 
that the foundations for this view are not particularly solid.

Corkill, et al.,24 have measured the effects of micelliza­

tion on the partial molar volume of surfactants as a func­
tion of alkyl chain length, and concluded that in micelle 
formation the hydration of the methylene groups adjacent 
to the hydrophilic group is retained. This interpretation 
rests on the doubtful assumption that all volume changes 
at the micelle surface due to concentration of ionic charges 
and exposure of the hydrocarbon core surface are much less 
than 4 ml/mol of micellized surfactant.

Clifford25 has concluded from spin lattice relaxation 
times of micellized hydrocarbon protons that part of the 
alkyl chains in the micelle is exposed to water. It is difficult 
to evaluate this conclusion because of the several implied 
assumptions concerning micelle lifetimes and statistical av­
eraging near and at the micelle solution interface.

We now discuss some details of interpretation of several 
other spectroscopic papers6-8’26 which support models with 
water between the micellized alkyl chains.

Small-Angle X-Ray Scattering. Reiss-Husson and Luz- 
zati27 first applied small-angle X-ray scattering to study 
the size and shape of micelles in surfactant solutions. On 
the basis of model calculations they conclude that in aque­
ous solutions of sodium dodecyl sulfate at 70° the scatter­
ing is consistent with spherical micelles that have a hydro­
carbon core of 17A radius. This corresponds to about n = 
57 monomers per micelle.

More recently Svens and Rosenholm26 have investigated 
micelles of sodium octanoate under a variety of conditions, 
using essentially the scattering technique and interpreta­
tion of ref 27. In aqueous solution at 25° they calculate very 
small core radii, varying from 4.5 to 6.5 A, and conclude 
that water penetrates substantially between the micellized 
hydrocarbon chains. In evaluating this conclusion it is 
noted that the X-ray interpretation is based on a simplified 
model. The authors26’27 assume a random distribution of 
monodisperse micelles, each of which is represented by a 
hydrocarbon core with a surrounding polar layer of differ­
ent electron density. Such a stepwise distribution of elec­
tron density is unrealistic for the micelle surface and the 
ionic atmosphere. Moreover, there is mutual repulsion, and 
hence correlation, between the charged micelles. Perhaps 
the most questionable is the assumption of monodispersity 
of the micelles.

The original authors27 well realized the possible short­
comings of the model, and discussed the difficulties in ap­
propriate detail. In fact, they applied a test for monodis­
persity by calculating a micelle property related to scatter­
ing. This property appeared to remain reassuringly con­
stant over a threefold change of concentration, of dodecyl 
sulfate micelles. On the other hand, the data on sodium oc­
tanoate in the later work26 fail even such an insensitive 
test: the calculated core radius increases from 4.5 to 6.5 A 
when the octanoate concentration increases from 1  to 1.8
M. Such internal inconsistency renders this particular in­
terpretation of the scattering data of sodium octanoate so­
lutions unconvincing.

Fluorine Magnetic Resonance. Muller, et al, have stud­
ied the chemical shift of the fluorine magnetic resonance in 
solutions of fluorinated surfactants.6-8 The concentration- 
dependent shift in aqueous solutions above the cmc is re­
solved in shifts of monomeric and micellar surfactant, <5W 
and bm, respectively. It is found in all cases that, measured 
with respect to the same external standard, 8m is between 
<5W and <5hc, the chemical shift in bulk hydrocarbon. “Mixing 
coefficients,” defined as Z = (5m -  5w)/(5hc -  5W), range 
from 0.51 to 0.59 for CF3(CH2)A COONa, with k = 8, 10 ,
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and 1 1 , under various conditions of temperature and ionic 
strength.6’7 In the case of sodium perfluorooctanoate8 the 
values calculated from five different sets of fluorine shifts 
increase from Z = 0.37 for the a carbon, or C2, to Z = 0.84 
for the Cg fluorine. The simplest conclusion, drawn by the 
authors, is the water penetrates appreciably into the lipo­
philic core of the micelle.6̂ 8 The disagreement with the 
conclusion drawn earlier in this paper, no water in the mi­
celle core, cannot be resolved at the present time. We can 
only offer some possible explanations.

Although micelle sizes for the fluorinated surfactants 
were not reported, one expects micelle cores with a surface 
area between 50 and 65 A2 per monomer. This is two or 
three times the area in tightly packed monolayers. So a 
substantial portion of the micellized lipophilic chain must 
be situated at the core surface, in contact with water. One 
might well argue that in micelles of CF3(CH2)* COONa the 
CF3 groups prefer the core surface. Fluorination of the ter­
minal group increases the cmc, possibly because of the 
large dipole of the CF3 group. The relatively large size of 
the CF3 group might be an additional reason for its prefer­
ential location at the core-water interface. This would rec­
oncile the low value Z = 0.53 for CF3 with a water free mi­
celle core. Furthermore, fluorination of the rest of the alkyl 
chain increases the value for the terminal CF3 group from Z 
= 0.53 to Z = 0.84. This change might support the forego­
ing argument that fluorination changes the packing of the 
chain elements inside the core. Very recently, after comple­
tion of the present work, Mukerjee and Mysels have pre­
sented similar, but more elaborate, arguments in a discus­
sion of some anomalies in the association behavior of par­
tially fluorinated surfactants.28

Finally, the quantitative relation between chemical shift 
and material properties has not yet been described in any 
satisfactory way. The relevant properties of the micelle 
core may well differ from those of bulk hydrocarbon. In 
fact at least one-third of a micelle core is within 2 A from 
the core surface. This means that much of the micellar shift 
originates at a distance of one atomic diameter or less from 
the core-water interface. The influence of such an environ­
ment on 8m is largely unknown.

C on clu d in g  R em ark s

The basic assumptions implied in the present treatment 
are that all methylene groups in all surfactant ions under 
study have the same hydrophobic properties and that, at 
least for the head groups in Figure 2, the average location 
of the core-water interface is invariant with respect to the 
«-carbon gtoms, that is, d is the same for all surfactants. 
Although these assumptions yield the simplest and most 
general micelle model, suitable modifications for particular 
head groups could explain the cmc data equally well. It will 
be very difficult to detect minor deviations from our as­

sumptions such as, for example, a somewhat more hydro­
philic character of the «-methylene groups in compounds
2-5 in Figure 2 combined with a slightly smaller value of d. 
Further quantitative work on the pyridine compounds in 
Figure 5 might be illuminating.

Another point of concern is that all arguments are based 
on continuum theory, the existence of a shear surface in the 
rheological treatments, an abrupt change of dielectric con­
stant at the core surface in the electrostatic model. The 
limits of applicability of these approximations have never 
been exactly established. In any detailed micelle model one 
surely operates close to such limits, or perhaps beyond. The 
only test seems to be the appearance of an incontrovertible 
inconsistency or contradiction with experiment.
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The oxidation, by O2 and N2O, of evaporated metal films of Nb, Ta, and Ti has been studied in the temper­
ature range 195-473 K. Fast dissociative adsorption of N2O, which was accompanied by N 2 evolution, oc­
curred on all the three metals at 195 K. At the latter temperature, some incorporation also occurred on Ti 
film, but the amount adsorbed on Nb was below that required to saturate the film surface with oxygen 
atoms. Oxygen adsorption on all three metals also took place rapidly at 195 K and the metals showed in 
general more tendency for oxygen adsorption through O2 than N 2O. At temperatures >303 K, the oxidation 
reaction took place by either O2 or N 2O with each film at a rate which depended both on the pressure of the 
reacting gas and the temperature of the metal film. The Ti film was the most, and Nb the least, active of 
the three metals for O2 or N2O oxidation. Both the activation energy (E ) and the preexponential factor (A ) 
increased as the extent of oxidation (X  or Y) of each film increased so that the experimental rate remained 
almost constant, suggesting the operation of a compensation effect in the oxidation of the three films. The 
effect was likely to arise from a relationship between the heat and the entropy of adsorption, leading to a 
compensation between activation energy and entropy of activation (and hence the preexponential factor). 
Values of A and E were lower for O2 adsorption on each film than for N 2O and this was ascribed to the 
higher heat of oxygen adsorption as compared with that of N 2O. On the other hand, values of A and E for 
the Ti film were in general smaller than the corresponding values for Ta and Nb films, such data are in 
parallel with the greater ease with which the oxidation of the Ti film occurred in comparison with the other 
two films.

In tr o d u c tio n

There have been quite a number of investigations on the 
interaction of N 2O with bulk metals, reduced powders, and 
metal filaments but mainly under high N 2O pressures or at 
elevated temperatures.1-4 With evaporated metal films, 
only a limited number of studies have so far been reported 
using N 2O gas. Isa and Saleh5-7 have studied the interac­
tion of N 2O with films of Fe, Ni, W, Pd, and Pb over the 
temperature range 195-523 K. Adsorption of N 2O on these 
metals at 195 K occurred dissociatively with N 2 evolution. 
On Fe and Ni films, extensive oxidation took place at tem­
peratures >303 K; a marked compensation existed between 
the activation energy and the preexponential factor of the 
oxidation process.

Metals Ti, Ta, and Nb of periodic groups IVa and Va are 
known to have strong tendencies for oxygen adsorption and 
the initial heats of oxygen adsorption on these metals were 
shown to be considerably higher than those on other transi­
tion metals.8-10 There is a need for a more fundamental in­
vestigation of oxygen adsorption to clean surfaces of such 
metals under controlled conditions of temperature and 
pressure. Nothing is known concerning the kinetics of the 
oxidation of the above-mentioned three metals at low pres­
sures and in the temperature range 195-473 K; such data 
may be of considerable value in accounting for the behavior 
of the metals in oxidation reactions. It was also attempted 
to discern the different tendencies of the same three metals 
toward O2 and N2O and this was estimated on the basis of 
the kinetic data for the oxidation of the metals by either of 
the two gases.

E x p e r im e n ta l S ec tio n

The apparatus, materials, and experimental techniques 
have been described.11-12 Metal films of Ti, Ta, and Nb

were prepared from 0.1 -mm wire which was obtained from 
Johnson Matthey Chemicals Ltd. The glass apparatus and 
the metal filaments were degassed until the rate of degass­
ing with the reaction vessel at 673 K was < ! 0-2  N m-2 
hr-1. The evaporation currents were 0.6, 4.0, and 9.0 A for 
Ti, Nb, and Ta films, respectively, and the reaction vessel 
was kept open to the pumps throughout the degassing and 
the subsequent preparation and sintering of the film. Each 
film was sintered at 343 K for 20 min and, thereafter, its 
area was measured by krypton adsorption at 78 K. Nitrous 
oxide was prepared and purified as described before.5 Oxy­
gen was obtained from cylinders, but it was further purified 
before use. Mixtures of N 2 + N2O were analyzed by con­
densing the latter gas at 78 K and measuring the remaining 
pressure of N2; the vapor pressure of N2O at 78 K as mea­
sured by a McLeod gauge was ~ 10 -2 N m-2, uncorrected 
for thermomolecular flow.

R e su lts

The extents of N 2O and O2 adsorption on each film were 
expressed in terms of X  and Y as follows

X  —  vN̂0/vKr (1)

Y = l ' o / r Kr (2)

where Vn2o and Vo2 were the volumes of N 2O and 0 2 ad­
sorbed, respectively, and VKr was the volume of krypton 
monolayer on the film at 78 K; the volumes were measured 
in units of microliters (STP).

Because of the very little amount of nitrogen that was re­
tained by a film subsequent to N2O adsorption, it was rea­
sonable to consider the value of X as a measure of either the 
coverage of the surface by oxygen atoms or alternatively, 
when incorporation occurred, of the thickness of the oxide
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layer formed. Similarly, when molecular oxygen was used, 
the value of Y reflected either the coverage of the film sur­
face or of the extent of oxidation in terms of the adsorbed 
oxygen molecules, the same amount of oxygen uptake may 
be expressed by a certain value of X  or by 2 Y = X  assum­
ing dissociative adsorption of oxygen in each case.

Adsorption of N 20. The initial adsorption of N 2O on 
metal films of Nb, Ta, and Ti occurred rapidly (in <1 min) 
at 195 K to a final pressure of 10-3 N m-2. Further adsorp­
tion of N 2O proceeded at a rate which decreased with in­
creasing values of X. The process of adsorption was accom­
panied by the evolution of gaseous N 2. The extent of N 2 de­
sorption on Nb and Ta films was equivalent to that of N 2O 
adsorption; the total gas pressure always remained con­
stant because one molecule of N 2 appeared in the gas phase 
for each N 2O molecule that underwent adsorption.

On the Ti film, less N 2 was desorbed than N 2O adsorbed 
particularly for relatively low values of X  at 195 K, and 
this was reflected in the rapid decrease of the total gas 
pressure in the initial adsorption of N 20  on Ti film. This 
was clearly detected in the behavior of the first dose that 
was admitted to the clean Ti film. In the subsequent ad­
sorption of N 2O which occurred at a measurable rate, there 
was a slow decrease in the total gas pressure with time as 
the reaction of N 2O with the film continued. Furthermore, 
the film of Ti was shown to be more reactive toward N 2O at 
195 K than the other two metals, and this is seen in the 
final values of X  (X max) on the three films at this tempera­
ture as given in Table I. At such values of X  (X max), the 
rate N 2O uptake becomes < 10~4 /A. sec- 1  cm-2 under a gas 
pressure of 6 N m-2  at 195 K.

Some N2O desorption was observed when a Ti film which 
had adsorbed N2O at 195 K to the extent X max = 4.9 was 
warmed to 273 K; the amount desorbed represented only 
about 10% of the total gas adsorption at 195 K. Thereafter, 
adsorption of N 2O continued at 27S K at a rate which in­
creased on heating the film to higher temperatures. Disso­
ciative adsorption of N 2O, with complete desorption of N2, 
was the main feature of the N 2O interaction with each of 
the three metals at temperatures >303 K. The reaction be­
came faster as the film was heated and, at any temperature, 
the total gas pressure remained virtually constant as N20  
was consumed at the same rate by which N2 was desorbed; 
a typical example for such behavior is shown in Figure 1. At 
any temperature below 520 K, the Ti film remained the 
most active among the three metals used in this investiga­
tion toward N 2O, i.e., the rates of adsorption at 395 K, 
under the same pressure, on Nb, Ta, and Ti films were re­
spectively 1.42 X 1011, 1.46 X 1011, and 4.2 X 1012 molecules 
sec- 1  cm-2.

Adsorption of Oxygen. There was a fast instantaneous 
adsorption of oxygen on metal films of Nb, Ta, and Ti at 
195 K. Above Y  = 0.6, the adsorption occurred at a rate 
which became slower as Y  increased. When the rate of up­
take became < 10 -3  /d. sec- 1  cm-2, the amounts of oxygen 
adsorbed (Ymax) were as given in Table II.

Further interaction took place at and above 303 K. The 
rate of oxidation increased on increasing the temperature 
of the film. Above 523 K, some desorption began to occur at 
an extremely slow rate.

Kinetics of N zO and 0 2 Adsorption
Pressure Dependence. The rate of N 20  or 0 2 adsorption 

on Nb, Ta, and Ti films at any temperature greater than 
273 K depended on the pressure of the reacting gas. The

TABLE I: M a x im u m  V a lu es  o f  X  (Amax) o n  N b , T a , 
a n d  T i f ilm s  a t  195 K

Film ■̂ max
Nb 0.82
Ta 1.80
Ti 4.90

TABLE I I :  T o ta l A m o u n ts  o f  O xygen  A d so r p tio n  o n  
Nb, T a, a n d  T i f i lm s  a t  195 K

Film -̂ max
Nb 1.14
Ta . 2.00
Ti 2.61

Figure 1. Interaction of N20  with metal films of Nb and Ti at different 
temperatures: A , total pressure; O, N 20  pressure; • ,  N 2 pressure.

rate of gas adsorption r j at an initial pressure P i was first 
determined, then the pressure was changed to P 2 at which 
the new rate r2 was obtained. The dependence (n ) of the 
rate on pressure was evaluated from the relation

(Pt/P2r  = r t/ r 2 (3)
Values of n thus obtained, for the pressure range 1-8 N 
m~2, were close to unity using either N 20  or 0 2. A check for 
the value of n = 1 was to plot log P gas as a function of time 
for different films at severed temperatures, typical plots of 
which are indicated in Figure 2.

Effect of Temperature. From the rate of N20  (or 0 2) ad­
sorption at two different temperatures but virtually the 
same value of X  (or Y), "he activation energy of adsorption
(E ) was determined. Values of E for N 20  or 0 2 adsorption 
on each metal film increased as X  or Y increased as shown 
in Figure 3.

From the rate (r) of gas adsorption at a given tempera­
ture T, coverage X  (or Y), and appropriate value of E, the 
value of the preexponential factor A in the Arrhenius type 
rate equation

(J')x<or n ,r  =  Aexp(-E /R T)  (4)
was obtained. From the values of A at various tempera­
tures and values of X  (or Y), the corresponding values of 
the entropy of activation (AS*) were determined assuming 
a pressure dependence of n = 1. Table III shows that for 
approximately the same gas pressure (4-7 N m-2) the 
values of A and AS* increased as X  (or Y) and E in­
creased on each film so that the experimental rate re­
mained almost constant. Figure 4 shows the relationship
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T A B L E  III: E x p e r im e n ta l V a lu es  o f  A c tiv a t io n  E n erg y  (E), F r e q u e n c y  (A), a n d  E n tro p y  o f  A c t iv a t io n  (AS*) 
a t V a r io u s  V a lu es  o f  X  or Y  o n  a T i F ilm

X Temp, K
Rate, molecules 

sec-1  c m '! E, J mol” 1
A, molecules 
sec” 1 cm ” 2 AS*, J mol ” 4

4 .9 0 273 3 .8  X 1012 18.30 1 .1  X 10“ 177 .67
7 .8 5 303 1 .8  X 1012 4 6 .65 4 .4  X 1019 246.21
9 .4 1 328 3 .4  X 1012 69 .53 5 .7  X 1022 300 .88

13 .68 393 3 .9  X 1012 106.64 5 .3 3  X 1025 354 .78

5 .0 8 273 1 .5 3  X 1012 20 .87 4 .2 6  X 1015 170 .17
8 .1 4 308 1 .4 0  X 1012 3 0 .00 7 .8 9  X 1016 192.50
9 .0 4 393 1 .65  X 1012 4 5 .07 7 .71  X 10IS 233 .50

14 .79 393 1 .2 8  X 1012 9 0 .84 1 .30  X 1024 331 .67

. 2
T im e/10 S

Figure 2. First-order plots for the uptake of N20  (A) and 0 2 (B) on Nb 
(•), Ta (O), and TI (©) films at various temperatures.

X Y

Figure 3. Activation energy (E) plotted against the extent of oxida­
tion X  and Y on films of Nb, Ta, and Ti. Sym bols are as in Figure 2.

between log A and E and the variation of AS * values with 
E is indicated in Figure 5. Values of A, E, and AS* were 
obtained for each film at a given value of X  (or Y) and the 
results were plotted in Figure 6.

D isc u ss io n

Adsorption at 195 K. Dissociative adsorption of N20  oc­
curred on Nb, Ta, and Ti films even at 195 K as almost all 
the N 2 of the adsorbed N 20  was desorbed at the same tem­
perature. From the values of X max in Table I one can con­
clude that surface saturation by oxygen atoms, resulting 
from the dissociative adsorption of N20 , was not achieved 
on Nb film; the value of X max = 0.82 suggests that the ad­
sorbed oxygen atoms of N 20  was only sufficient to cover 
less than the half of the available surface sites assuming 
each krypton atom to occupy an area twice as large as the

Figure 4. Compensation effect in oxidation of No, Ta, and Ti films by 
N 20  (A) and 0 2 (B) gases. Symbols are a s in Figure 2.

Figure 5. Variation of A S '  with E  for N20  (A) and 0 ^ (6 )  ga se s in­
teractions with Nb and Ti films. r

oxygen atom. On the other hand, the value of Ymax = 1.14 
on Nb at the same temperature (Table II) indicates a com­
plete surface saturation by oxygen. The difference in be­
havior may arise from the higher heat of oxygen adsorption 
on Nb than of N 20.

On the Ta film, the value of X max was 1.8 and this value 
reflects the amount of adsorbed oxygen atoms that are al­
most sufficient for complete coverage of the film surface. 
On the same assumption, one would expect Ymax = 2.0 on 
Ta to involve lattice penetration by oxygen in addition to 
surface saturation. The difference in the heat of adsorption 
may also account for the different behaviors of the two 
gases on the same metal.

On the Ti film, the adsorption and incorporation oc­
curred almost to the same extent using either N 20  or 0 2 
despite the fact that the value of X max = 4.9 corresponded 
to slightly less oxygen uptake than that expressed by Ymax
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Figure 6. Compensation effect in the oxidation of Nb, Ta, and Ti 
films by N20  (at X  =  2.3) and 0 2 (at Y — 2.3).

= 2.6. The small difference of about 2Ymax — X max = 0.3 
may account for some nitrogen uptake8 in the initial ad­
sorption of N 20  on the Ti fifm at 195 K in addition to the 
adsorbed oxygen atoms.

The reactivity of the three metals at 195 K toward the 
oxygen of the adsorbed N 2O or O2 occurred in the sequence 
Ti > Ta > Nb. It has been shown9 that the initial heats of 
oxygen adsorption on metals of periodic group IV (as for Ti 
metal) are higher than on metals of other groups (i.e., Nb 
and Ta of group V). If the oxidation process involves mi­
gration and subsequent outward diffusion of the metal ions 
to contact the reacting gas, then such factors as the melting 
point and the ionic radius may be considered to be impor­
tant in deciding the ease of oxidation; the Ti metal has the 
lowest melting point and the smallest ionic radius13’14 
among the three metals used in this investigation. The Ti 
metal is known to crystallyze with a different structure 
(cph) than that of Ta and Nb (bcc). These and other prop­
erties of Ti probably make this metal more favorable for 
oxidation by either N 20  or 0 2 than the other two metals.

Uptake at >303 K. The results of Figure 4, relating log 
A to E, suggest the operation of a compensation effect15’16 
which may be represented by the relation

log A  =  U E  + W (5)

where U and W are constants. The compensation may 
arise17 from a relationship between the heat and the entro­
py of adsorption, and this leads to a compensation between 
the activai)on energy and the entropy of activation (and 
hence the preexponential factor).

The results in Figure 6 indicate a more general picture 
for the operation of the compensation effect in the oxida­
tion of Nb, Ta, and Ti films by N 20  and 0 2 gases. The 
points representing the oxidation of each metal by 0 2 cor­

responded to lower values of log A and E, and hence to 
lower values of the entropy of activation, than the points 
representing the oxidation of the same metal by N 20 . Oxy­
gen adsorption on each metal is likely to take place with a 
much higher heat of adsorption than that of N20. Entropy 
contributions arising from vibration or rotation of the ad­
sorbed molecule are likely to be more restricted the greater 
the strength of adsorption; a proportionality between heat 
and entropy of adsorption is therefore expected. On the 
other hand, the activation energy of oxygen adsorption is 
expected to be less than that for N 20  adsorption. The rela­
tionship depicted in Figure 5 may suggest that the activat­
ed complex for N 20  or 0 2 reaction with each metal be­
comes less restricted as the extent of oxidation increases.

The points representing the oxidation of Ti film by ei­
ther N 20  or 0 2 lie in general (Figure 6) lower than the cor­
responding points for the other two films. This may be ac­
counted for on the basis of the heat of adsorption and cer­
tain other characteristic properties of Ti metal which have 
been referred to earlier in this work. Moreover, on compari­
son of the present results with those published previously,5 
it was found that Ti was, under similar experimental condi­
tion, as reactive toward N 20  as Fe and Ni films; the same 
value of E on Ti, Fe, and Ni metals corresponded to almost 
the same value of log A. The main difference confined in 
the fact that a given value of E  for Ti film corresponded to 
a comparatively higher value of X  than on Fe and Ni films. 
This probably assigns a higher reactivity to Ti metal than 
Fe and Ni. It has been found10 that the heat of dissociative 
chemisorption of oxygen increased as one moved from Ni 
toward Ti due to the some increasing trend in the covalent 
contribution to metal-oxygen bond formation.
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The chemisorption of nitric oxide and carbon monoxide was investigated on C03O4 and other cobalt-con­
taining normal spinels, such as C0AI2O4 and ZnCo204. On C03O4 the chemisorption of NO and CO is very 
similar, with that of the NO being somewhat stronger. Monolayer coverage by NO at 25° is attained at 500 
Torr and by CO at 1000 Torr. The NO can coadsorb on a surface covered with preadsorbed CO. Preadsorp­
tion of NO prevents the coadsorption of CO. The uptake of NO and CO by ZnCo204 is the same as by 
C03O4. On the other hand, C0AI2O4 is almost totally inert for the adsorption. The divalent cobalt ions in 
C0AI2O4 were found by ion-scattering spectroscopy to be largely shielded from the surface. Chemisorption 
of CO on two crystallographic modifications of cobaltous oxide has shown that the CoO with the N a d  
structure is active in chemisorption while the modification having the ZnS structure is not. It is concluded 
that it is the tetrahedral coordination of the cobaltous ions in C0AI2O4 that i§ responsible for their inactiv­
ity in chemisorption rather than their oxidation state.

In tro d u c tio n

Studies of nitric oxide chemisorption on a series of tran­
sition metal oxides1-5 and on platinum6 have been reported 
previously. This communication deals with the chemisorp­
tion of NO and CO on C03O4 and other cobalt-containing 
spinels. The chemisorption behavior of this oxide is of par­
ticular interest on several accounts. First, this oxide is the 
most active of the base metals of the first transition series 
in the catalysis of oxygen-transfer reactions.7-10 Secondly, 
it rapidly becomes deactivated by the solid-state interac­
tion with the most common catalyst support, Al20 3 .8-n  
Thirdly, both the active oxide, C03O4, and the inactive 
product of its interaction with AI2O3, C0AI2O4 (cobalt alu­
mínate), have the same spinel structure. By examining the 
chemisorbing surfaces by ion-scattering spectroscopy and 
the chemisorbed species by infrared spectroscopy, along 
with the chemisorption measurements, some insight has 
been gained into the deactivation of C03O4 by interaction 
with AI2O3 to form CoAl20 4.

Since C03O4 has a spinel structure (Co2+Co23+C>4), with 
the divalent and trivalent cobalt ions in differently coordi­
nated sites within the crystal, one objective of this study 
was to elucidate whether these cobalt ions behave differ­
ently with respect to chemisorption and catalytic activity. 
The other cobalt-containing spinels, such as Co2+A120 4 and 
ZnCo23+04 , with cobalt ions of only one oxidation state and 
one type of coordination, were used in the chemisorption 
study for comparison with Co2+Co23+04 .

Finally, carbon monoxide chemisorption measurements 
were also performed on two different samples of cobaltous 
oxide, one of the commonly observed NaCl structure, with 
the cobaltous ions in octahedral coordination, and the 
other of the zinc blende-wurtzite structure, with the cobal­
tous ions in the tetrahedral coordination.

E x p e r im e n ta l S ec tio n

A. Adsorbents. Cobalt oxide (C03O4) was prepared by 
precipitation from an aqueous Co(N03)2 solution with am­
monia. The solid was heated to 400° for 8 hr. The resulting 
black powder was examined by X-ray diffraction. It had a 
spinel crystalline structure without impurity lines and had

a BET area of approximately 20 m2/g. C0AI2O4 was pur­
chased from City Chemical Co. and was preheated to 800° 
in air prior to use. The heated sample had a BET area of 11 
m2/g.

ZnCo204 was prepared by dissolving ZnCC>3 and 
Co(NOs)2 in HNO3 solution, using a 1% excess of Zn over 
the stoichiometric amount. This precaution was taken to 
assure that no excess of free C03O4 would be present in the 
end product. The solution was evaporated to near dryness 
and heated to 400° for 8 hr. The sample was then degassed 
under vacuum at 800° for 3 hr. The BET area of the sam­
ple was 6.2 m2/g. Both CoA120 4 and ZnCo204 were exam­
ined by X-ray diffraction and showed a spinel crystalline 
structure.

ZnO was prepared by the decomposition of ZnCC>3 (Al­
lied Chemical, reagent grade) at about 400° and degassed 
under vacuum at 400° for 3 hr. The BET area was 19.3 
m2/g.

The cobaltous oxide of the usual NaCl structure was pre­
pared by the decomposition of C0CO3 in vacuo at 300° for 
5 hr and further degassed at 400° for 3 hr.

The CoO with the zinc blende-wurzite structure was pre­
pared by decomposition of cobalt acetate in vacuo at 280° 
for 20 hr according to the procedure of Redman and Stew­
ard.12 X-ray patterns of the CoO confirmed a zinc blende 
(3H) structure with minor wurtzite (2H) stacking.

B. Adsorbates. Nitric oxide was purified by several freez­
ing-evaporation cycles and two-thirds of the middle frac­
tion was used in the chemisorption experiments.1 CP grade 
carbon monoxide and ultra-pure grade argon (99.9% mini­
mum) were used without further purification.

C. Execution of Measurements. The volumetric mea­
surements were performed in a conventional constant vol­
ume adsorption apparatus equipped with a precision pres­
sure gauge linked with a fused quartz Bourbon capsule 
having a pressure range of 0-1000 Torr (Texas Instru­
ments, Model 145). The mass spectrometric analyses of the 
gas phase above the adsorbent were carried out by a CEC- 
614 mass spectrometer equipped with a batch-inlet system 
and operating at a pressure of 0.1 Torr at the high-pressure 
side of the gold leak of the analyzer. The infrared spectra 
were taken with a Perkin-Elmer Model 180 spectrometer.
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The ion-scattering spectra were taken by a 3M ion scat­
tering spectrometer using a beam of He+ ions accelerated 
to 1000 eV from a static atmosphere of helium at a pressure 
of 6 X 10-5 Torr.

For the adsorption measurements, the adsorbents were 
further degassed under vacuum (10-3 Torr) at 400° for 3 
hr. For the ir measurements, the black powder was pressed 
in a steel die at a pressure of 20-30 tons/in.2 into a wafer- 
thin, self-supporting disk with a diameter of 15 mm and 
weighing approximately 50 mg. A sample disk was hung 
from a quartz carriage with a platinum wire and then 
placed into a quartz cell similar to that used by Goodsel.13 
The carriage was manipulated magnetically, placing the 
sample into a heating zone when degassing at high temper­
ature, or placing it into a cylindrical cell, equipped with 
NaCl windows, to be inserted into the ir spectrometer oper­
ating at room temperature. Before the adsorbates were in­
troduced into the ir cell, the C03O4 sample was degassed at 
550° for about 8 hr. To remove a given adsorbate from a 
pressed disk sample the latter was degassed for 2 hr at 
400°.

Samples of cobaltous oxide were handled only under vac­
uum or in the atmosphere of the CO adsorbate, since the 
compound is known to undergo spontaneous oxidation in 
air to C03O4. For the same reason cobaltous oxide is unsuit­
able as an adsorbent for NO.

D. Reproducibility of the Adsorption Measurements. 
Repeated adsorption of NO on all the adsorbents gave re­
producible results, indicating that the degassing procedure 
at 360° and 10-6 Torr, which was employed, restored the 
surface to the original state. The surface shrinkage engen­
dered by this treatment was within the experimental un­
certainty of about 5% for an entire series of measurements 
carried out at a given temperature.

Similar reproducibility was not at first obtained with 
CO. The uptake of CO decreased in successive adsorption 
runs, despite degassing by the above procedure between 
runs. This was judged to be due to the oxygen depletion of 
the surface during CO desorption at 400°. To correct this, a 
reoxidation step was used between successive adsorption 
runs. The adopted procedure consisted of degassing, reox­
idation by admission of O2 at room temperature, and re­
peated degassing. After such treatment, the sample ad­
sorbed the same amount of CO under identical adsorption 
conditions.

R esu lts

A. Adsorption Isotherms on Co30 4. The adsorption iso­
therms for NO and CO on C03O4 at 25° obtained from the 
volumetric measurements are shown in Figures la  and lb, 
respectively. In both figures, curve A gives the total uptake; 
curve C the uptake on a surface degassed at 25° after the 
first adsorption; and curve B the difference between curves 
A and C. We consider the adsorption associated with 
curves B and C to be, respectively, the irreversible and re­
versible parts of the total coverage. As the data in Table I 
indicate, while the total and irreversible adsorptions de­
crease for both NO and CO with increasing temperature, 
the reversible adsorption of NO increases and that of CO 
decreases with increasing temperature. 0no is slightly high­
er than Bco- The data from Figure 1 are replotted on Figure 
2 , together with those at other temperatures, in the form of 
a Freundlich isotherm

q  — c p x/n (1 )

T A B L E  I: S u r fa c e  C overage“ o f  U n su p p o r te d  C o 30 4 

a t 60 T orr A d so rb a te  P r e ssu r e  in  th e  0-100°  
T e m p e r a tu r e  R a n g e

Adsorbate T, °C 6t 0r 0ir

NO 0 0.87 0.15 0.72
25 0.75 0 .2 1 0.54

100 0.70 0.31 0.39
CO 0 0.79 0.25 0.54

25 0.67 0.23 0.44
81 0.58 0.16 0.42

“ Ot = total coverage; 9, = reversible part; 0ir = irreversi-
ble part.

Figure 1. Adsorption isotherms for (a) NO and (b) CO  on C 03O4 at 
25°: A, total uptake; B, irreversible part; C, reversible part. (In a-A, 
O  and A  are data from two C c30 4 samples.)

In eq 1 q (in mmole per m2 of area) is the amount of NO or 
CO adsorbed on the surface and c and n are temperature 
dependent parameters. The values of c and n are tabulated 
in Table II. The extrapolation of the straight lines in Fig­
ure 2 to the point of intersection gives the monolayer cover­
age.1-4 This amount for both NO and CO is 13 ¿unol/m2,
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T A B L E  II: P a r a m e te r s  o f  F r e u n d lic h  I s o th e r m s  for  N O  a n d  CO A d so r p tio n  o n  U n su p p o r te d  C o O,

Adsorbate CO NO

T, °K 273 298 354 273 298 373

n
C, mmol/m2
H m =  n R T /O  -  rT),

12.90
0.00768

13,000

9.75
0.00634

11,800

7.12
0.00482

12,600

19.2
0.0103

13,800

16.0
0.0076

13,000

12 .0
0.0066

13,400
cal/mol

r  1.7 X  10“ 3 0 .9  X  10“ 3

which is equivalent to an area of 12.8 A2 occupied by one 
molecule of the adsorbate. As in the case of NiO,3 a higher 
pressure is required for the monolayer coverage by CO than 
by NO. These pressures are ~1000 and ~500 Torr, respec­
tively, for the CO and NO on C03O4 as seen in Figure 2.

The logarithmic, refined, form of eq 1 is given by
R Tlog q = log qm + H j l  _  rT) log +

RT
+ rT) l0g (2)

where r is an adjustable parameter introduced by Halsey14 
to correct for small changes of H m with temperature so that

Hm = nRT/{  1 -  rT) = constant (3)
Values of Hm and r are also included in Table II. Taking 
into account the logarithmic change of adsorption heat as a 
function of surface coverage, inherent in the Freundlich 
isotherm

He = Hm In 0 (4)
and using the values of H m from Table II, the relationship 
between He and 8 is given in Figure 3 for both NO and CO. 
The experimental points represent the values obtained di­
rectly by applying the Clausius-Clapeyron equation to the 
data of Figure 2 . These could be calculated only at 6 > 0.55.

B. Coadsorption of NO and CO on Co30 4 (Volumetric 
Results). In order to study the effect of preadsorbed CO on 
the chemisorption of NO (and vice versa) on C03O4, the ad­
sorption isotherms of CO and NO were followed in two se­
quential experiments. In each sequence, one of the gases 
was chemisorbed first at 25° and then degassed at the same 
temperature to pump-off the reversible portion of the ad­
sorption. The sample was then contacted at 25° with the 
other gas. The results, shown in Figure 4a, indicate that 
there is little change in the amount of total reversible and 
irreversible NO chemisorption on a C03O4 surface covered 
with preadsorbed CO, when compared with the adsorption 
on the “clean” C03O4 (Figure la). These results indicate 
that the NO and CO can coadsorb when the sequence of 
contact is CO first and NO thereafter.

A different picture prevails when the order of adsorbents 
is reversed. The amount of CO taken up on a surface cov­
ered with the irreversible part of NO adsorption is much 
less (Figure 4b) than on a clean surface (Figure lb). In ad­
dition the major part of the CO is reversibly adsorbed. It 
appears as though the reversibly adsorbed CO is accommo­
dated on the sites vacated when the reversible part of NO 
was pumped off, while the irreversible part represents 
coadsorption. Comparison of Figures 4a and 4b indicates 
that coadsorption is much smaller when the adsorption 
order is NO first, followed by CO.

In order to assess to what extent there is surface interac­
tion taking place at room temperature during successive 
(CO —*• NO, NO -*■ CO) or simultaneous (NO + CO) chemi­
sorption experiments, the gas composition was monitored

Figure 3. Variation of Hg with 8 from Hg = —Hm In 8. Experimental 
points calculated from Figure 2.

Figure 4. (a) NO adsorption isotherm at 25° on C o 30 4 with pread­
sorbed CO; (b) CO  adsorption isotherm at 25° on C o 30 4 with pread­
sorbed NO: A, total uptake; B, irreversible part; C, reversible part.

mass spectrometrically in separate runs in which a large 
sample of the adsorbent was contacted with the adsorbates. 
The mass-spectrometric analyses did reveal, in the gas 
phase, the products of interaction between NO and CO, 
even at room temperature, such as N 2, N20  and C 02. How­
ever, it has also shown that the extent of these reactions is 
confined to a very small fraction of the chemisorbed layer, 
~1% of the surface. It can be added that the coadsorption
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of NO on a CO-covered surface caused some very minor 
displacement of the CO into the gas phase. There was no 
displacement observed in the reverse order of adsorption. 
While the predominant product of NO reduction in succes­
sive adsorptions was N2O, in the simultaneous coadsorp­
tion it was N2.

C. Adsorption of NO and CO on Co2+AZ204 and 
ZnCo23+04. Adsorption isotherms were taken for these ad­
sorbents with NO and CO at 25°. In order to ascertain what 
is the uptake of these adsorbates on Al3+ and Zn2+ ions in 
the lattice, blank runs were made on o-Al2Oa and ZnO. The 
results are given in Table III where it is seen that (a) very 
little adsorption occurs on ZnO or 7 -AI2O3, (b) almost iden­
tical uptake of NO or of CO by Co2+Co23+04 and 
ZnCo23+04 takes place, and (c) the uptake on Co2+Al204 is 
only about 5% of the uptake on the other two cobalt-con­
taining spinels.

D. Adsorption of CO on Cobaltous Oxide. Since it was 
noted that C0AI2O4, in which the cobalt is present as cobal­
tous ions in the tetrahedral position, is almost inactive for 
the chemisorption of NO or CO, it became of interest to 
find out whether this behavior is associated with the oxida­
tion state of the cobalt ion or with its coordination number 
within the structure of the solid. As seen in Table III, the 
chemisorption of CO on the CoO with the NaCl structure is 
only somewhat less than that noted on the C03O4, while the 
chemisorption on the CoO with the ZnS structure is almost 
identical with the small uptake on CcAI2O4.

E. Surface Examination by Ion-Scattering Spectrome­
try. The evaluation of the spinel surfaces by ion-scattering 
spectrometry (ISS)15 affords a direct means for the detec­
tion of certain ions in the outermost layer. It has been 
shown that the method is sensitive to the first average 
atomic surface layer. According to Goff,15 the identification 
of surface atoms can be accomplished through measure­
ments of the energy spectra of scattered binary noble gas 
ions at a given scattering angle. The energy spectra consist 
of a number of peaks at various energies; the number of 
peaks corresponds to the number of constituents present in 
the surface under examination and the energy corresponds 
uniquely to the mass of each constituent. Within a first ap­
proximation, the height of each peak gives a relative mea­
sure of the quantity of each constituent present.

In Figure 5 the ion-scattering spectrum of C0AI2O4 is 
presented. The spectrum was taken using He+ ions of rela­
tively low energy (1000 eV) to minimize the disturbance of 
the surface layer. As seen in Figure 5, initially the peak as­
sociated with Co is not discernible above the background 
noise. This indicates that on the surface of C0AI2O4 the Co 
ions are absent. As the surface layers are sputtered away in 
successive scans the Co peak appears in the spectrum. It is 
plausible to assume that the spectrum after 10 min of He+ 
bombardment is representative of the bulk composition of 
C0AI2O4.

The application of ISS to the examination of the surfaces 
of complex oxides, which serve as catalysts, will be the 
subject of a more detailed publication.16

F. Ir Study of Coadsorption of NO and CO on C03O4. Ir 
spectra of coadsorbed NO and CO on C03O4 were taken in 
two sequential experiments. In each sequence, after the ir 
spectrum of the “clean” sample was recorded, C03O4 was 
contacted with one of the gases at 25° and then degassed at 
room temperature to pump off the reversible portion of the 
adsorption and a second ir spectrum of the sample was re­
corded. The sample was then exposed to the second gas at

25° and degassed at room temperature; then the third ir 
spectrum was taken. These ir spectra are shown in Figure
6. Spectrum 6a-A is that of “clean” C03O4; 6a-B is the spec­
trum after CO adsorption. The broad bands at 1600, 1545, 
1370, 1325, and 1135 cm-1 were identified by Goodsel13 
and Hertl17 as associated with monodentate and bidentate 
carbonate groups on the surface. The weak band at 2070 
cm-1 was assigned to the weakly adsorbed CO which can be 
removed by prolonged pumping. The coadsorption of NO 
(at 10 Torr) introduces two new bands at 1860 and 1780 
cm-1. Since the ir band of gaseous NO is at 1878 cm-1 and 
the NO bands in cobalt nhrosyl compounds are observed at 
1859 and 1790 cm- 1,18 these bands at the surface can be as­
signed to NO groups covalently or coordinatively bonded to 
the surface. The carbonate bonds are not significantly af­
fected by the NO coadsorption.

The reversal of the sequence of adsorption (NO first, fol­
lowed by CO) produces the spectra of Figure 6b. Exposure 
of an NO-covered surface to 10 Torr of CO suppresses the 
NO bands somewhat. The existence of the carbonate bands 
in spectrum 6b-C is due to the incomplete coverage in the 
preadsorption by NO. An incipient band appears at 2190 
cm-1, which is, as noted below, a product of the surface in­
teraction of the coadsorbed molecules.

The 300° temperature treatment of the C03O4 disk by a 
mixture of CO and NO results in the spectrum 6c-B, which 
is characterized by a stronger band at 2190 cm-1 and 
broader bands at the lower frequencies assigned to the sur­
face carbonates.

Bands resulting from the CO-NO interaction in this re­
gion of the spectrum have recently been identified as asso­
ciated with surface isocyanate groups. Thus, London and 
Bell19 have assigned a band at 2200 cm-1, observed on cop­
per oxide catalyst after the CO-NO reaction at 135-200°, 
to Cu+NCO. Unland20 has assigned bands at 2267 and 2148 
cm-1 to isocyanate surface intermediates, formed by the 
interaction of CO and NO on noble metal catalysts. Fol­
lowing these authors we similarly assign the band at 2190 
cm-1 to a surface -NCO group.

D iscu ss io n

The chemisorption beaavior of NO and CO on C03O4 
falls into the same general pattern observed in the case of 
other transition metal oxide adsorbents.

The differences between the chemisorption parameters 
for the two adsorbates on C03O4 are much narrower than 
noted previously on NiO.3 There is no difference between 
the limiting NO and CO monolayer coverages on pure 
C03O4; 13 ¿imol/m2 (BET) or 7.8 X 1018 molecules/m2 
(BET). The NO chemisorption is somewhat stronger as 
judged from the pressures needed to attain monolayer cov­
erage.

Heats of adsorption of NO and CO differ only slightly on 
C03O4. It is interesting to note that among the metal oxides 
of the first transition series the highest heats of NO chemi­
sorption are found in the spinel oxides, C03O4 and Fe304. 
The H m values for these two adsorbents are respectively
13.4 and 16.5 kcal/mol. The last value has been corrected 
upward from the previously published 10.5 kcal/mol2 by 
applying the Halsey14 correction, not employed in the origi­
nal publication.

The monolayer of 7.8 X 1018 molecules/m2 (BET) for 
C03O4 is at the upper end of the monolayer coverages as 
measured on the series of transition metal oxides.

The salient point of the investigation is the almost com-
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Figure 5. Ion scattering spectra of CoAI204 in successive scans.

plete correspondence of the chemisorption between C03O4 
and ZnCo204 on the one hand and the almost complete ab­
sence of chemisorption on C0AI2O4. All three adsorbents 
were chosen to be normal spinels, in which the divalent 
ions are in the tetrahedral positions in the lattice and the

Figure 6. Ir spectra of NO and CO  chemisorption on C 03O 4: (a) se ­
quential chemisorption of CO  followed by NO at 25°; (b) sequential 
chemisorption of NO followed by CO  at 25°; (c) simultaneous con­
tact of NO and CO  at 300°.

trivalent in octahedral. It is to be noted that a certain de­
gree of randomness, expressed by the subscript x in the 
overall spinel formula (Ax_I Bx)[AxB2- a:]04 , is present in 
every case. In the above formula A represents the divalent 
ion, B the trivalent ion, the parentheses the sites of tetra­
hedral coordination, and the brackets sites of octahedral 
coordination. In a normal spinel x = 0, in an inverse one x 
= 1 ; at x = % the spinel structure is completely random­
ized.

chemisorb CO, we have to discard as the reason for the in­
ability of the C0AI2O4 to chemisorb, the fact that the cobalt 
ions present therein are divalent. The coverage on CoO is 
less than on C03O4. This is to be expected, as it is known 
that the complex-forming ability of the cobaltous ion, 
which is analogous to chemisorptive ability, is much lower 
than that of the cobaltic ion.25 On the other hand, the 
chemisorption behavior of the tetrahedral cobaltous oxide 
was identical with that of the cobalt aluminate. This is a

Since the Zn2+ ion has the largest tetrahedral prefer­
ence,21 x for ZnCo204 is very small. In Co2+Co23+04 
(C03O4) the distribution is also normal.22 In the aluminate 
spinel C0AI2O4 there is a certain tendency for the divalent 
Co2+ to occupy the octahedral positions, but the value of x 
does not exceed 0.1,21 at temperatures below 850° 23’24 be­
cause the preference of the Al3+ ions for these positions is 
substantially larger.21

The chemisorption results on C03O4 and ZnCo204 indi­
cate unambiguously that trivalent cobalt ions in octahedral 
sites chemisorb NO and CO. Divalent cobalt ions in tetra­
hedral sites do not chemisorb at all, or only very slightly, as 
shown by the chemisorption on C0AI2O4.

Since divalent cobalt ions in octahedral sites, such as are 
present in the cobaltous oxide with the NaCl structure, do

strong indication that it is the tetrahedral coordination of 
the cobaltous ion in both cases which is primarily responsi­
ble for the absence of chemisorption.

The lower catalytic activity of the metal ions in tetrahe­
dral positions in spinel catalysts has recently been the 
subject of many investigations. It was noticed first, by 
Schwab and coworkers,26 for the oxidation of CO. Erofeev27 
has shown this general behavior in cyclohexane dehydroge­
nation over Cu-containing spinels, and Cimino, et al.,28 in 
N 2O decomposition.

It is logical to assume that the relative inability of the 
metal ions in tetrahedral sites in normal spinels to chemi­
sorb the reactants underlies this behavior.

After it was demonstrated that the divalent cobalt ions 
do not chemisorb the adsorbates, it was surprising to ob-
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serve coverages of NO and CO for C03O4 larger than for the 
metal oxides studied previously. If the surface composition 
reflects the bulk composition, one third of the cobalt sur­
face sites were expected to be of the inactive tetrahedral 
kind, which should have resulted in lower NO (or CO) up­
take per m2 of BET area. The examination of C0AI2O4 by 
ISS has shown that the cobalt is initially not present on the 
surface (Figure 5). If, by analogy, the same holds true for 
C03O4 and only Co3+ ions are present on the surface, the 
above discrepancy is explained. Ion-scattering spectrome­
try is sensitive only to the mass of the surface scatterer and 
cannot differentiate directly between the cobalt of differ­
ent coordination or valence in C03O4.

We should note that we have previously reported the 
chemisorption of NO on CUAI2O4.4 Indeed, the ISS exami­
nation of this surface has shown the presence of copper 
ions on the surface. It should he pointed out that the cop­
per ions in the copper aluminate spinel are randomly dis­
tributed with x = 0.6.21 At the present the generalization 
that in all spinels the tetrahedral sites are shielded from 
the surface is not warranted. This subject and its wider im­
plications for the catalytic activity of spinels will be treated 
separately.16

The spinel lattice and the atomic layers in the (100) di­
rection are shown in Figure 7. It appears that, at least, in 
C0AI2O4, the layers containing the anions and the trivalent 
cations (%, %, and so on) are preferentially exposed on the 
surface.

Replacement of one adsorbate by the other was not ob­
served in either ir spectra or the volumetric chemisorption 
data. From the quantitative volumetric measurements of 
the chemisorption, it becomes clear that, while the access 
of NO to the CO-covered C03O4 surface is not impeded 
(Figure 4a), the reverse sequence of chemisorption substan­
tially blocks the access of the CO molecules to the surface 
of C03O4.

A phenomenological explanation for this behavior can be 
provided by the following reasoning. We take, as the ad­
sorbing surfaces in C03O4, the % and % atomic planes of 
Figure 7. The adsorption of CO is pictured schematically in 
Figure 8a. In accordance with the findings of Goodsel13 and 
Hertl17 we assume coordination of the CO molecules on the 
surface through the oxygen anions as surface carbonates. 
However, the presence of the trivalent Co ions is essential 
since there is no CO chemisorption on C0AI2O4. The forma­
tion of surface carbonates as shown on Figure 8a does not 
block the subsequent accommodation of the NO molecule. 
This is shown diagrammatically in Figure 8b, where the 
chemisorption of NO is assumed to result in the transfer of 
the electron in the antibonding orbital of NO to the cobalt 
ion, and the formation of surface nitrosonium ions.29

The reversal of this sequence results, first, in the forma­
tion of a positively charged surface nitrosonium ion layer 
which interacts with the surrounding oxygen anions by 
electrostatic attraction. The previous studies of the ex­
change of oxygen in the NO molecules with the surface oxy­
gen in transition metal oxides30 indicate that the chemi­
sorption of NO on oxides results in the formation of surface 
species which are coordinated both to the transition metal 
ion and to the oxygen anions. Apparently the stabilization 
of the oxygen ions on the surface by such interaction is suf­
ficient to prevent the subsequent coordination of the CO to 
form the surface carbonates.

Note Added in Proof: Dianis and Lester31 have recently 
concluded from the X-ray photoelectron spectra of C03O4

(a )

triva lent d ivalent 
cation cation

o •

oxygen
anion

o

0 layer 1/8 layer IM layer 3 /8  layer 1/2 layer

(b)

Figure 7. (a) One-eighth of a spinel lattice unit cell, (b) Atomic layers 
In the (100 ) direction.

(a )

Co3+ +  NO —  C o ++  N0+ — Co+ — N+=0"-«-»-Co =• N = 0 +

Figure 8. Schematic representation of adsorption on closely packed 
spinel surfaces: (a) CO  on bare surface, (b) NO  on CO-covered sur­
face, (c) NO on bare surface.

surfaces that the cobaltous ions are the only species on the 
surface, which conclusion is exactly opposite to that 
reached in this paper for cobalt aluminate and implied for 
C03O4. Their conclusion was reached by the comparison of 
the spectra of CoO and C03O4 surfaces which were indenti- 
cal and the assumption that the first surface exposes only 
cobaltous ions. We think that this assumption was errone­
ous, since cobaltous ions are unstable in air and it is well 
known that the surface layer of CoO is oxidized to C03O4 
(see last paragraph under “Execution of Measurements” in 
this paper). Hence, the identity of the spectra obtained by 
Dianis and Lester reinforces our conclusions.
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The structures of Li2C03 /7 -Al20 3 , K2CO3/7 -AI2O3, and CS2CO3/ 7 -AI2O3 catalysts, calcined at different 
temperatures, have been investigated by a number of techniques including thermal analysis, X-ray diffrac­
tion, and phosphorescence spectroscopy. In the phosphorescence technique transition metal ion traces are 
incorporated into the catalyst, and their spectra compared with those of doped model compounds. A dis­
cussion of the phosphorescence spectra of Fe, Cr, and Mn in alkali aluminates is therefore included. Final­
ly, the basicity has been determined with Hammett indicators. In the Li2C03/ 7 -Al203  catalyst compound 
formation occurs; at calcination temperatures up to 500° a-LiA102 is formed and at higher temperatures 
LiAlsOs is formed. In the K and Cs systems no compound formation is observed at calcination tempera­
tures up to 900°. It is concluded that in the last-mentioned catalysts the carbonates react with surface hy­
droxyl groups to form OK (OCs) groups and that no further reaction with the 7 -AI2O3 lattice takes place. 
This difference in behavior is attributed primarily to the difference in ionic radii, the large sizes of K, and 
especially Cs hampering diffusion into the 7 -AI2O3 lattice.

I. Introduction
Catalysts consisting of 7 -AI2O3 supported alkali salts 

have found wide application in chemical industry. Alkali 
salts are used in general to enhance the selectivity of alu­
mina-based catalysts and in particular to suppress acid- 
catalyzed side reactions.

Alkali/7 -Al203  catalysts are generally prepared by im­
pregnating 7 -AI2O3 with an alkali salt, usually the carbon­
ate, followed by drying and calcining. Provided the calcina­
tion temperature is high enough, the salt decomposes into 
the oxide, and in principle the following three processes 
may occur: (1 ) The alkali carbonate reacts with surface hy­
droxyl groups to yield, e.g., OK groups, which cover the 
surface and do not enter the lattice. (2) The alkali ions 
react with the 7 -Al203  lattice to give a three-dimensional 
alkali aluminate compound (compound formation). (3) 
Some alkali ions penetrate the 7 -AI2O3 lattice to form a

solid solution. It is highly improbably that the large K and 
Cs ions will do so, but with Li such a process is conceivable. 
Ions known to form solid solutions with 7 -AI2O3 are Fe3+, 
Co2+, and Cr3+.!

These three processes (dispersion as crystallites of the 
catalyst or as a monolayer, compound formation, and disso­
lution into the support) can occur with ad supported oxide 
catalysts, and are theoretically easy to discern. Experimen­
tally it is difficult to establish the structure of the catalyst, 
however, this is primarily due to the fact that they occur 
only at or near the surface of very poorly crystalline materi­
als, which also explains why X-ray diffraction often fails to 
detect compound formation. It is not surprising, therefore, 
that only few studies have been reported of the structure of 
such catalyst systems. Levy and Bauer2 measured physical 
properties such as surface area, density, and pore volume of
7 -alumina impregnated with LiNC>3 and KNO3. They con-
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eluded that Li stabilizes the alumina spinel lattice, presum­
ably through formation of LiAl50 8, whereas K does not 
enter the 7 -AI2O3 lattice.

In the present investigation we have studied the struc­
ture of Li2C0 3/ 7 -Al20 3 , K2CO3/ 7 -AI2O3, and CS2CO3/ 7 - 
AI2O3 catalysts, calcined at different temperatures, using a 
variety of techniques, such as X-ray diffraction, thermal 
analysis, and phosphorescence spectroscopy, to establish 
whether compound formation occurs, and, if so, what com­
pounds are formed. Section II discusses the application of 
phosphorescence spectroscopy to the study of compound 
formation; section IV deals with the spectra of Cr, Pe, and 
Mn tracer in alkali aluminate model compounds; sections V 
and VI deal with the Li203 /7 -Al203  and K(Cs)2C0 3/ 7 - 
A120 3 systems. The Appendix presents some data on the 
basicity of alkali carbonate/7 -Al203  catalysts.

II. Phosphorescence Spectroscopy as a Tool for 
Compound-Formation Studies

Phosphorescence spectra of transition metal ions are 
markedly dependent on the surroundings of the phospho­
rescent ion, i.e., on the symmetry of, and the distance to, 
the neighboring ions or molecules. Thus, when dissolved in 
different host lattices, these ions give rise to different spec­
tra. This dependence on the surroundings is described sat­
isfactorily by crystal-field theory and is discussed else­
where.3

Since the luminescence spectra of aluminates containing 
tracer ions, such as the first-row transition metal ions, are 
characteristic of the compounds into which these ions have 
been incorporated, luminescence spectroscopy can be used 
to study the formation of compounds on catalysts. To this 
end a tracer is built into the catalyst and the resultant 
spectra are compared with those of the tracer in reference 
compounds.

Experimentally, the tracer (e.g., Cr3+) is deposited on 
the carrier in very small amounts (0.0 1- 0.1 wt %) together 
with the catalyst, here alkali carbonate. The supported cat­
alyst is then calcined as usual, and its phosphorescence ex­
citation and emission spectra are measured. Each catalyst 
gives a spectrum that consists of the sum of the signals of 
the tracer in the various compounds present. In case no 
compound formation occurs, two signals should be ob­
served, one from the tracer in the catalyst and the other 
from the tracer in the support; in case compound formation 
does occur, a third signal should be found.

To identify the phases present, the observed signals are 
compared with spectra of the tracer in appropriate model 
compounds. For example, to find out what compounds are 
formed between K and 7 -AI2O3, we used Cr as a tracer and 
prepared and measured separate samples of Cr in a-Al20 3, 
7 -AI2O3, K2C 03, KA102, and K d-Al20 3. The phosphores­
cence spectra thus obtained served as a reference in inter­
preting the spectrum of the actual K/7 -AI2O3 catalyst 
(KA102 and K d-Al20 3 are the only compounds known to 
be formed from K20  and A120 3). The spectra of Cr, Fe, and 
Mn tracers in the model compounds of importance for the 
present Li/y-Al20 3, K /7 -AI2O3, and Cs/7-A120 3 systems 
are reported and discussed in section IV.

Thus, the occurrence of phases can be detected from the 
phosphorescence of the tracer ion. By far the most common 
method to establish the presence of solid phases is X-ray 
powder diffraction. We have found, however, that by using 
the phosphorescence method small amounts of poorly crys­
talline materials can be observed, which are not detected

by X-ray diffraction. This is due to the following factors, (i) 
The crystal field at a site is largely determined by the ar­
rangement of the next few layers of ions. Therefore, very 
small crystallites can be observed, and conditions con­
cerning crystallinity are not so severe, (ii) Phosphorescence 
can be determined with a very high sensitivity, as it is the 
emission rather than the absorption that is measured. In 
this respect the phosphorescence technique has a great ad­
vantage over diffuse reflectance spectroscopy, (iii) Phos­
phorescence spectra consisting of a superposition of differ­
ent spectra can often be resolved into their component 
parts with the aid of suitable optical filters. In this way 
even a weak emission that is overshadowed by another 
strong emission can be studied. Thus, phosphorescence 
spectroscopy has a definite advantage over other tech­
niques using tracer ions such as epr spectroscopy. Indeed, 
in the present investigation it was found that the epr spec­
tra of our samples did not yield such detailed information 
as phosphorescence measurements, (iv) The possibility of 
using different tracer ions permits one in principle to 
choose the tracer most suited to the system under study.

Of course, the method in its present state also has its 
limitations, the main one being that it is not (yet) quantita­
tive. Phosphorescence studies give no more than a very 
rough indication of the extent of compound formation for 
the following reasons. The intensity of the signal due to the 
tracer X in a particular phase A in the catalyst is, to a first 
approximation (neglecting quenching effects), proportional 
to the amount of tracer in A, i.e., to the concentration of X 
in A times the amount of A present. If the tracer were dis­
tributed homogeneously over the system its concentration 
would be constant and the intensities would reflect the ac­
tual amounts of A, B, . . .  present (see also below). This will 
not always be the case, however, because in an equilibrium 
situation the distribution of the tracer over the phases will 
follow Nernst’s law. Although it should be possible to make 
(time-consuming) corrections for this effect, the actual cat­
alyst studied will still be different, because equilibrium is 
hardly ever attained. Moreover, in general the phosphores­
cence efficiency of the tracer depends on the host lattice, 
and may vary greatly (which is a disadvantage compared to 
epr spectroscopy). This effect can be corrected by making a 
careful study of the model compounds. More serious is the 
situation in which the tracer does not phosphoresce in one 
of the phases of interest, or does not enter one of them at 
all.

As a tracer technique is employed, there is always a 
chance that the system may become perturbed. Until now, 
however, we have not found any indication of such effects. 
Anyhow, the concentrations used are very low (0.01-0.1 wt 
%).

Notwithstanding these limitations, the phosphorescence 
technique has enabled us to observe compound formation 
in some cases where other techniques failed.4

III. Experim ental Section
Variable-temperature X-ray studies were made with a 

moving-film Guinier camera.
Thermal analyses were carried out on a Mettler ther­

moanalyzer TA-2 and or a Rigaku Denki thermoflex ana­
lyzer.

Element Analyses. C was measured as C 032-. Cs and A1 
were determined by atomic absorption spectroscopy.

Phosphorescence measurements were carried out as de­
scribed in ref 5. In order to be able to correct the excitation
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TABLE I: Em ission W avelengths and Ligand Field Param eters for Cr Phosphorescence in  Various Host L attices

Ac„„ nm vem, cm  1 lODq, cm  1 B, cm  1 rAi-o,“ Â R e f

ot- AI2O3 693 1 4 ,4 3 0 sharp 1 8 ,1 5 0 700 i l  .8 6  
[1 .9 7

13

7-a 120 3 703
(724)

1 4 ,2 2 0 br

ff-L iAlO -2 718 1 3 ,9 3 0 s 1 8 ,3 0 0 610 1 .9 0 1 2

/3-LiA102

LiALOs6 716 1 3 ,9 7 0 s 1 7 ,5 0 0 800 5
(695 1 4 ,3 9 0 1 7 ,6 0 0

LiALCV ( 705 1 4 ,1 8 0 1 6 ,6 0 0 5
(717 1 3 ,9 5 0 1 8 ,2 0 0

Li (3-Al«03 700 1 4 ,2 8 0 1 7 ,5 0 0 560 2 .0 2 - 1 .8 2 2 0
712 1 4 ,0 5 0

k a i o 2 

K  /3 -AI0O 3 
CsAKL

712 1 4 ,0 5 0 1 7 ,5 0 0 560 2 .0 2 - 1 .8 2 2 0

C s 0-A12O s 712 1 4 ,0 5 0 s 1 7 ,5 0 0 560 2 .0 2 - 1 .8 2 2 0

a rAi-o  for octahedral A1 s ite s . b O rd ered .e D isordered •

TABLE II: Em ission W avelengths and Ligand Field Param eters for Fe Phosphorescence in  Various Host Lattices

ênij nm Vem , Cm 1 lODq, c m - 1 B, cm  1 E xcn rA 1- 0 ,“ À R e f

!V-A 12O:;
7 -A 12 0 3
ra-LiAlCL

760 1 3 ,1 6 0 C T 25

S-LiAlCL 735 1 3 ,6 0 0 8830 630 L F 1 .7 6 16
LiALOs 680 1 4 ,7 1 0 8000 644 L F 3
O rdered 752 1 3 ,3 0 0 C T
L iA L O s
D isordered

733 1 3 ,6 4 0 8000 644 LF 3

Li /3-AI2O3 758 1 3 ,2 0 0 C T
714 1 4 ,0 0 0 9000 560 LF 1 .6 8 - 1 .7 7 2 0

K A 1 0 2 760 1 3 ,1 6 0 7710 593 L F 1 . 6 6 28
K  /S-ALOj 758 1 3 ,2 0 0 C T

714 1 4 ,0 0 0 9000 560 L F 1 .6 8 -1  77 2 0
C sA 1 0 2 660 1 5 ,1 5 0 6800 523 L F 1 .75 27
C s /3-AI2O3 758 1 3 ,2 0 0 C T

714 1 4 ,0 0 0 9000 560 L F 1 .6 8 -1  77 2 0

rAi-o for tetrahedral A1 sites.

spectra for the dependence of the lamp intensity on the 
wavelength, the lamp intensity was measured with a YSI 
Kettering 65 A radiometer. The spectra given in the fig­
ures, however, have not been corrected for light intensity 
unless stated otherwise.

Model compounds were generally prepared from solu­
tions containing Li2C 03, K2CO3, or CS2CO3, and A1(N03)3 
in stoichiometric amounts. Doped compounds were ob­
tained by adding such an amount of Cr(N03)3, Fe(NOs)3, 
or M n(N03)2 (all spectroscopically pure) as to yield 0.01 wt 
% of the tracer in the compound. The solutions were dried 
and the residues calcined at 800° for /3-LiA102, KAIO2, 
CSAIO2 and at 500° for a-LiAlCL. Since KAIO2 and CsA102 
are very hygroscopic they were handled in a drybox. All 
compounds prepared were examined by X-ray diffraction.

K- fi-alumina was prepared from solutions of K2C 03 and 
A1(N0 3)3 in concentrations calculated to yield K20-7A120 3 
(dopants were added as described for «-LiA102). The solu­
tions were evaporated to dryness and calcined at 1200° for 
18 hr.

Comparison of our X-ray data with those published by 
Yamaguchi and Suzuki indicated that out preparations had 
the /3-alumina structure but presumably they contained 
some excess alkali relative to K20 -1 1 A120 3 .

From K fi-alumina other /3-aluminas were obtained by 
ion exchange with molten salts.6 NH 4 fi-alumina was pre­

pared by ion exchange with molten NH4NO3 at 170° 6 and 
was used in turn for the preparation of Li fi-alumina and 
Cs fi-alumina by ion exchange with L iN 03 and C sN 03 at 
400°. The /3-alumina structure was retained throughout 
these operations, as was evident from X-ray photographs.

Supported catalysts were prepared by mounting the al­
kali carbonates (analytical grades) via a dry-impregnation 
procedure. The 7 -AI2O3 support (surface area 120  m2/g) 
was obtained from crystalline boehmite (Martinswerk). In 
the case of Li repeated impregnation was necessary in view 
of the poor solubility of Li2C 03 in water. Samples were 
dried at 120° and calcined for 18 hr at successively higher 
temperatures.

IV. Results on Model Compounds
In this section the phosphorescence spectra of the tracer 

ions in the relevant model compounds are discussed. The 
following compounds were prepared and dried with Fe, Cr, 
and Mn: a-LiA102, d-LiA102, Li /3-Al20 3, KA102, K fi- 
A120 3, CsA102, and Cs d-Al20 3. Phosphorescence studies of 
Fe-, Cr-, and Mn-dried LiAl502 (both ordered and disor­
dered) have already been reported.5-7’8 The above list in­
cludes all known Li, K, and Cs aluminates with the excep­
tion of a- and /3-Li.sA104; as it has been reported9 that these 
compounds cannot be prepared from Li2C 03 and A120 3 we 
have not studied them.
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TABLE I I I :  Em ission W avelengths for Mn 
Phosphorescence in  Various Host Lattices

Red Green

k e in , k ein , rem»
Mn nm Vem , C m  1 nm cm " 1 Ref

a-AUOs 676 14,790 13
7-AI2O3 700 14,290 507 19,740
a-LiAlO; 667, 674 14,990,14,830
/3-LlA102 (820) (1 2 , 200)
LiAljOs 716 13,970 523 19,110 4
Ordered 507 19,740
LiAl50 8 662 15,110 521 19,190 4

508 19,700
Disordered
Li/S-AUOs 675 14,810 505 19,800

730 13,700
k a io 2 727? 13,760? 515 19,420
K/3-AIoOs 675 14,810 509 19,650

730 13,700
CaAlOî
Cs/3-A120 3 675 14,810 505 19,800

730 13,700

Figure 1. Excitation spectrum of Cr3+ in a -U A I0 2.

The phosphorescence results on the dried compounds 
are preceded by a short summary of the phosphorescence 
from Cr3+, Fe3+, Mn2+, and Mn4+ in general. The results 
are summarized in Tables I—III.

1. Luminescence Properties of Transition Metal Ions in 
Oxide Host Lattices. In the first-row transition metal ions 
the electronic transitions observed in excitation and emis­
sion spectra are generally confined to the 3d subshell. Elec­
tronic repulsion and crystal field split the d levels, as is ad­
equately described by Tanabe and Sugano.10

Previous papers dealt with the phosphorescence spectra 
of Fe3+,5 Mn2+,7 Mn4+,7 and Cr3+ 8 in LiAl50s (one of the 
model compounds of interest to the present study). The 
emission of the d6 ions Fe3+ and Mn2+ is due to a 4Tj(4G) 
—» 6Aj(6S) transition. The emission spectrum is a broad 
band, because the energy of this transition is crystal-field 
dependent.

The phosphorescence of the d3 ions Mn4+ and Cr3+ is 
due to a 2E(2G) -»■ 4A2(4F) transition and their spectra con­
sist of a narrow line. In the excitation spectra (Figure 1) the 
broad and narrow bands are easily interpreted with the aid 
of the Tanabe-Sugano diagram.

The emission observed from Fe3+ is always from tetrahe- 
drally coordinated ions,5 whereas the Mn4+ and Cr3+ emis-

600  700
WAVELENGTH,nm

16 000 , 14 000
WAVE NUMBER, cm "1

Figure 2. Emission spectrum of Mn4+ in a -L iA I02 at 77°K.

sions arise from ions in octahedral coordination.7'8 Mn2+ 
emits both in octahedral and in tetrahedral coordina­
tion.11 ’12 Although there are many other phosphorescing 
and fluorescing ions, the choice of first-row transition 
metal ions as tracers is not arbitrary. The most important 
reason for using Fe3+, Cr3+, Mn2+, and Mn4+ is that they 
exhibit excitation and emission spectra that are highly sen­
sitive to the environment. Furthermore, these ions general­
ly give intense and well-characterized emission spectra in 
the visible region. Another class of well-characterized phos­
phorescing ions is that of the rare earths. Their transitions 
within the 4f shell are, however, far less dependent on the 
crystalline environment;10 moreover, these ions are too big 
to be easily incorporated into the lattices of interest.

Apart from understanding the phosphorescence of for­
eign ions located at certain sites in host lattices, it is neces­
sary to consider the way in which such ions are incorporat­
ed. 13'14

One expects for Cr3+ and Fe3+ a simple substitution at 
aluminium sites, as the ionic radii are not too different 
(r Ai3+oct = 0.53 A, rFe3+oct = 0.65 A, and r cr3+oct = 0.62 A).15 
This is generally confirmed by our phosphorescence re­
sults. Complications arise when only A1 ions at tetrahedral 
sites are present, as Cr3+ (d3) does not substitute at such 
sites.

Substitution of Mn2+ or Mn4+ for Al3+, however, re­
quires an additional process to restore electroneutrality, for 
example, replacement of two Al3+ ions by one Mn2+ and 
one Mn4+ ion.7

Special phenomena arise at high concentrations of do­
pants and are due to interactions between lattice defects.13 
As we always used low concentrations of Fe, Cr, and Mn, 
we shall not discuss them here.

2. ot-LiAIOz. A. Structure. The structure of a-LiA102 
can be described as a distorted NaCl structure elongated
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along a threefold axis;16’17 all ions have octahedral coordi­
nation. The space group is R 3m, the Al-site symmetry 3m.

B. Phosphorescence Results. Fe3+. Phosphorescence due 
to Fe3+ was not observed. This is to be expected since the 
A1 ions in a-LiA102 occupy octahedral sites. The Fe3+ will 
therefore also occupy octahedral sites, and at most give rise 
to phosphorescence in the ir region, which is not covered by 
our instrument.5

Cr3+. Cr emission at 77 K consisted of a sharp line at 
13,930 cm“1, with weak vibrational bands at about 13,390, 
13,690, and 14,210 cm-1. At room temperature a new line 
was observed at 14,030 cm“1. The excitation spectrum 
showed broad bands at 18,340 and 24,650 cm“ 1 (corrected 
for wave number dependence of lamp intensity), together 
with weak, sharp bands at 13,940 and 14,760 cm“ 1 (Figure
1 ). These observations on Cr luminescence follow the gen­
eral pattern for many host oxides such as a-Al20 3 18’19 and 
LiAlsOg.8 The results are easily explained by assuming the 
Cr3+ ions to be at (octahedral) A1 sites (LiCr02 and LiA102 
are isostructural20). Quantitative evaluation using the Tan- 
abe-Sugano diagram for a d3 ion can be made with the fol­
lowing assignment: emission 2Eg —* 4A2g (R lines); in excita­
tion two broad bands, 4T2g ■*— 4A2g and 4T ig 4A2g, and a 
narrow band, 2T /g «— 4A2g; 10jD<? = 18,300 cm“1; B = 610 
cm“'; C = 3150 cm“ 1.21 The second emission line observed 
at room temperature is due to a splitting of the 2Eg (2G) 
level in the trigonally distorted cubic symmetry.10

Mn. At 77 K a strong emission due to Mn4+ was ob­
served at 14,990 cm“ 1 with vibrational fine structures at 
14,660, 14,830, and 15,240 cm“ 1 (Figure 2). At room tem­
perature a second emission was found at 15,420 cm“ 1 pre­
sumably due to splitting of the 2E(2G) level, as in Cr3+. The 
excitation spectrum for these emissions consisted of two 
broad bands (at 23,530 and 30,580 cm“ 1), together with a 
weak, sharper band at 14,660 cm“1. Assigning the broad 
bands to the 4T2g and 4T lg levels we obtain 10Dq = 23,500 
cm“1; B = 650 cm“1; C = 3230 cm“1. Clearly, the 10Dq 
value is much higher for Mn4+ than for Cr3+. This was also 
found with other compounds, e.g., LiAlsOg7’8 and a- 
A120 3.18 In addition, the vibrational structure of the emis­
sion was much more pronounced with Mn than with Cr.

Apart from the signal due to Mn4+, there was another 
Mn emission at wave numbers below 14,000 cm“1. The lat­
ter signal was excited via a broad band at 20,300 cm“1, and 
had a slightly shorter lifetime. At present we have no suit­
able explanation for its occurrence. In summary, Cr3+ and 
Mn4+ ions evidently occupy trigonally distorted octahedral 
A1 sites in the a-LiA102 lattice, giving rise to characteristic 
luminescence spectra.

3. (l-LiAlOz- A. Structure. /3-LiA102 is formed from a- 
LiA102 by an irreversible phase transition at temperatures 
above 600°. 16>17 /3-LiA102 crystals are tetragonal with space 
group P4i2i2(D44)16 (site symmetry Al: 2). The crystal 
structure consists of an infinite three-dimensional network 
of distorted tetrahedra, with aluminium and lithium atoms 
at the centers and oxygen atoms at the vertices. Each tetra­
hedron shares one of its edges with that of a different tetra­
hedron and each of its vertices with those of two additional 
tetrahedra, one of each kind.

B. Phosphorescence Results. Fe3+. Fe3+ emission was 
very strong and consisted of a broad band at 13,600 cm“ 1, 
with a sharp zero-phonon transition5 at 14,020 cm“ 1 at low 
temperatures. This is in good agreement with other find­
ings on the phosphorescence from Fe3+ at tetrahedral (Al) 
sites.5

TABLE IV: O bserved  a n d  C a lc u la te d  W ave N u m b e r s  
fo r  L ig a n d  F ie ld  T r a n s it io n s  o f  F e :H in  fl-LiA lO .

4Ti 4T 2 4E ,, 4A, 4T 2(4D ) 4E (4D)

Obsvd 21,300?
14,750 16,400 21,300? 21,580 25,580
15,690 18,420 22,590 25,800

Calcd 14,650 18,100 21,300 23,850 25,710

Excitation took place via ligand-field transitions; results 
are summarized in Table IV. The bands were assigned as 
indicated, although, of course, further splitting occurred as 
a result of deviations from cubic symmetry. On the basis of 
these assignments the ligand-field parameters were found 
to be B = 630 cm“1, C = 3000 cm“1, C/B = 4.73, and 10Dq 
= 8830 cm“1. Table IV shows that the energy levels thus 
calculated agree reasonably well with the experimental 
data.

Recently phosphorescence from Fe3+ in /3-LiA102 was 
also reported by Palumbo.22® The published spectra, which 
deviated slightly from ours, were interpreted in a widely 
different way, analogous to the interpretation by Melam- 
ed22b and criticized by us in an earlier paper.5

Cr3+. No phosphorescence due to Cr3+ in /3-LiA102 was 
observed. This is in accordance with expectations, as only 
tetrahedral sites are available.

Mn. Mn-doped (?-LiA102 gave only a weak phosphores­
cence signal. Surprisingly, no emission at about 520 nm was 
observed, although Mn2+ in tetrahedral sites often emits at 
this wavelength.7’11

In the red region there was a rather weak, broad emission 
at about 820 nm, in addition to some emission presumably 
due to Mn4+ in a-LiA102. Excitation apparently occurred 
between 400 and 550 nm. As yet we have no proper expla­
nation for this signal. It might be due to a pair of Mn2+ 
ions, which can replace a set of Li-Al neighbors. In sum, 
Fe3+ emits at 13,600 cm“1, as is expected for tetrahedrally 
coordinated Fe; Cr does not phosphorescence, again as ex­
pected for a host lattice containing only tetrahedral sites. 
Surprisingly, Mn does not emit in the green region, but 
yields an emission at about 820 nm.

4. Alumina. A. Structure. At present two different /3- 
aluminas are distinguished,23 viz. (¡-alumina NaAln Oi7 
and (¡"-alumina NaAROg, whose compositions are not ex­
actly stoichiometric. Their structures are similar and con­
sist of layers with a spinel structure (layers of four oxygen 
atoms) separated by a thin layer containing Na, Al, and O. 
The stacking of the spinel and alkali-containing layers for 
the two compounds6-24 is different, however. Owing to the 
excess of sites available the alkali ions are very mobile and 
can easily be exchanged for other monovalent ions, includ­
ing NH4+ Tl+, and Ag+, by using molten salts.6 According 
to the data available the structure does not change much 
upon exchange; little is known, however, about the stability 
of ft- or (¡"-aluminas with ions other than Na+.

B. Phosphorescence Results. Fe3+. Fe-doped K /3-alumi­
na gave two different phosphorescence signals: a broad 
emission band at 13,200 cm“1, excited via a charge transfer 
transition at about 28,000 cm“1, and a band at about 14,000 
cm“1, excited via ligand-field transitions. The first band 
was also observed in the spectrum of Fe3+-doped -/-alumi­
na. 1 We therefore assumed that this phosphorescence arose 
from Fe3+ at tetrahedral Al sites in the bulk of 7 -alumina 
blocks.5 The second signal differed from the first both in 
spectral characteristics and in decay time. Presumably it
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TABLE V: O b served  a n d  C a lc u la te d  W ave N u m b e r s  
for  L ig a n d  F ie ld  T r a n s is t io n s  o f  F e 3+ in  K  /J-A120 3

4Ti 4T2 4Ei, 4Ai 4T2(4D) 4E (4D)
Obsvd 14,980

15,450
17,940
18,600

21,660? 21,660?
22,080

25,600

Caled 15,000 18,300 21,660 23,800 25,600

30 000  25 000 20 000

WAVE NUMBER, cm-'

4 0 0  500
Figure 3. Excitation spectrum of tetrahedrally coordinated Mn2+ in 
potassium /3-alumina.

originated from Fe in tetrahedral coordination near the al­
kali layer, from the sites constituting the spacer columns. It 
cannot arise from Fe at exchangeable sites since ion ex­
change did not reduce the signal drastically. The various 
ligand-field transitions in the excitation spectrum of the 
emission at 14,000 cm- 1  were assigned as indicated in 
Table V and calculated using B = 560 cm-1, C = 3210 
cm-1, C/B -  5.7, and 10Dq = 9000 cm-1.

Generally speaking, the same results were found for Li+, 
NH4+, and Cs+ /3-aluminas. The phosphorescence at 13,200 
cm- 1  (excited via a charge-transfer band) was more pro­
nounced in Li+ /3-alumina than in K+ /3-alumina. In Cs+ /?- 
alumina the ligand-field excited phosphorescence was quite 
strong. Both in emission and in excitation, vibrational 
structure could be discerned, with a zero phonon transition 
at 15,040 cm-1. The values of the ligand-field parameters 
of the various aluminas showed no differences.

Cr3+. Cr in /3-alumina gave the usual emission spectrum 
due to Cr3+ in octahedral sites: a sharp emission at 14,050 
cm-1. The excitation spectrum, too, was as expected, with 
strong broad peaks at 17,500 and 23,420 cm" 1 and a weak 
sharp peak at 14,770 cm-1. Calculation of the ligand field 
parameters yielded B = 560 cm- -, C = 3340 cm-1, and 
10Dq = 17,500 cm-1. The same results were found for 
NH4+ and Cs+ (3-alumina. Li+ /3-alumina gave two emis-

T A B L E  VI: O b served  a n d  C a lc u la te d  W ave N u m b ers  
fo r  L ig a n d  F ie ld  T r a n s it io n s  o f  T e tr a h e d r a l  
M n 2+ in  K  /3-Al20 3

4Ti 4T 2 4E i, 4Ai 4T 2(4D) 4E ( 4D)

Obsvd 19,900 22,220 23,440 25,970 27,800
Caled 19,750 22 ,12C 23,440 26,480 27,800

20 000 15 000
cr (cm—1) -

12 500
........... . —

- X(nm)

500 6 0 0  700 80 0  900
Figure 4. Emission spectrum of Mn in potassium /3-alumina.

sion signals at 14,280 and 14,080 cm-1; this may be related 
to the fact that the Li ions are not midway between the 
layers.6

Mn. All /3-aluminas investigated gave a green emission at 
19,690 cm- 1  due to Mn2+ at tetrahedral A1 sites. The exci­
tation spectrum, too, was characteristic of tetrahedral 
Mn2+ (Figure 3); from this spectrum we derived the fol­
lowing values for the ligand-field parameters: B = 623 
cm-1, C = 3440 cm- 1  (C/B = 5.5), 10Dq = 5920 cm- 1  
(Table VI). No differences were found between the various 
aluminas.

The spectrum in the red region was far more complicat­
ed, since it contained several overlapping signals which 
were difficult to separate (Figure 4). Measurements using 
monochromatic filters indicated one emission between 660 
and 690 nm, which was excited between 350 and 500 nm, 
presumably from Mn4+ at octahedral sites, and another, 
broad emission centered around 730 nm, which could be 
excited over a broad spectral region.

Recently Bergstein and White26 also investigated the lu­
minescence of Mn in (Na) /3-AI2O3. They observed the 
green luminescence at 19,690 cm- 1  and, in addition, an 
emission signal gradually disappeared in favor of the green 
emission, which demonstrates that the Mn2+ ion in ex­
changeable positions diffuse into the tetrahedral A1 sites of 
the spinel blocks. As our samples were always calcined 
above 1000°, it is not surprising that we did not observe the 
signal at 590 nm.

Summarizing, it can be said that phosphorescence of 
both Fe3+ and Cr3+ can be observed, in agreement with the 
presence of both octahedral and tetrahedral sites in the 
spinel blocks. Mn-doped samples exhibit very complex 
spectra. All spectra are rather insensitive to exchange of 
the alkali ions.

5. KAIO2 and CsAIC>2 . A. Structure. KAIO2 has a struc­
ture similar to that of cubic /3-crystobalite (Si0 2 ) with the 
Al3+ ions at the tetrahedral Si sites, and the alkali ions at 
the centers of the large holes formed by the A104 tetrahe- 
dra.26 The actual structurs is probably somewhat deformed
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T A B L E  V II: O bserved  a n d  C a lc u la te d  W ave N u m b e r s  fo r  L ig a n d  F ie ld  T r a n s it io n s  o f  F e 3+ in  KA10>

4T i(4G) 4T 2(4G) 4E 1,4A i (4G ) 4T 2(4D ) 4E ( 4D ) 4T i (4P)

O bsvd  1 6 ,0 3 0  1 8 ,5 0 0  2 2 ,1 9 0  2 5 ,4 5 0  (2 8 ,9 0 0 )
C aled  1 5 ,8 9 0  1 8 ,9 2 0  2 1 ,3 0 0  2 3 ,8 8 0  2 5 ,4 5 0  2 9 ,9 7 0

4 0  000  20 000 15 000 12 500
a  (cm-1) ■»---------—

INTENSITY

Figure 5. Excitation spectrum of Fe3+ in K A I0 2 for Aem 712 nm.

(space group P'2,3 instead of Fd3m), resulting in trigonally 
distorted A l-0  tetrahedra26 (site symmetry Al: 3). The K+ 
ions are 12 -coordinated. CSAIO2 is isostructural with 
KAIO2,27 with only a small difference in lattice parameter: 
for KAIO2 a = 7.7 A, for CSAIO2 a = 8.1 A.

B. Phosphorescence Results. Cr3+. A very weak emission 
due to Cr3+ was observed at about 710 nm (14,080 cm-1). 
Since this spectrum was identical with that of Cr3+-K  j8- 
AI2O3 we attributed this signal to the presence of small 
amounts of K /3-AI2O3 in the KAIO2, which itself does not 
show a Cr3+ emission.

Fe3+. A broad-banded emission was found near 760 nm; 
the excitation spectrum consisted of both a charge-transfer 
band and ligand-field transitions. Detailed investigation 
using filters showed that the emission consisted of two sep­
arate signals: one excited via the charge-transfer band, and 
the other excited via the ligand-field transitions. Both 
emission spectra had their maximum close to 760 nm; their 
shape was different, however, which enabled us to separate 
their excitation spectra reasonably well by using interfer­
ence filters with Ai 725 nm and A2 798 nm (Figure 5). The 
calculated crystal-field transitions gave a good fit with the 
observed transitions, with B = 593 cm-1, C = 3074 cm-1 , 
and 10Dq = 7710 cm- 1  (Table VII).

The observed 4T i(4P) level was not firmly established as 
the observed band may also represent the charge-transfer 
excitation of the higher-wavelength emission. In addition, 
it was found that the high-wavelength emission (excited by 
the charge-transfer band) could also be excited at 720 nm. 
Possibly, some impurity level was excited, from which by 
thermal excitation the emission level was reached. This is 
in agreement with the observation that the intensity of this 
excitation band increased with increasing temperature.

In summary, there were two different signals from Fe3+. 
From the KAIO2 structure it is obvious that Fe3+ can occu­
py only one site, namely, that of Al3+ (KFe02 and KA102 
are isomorphous26). Assuming that this species gives rise to 
one emission, it is difficult to visualize where the other sig­
nal orginates. In view of the fact that Fe is a very good sub-

TA B L E  V III: O bserved  a n d  C a lc u la te d  W ave N u m b e r s  
fo r  L ig a n d  F ie ld  T r a n s it io n s  o f  F e 3 + in  C sA 102

4T 1 4To 4A ,4E 4T 2 4E

O bsvd
C aled

1 6 ,3 6 0
1 6 ,3 8 0

1 8 ,9 8 0
1 8 ,9 1 0

2 0 .9 9 0
2 0 .9 9 0

2 2 ,1 5 0
2 3 ,1 9 5

2 4 .6 5 0
2 4 .6 5 0

TABLE IX : O bserved  a n d  C a lc u la id  W ave N u m b e r s  
fo r  L ig a n d  F ie ld  T r a n s it io n s  o f  T e tra h ed ra l 
M n ,+ in  K A 102

4T, 4T 2 4E ,4A 4T 2 4E

O bsvd
C aled

2 0 ,0 9 0
1 9 ,8 5 0

2 1 ,9 8 0
2 2 ,1 6 0

2 3 .3 8 0
2 3 .3 8 0

2 6 ,2 7 0
2 6 ,4 9 0

2 7 .6 9 0
2 7 .6 9 0

30 00 0  20 000 15 00 0
cr(crrH)-* ----

— *  A (nm)

30 0  400 500 6 0 0  700
Figure 6. Excitation spectrum of Fe3+ in C sA I0 2.

stitute for Al, the presence of a separate Fe-containing 
phase seems unlikely and the signal may be due to Fe3+ in 
small amounts of contaminating K d-Al203 or 7 -AI2O3.1

Fe in CsA102 gave an emission at 660 nm, with a smaller 
peak at 680 nm. This strong emission was excited by ligand 
field transitions, as shown in Figure 6. In this spectrum the 
4A, 4E transition was clearly present. The spectrum could 
be fitted with B = 523 cm-1, C = 3152 cm-1 , and 10Dq = 
6800 cm- 1  (Table VIII).

In addition, there was a weak, broad emission near 760 
nm, excited via a charge transfer transition. As for KA102, 
we suppose that this originated from Fe in 7 -AGO3 con­
tamination.1

Mn. Mn in KAIO2 was found to emit in the green region 
at 19,510 cm-1. The emission was typical of Mn2+ at tetra­
hedral sites and has been discussed previously. The excita­
tion spectrum showed the characteristic bands, and could 
be fitted with B = 616 cm-1, C = 344 cm- 1  and 10Dq = 
5850 cm- 1  (Table IX).

In addition to this signal in the green, an emission was 
observed in the red (maximum at 727 nm). Again, this 
emission is unexpected considering the structure of KA102. 
Therefore we do not exclude the possibility that this emis­
sion originated from Mn in a small amount of a contami­
nating ft- or 7-AI2O3 phase. Samples of Mn in CsA102 (and 
RbA102) were blue; they did not show any phosphores­
cence.
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In summary, it can be said that, in accordance with ex­
pectations, Cr3+ did not phosphoresce in KAIO2 or CSAIO2; 
Fe3+ showed complex phosphorescence behavior. Fe3+ at 
Al:,+ sites in KAIO2 and CSAIO2 phosphoresced upon exci­
tation through ligand-field transitions. Both with Fe and 
with Mn phosphorescence signals were observed which 
were thought to originate from tracer ions in impurity 
phases.

6. Summary. The results on the phosphorescence of 
Cr3+, Mn4+, and Fe3+ in alkali aluminates confirm that 
these tracer ions are incorporated at A1 sites. Mn2+ possi­
bly also occupies alkali-ion sites, as was found in LiAl5Og: 
Mn2+.7 Cr3+ ions only replace aluminium in octahedral 
coordination, whereas Fe3+ phosphoresces only when in 
tetrahedral coordination. Hence, Cr emission spectra can 
serve as a fingerprint for compounds with octahedral sites, 
whereas Fe phosphorescence is useful for the identification 
of compounds with tetrahedral sites. Mn4+ behaves like 
Cr3+, whereas Mn2+ can be incorporated both in octahedral! 
and at tetrahedral sites. Therefore, Mn is in principle the 
most versatile tracer. Unfortunately, however, its phospho­
rescence behavior is only partly understood. Since the lat­
tices concerned all have roughly the same A l-0  distance, 
crystal field strength and covalency parameters will be ap­
proximately the same and as a result the differences be­
tween the spectra will be small. Tables I—III compare the 
spectra of the tracers in the various host lattices. The re­
sults presented confirm the statements made in the preced­
ing paragraph about the use of these tracers in different 
lattices. Although the differences between the emission 
wavelengths for Cr3+ in the various compounds are small, 
they are large enough to be detectable and hence Cr tracers 
are useful for compound formation studies. The same goes 
for Fe (especially the excitation spectra) and Mn.

V. LizCOa/y-AbOs Catalysts
Catalysts were prepared with a 5 and 10 wt % Li2COa 

loading, corresponding to Li20  • 14A120.3 and Li20  ■ 7Al20a, 
respectively. Calcination was carried out at temperatures 
up to 1200°.

X-ray analysis showed that (i) lines due to Li2COa are 
observed up to calcination temperatures of 500° (pure 
Li2C03 decomposes at 723°);28 (ii) lines due to LiAlsOg ap­
pear at about 1000°; (iii) at low temperatures (up to ~170°) 
LiA102 hydrate is produced.

Thermal analysis indicated the decomposition of 
Li2COg at low temperatures, especially at about 250° (Fig­
ure 7). Only a small remainder of Li2C 03 decomposes at 
720°.

Elemental analysis for C showed that some of the 
Li2C03 already decomposes upon impregnation, and that 
after calcination at 500° only some 30% of it is left.

These results clearly demonstrate that when mounted on 
7 -AI2O3 the carbonate decomposes at lower temperatures 
than the pure compound does. This suggests that there is 
an interaction between Li20  and the support; it does not 
indicate, however, whether small crystallites of a stoichio­
metric compound are formed, or whether only a surface 
reaction has occurred.

Phosphorescence Spectroscopy. Li2C0 3/ 7 -Al203  cata­
lysts doped with Fe, Cr, and Mn were prepared and cal­
cined at 150, 350, 550, 800, and 1200°. Their phosphores­
cence spectra will be discussed separately.

Fe3+. The spectra of Fe-doped catalysts did not provide 
much information. Upon calcination at temperatures up to

DTG

Figure 7. DTA/TGA results for 5 %  U 2C O 3/7 -AI2O 3 (265.7 mg).

350 °C
Cr/5%Li2C03/yAI2O3 -----  5 5 0 °C

----- 800°C
------1200 °C

700 800
Figure 8. Emission spectra of calcined Cr-doped LI2C 0 3 (5% )/ y - 
Al20 3 catalysts.

800° a broad emission around 760 nm was always observed. 
This emission is characteristic of Fe 7 -Al20 n and masks 
other signals, if present. Neither did the excitation spectra 
offer any evidence for the presence of compounds such as 
d-LiA102 or LiAl5Os, which (unlike Fe 7 -AI2O3) give rise to 
strong ligand-field excitation bands. Only in samples cal­
cined at 1200° was the occurrence of the ordered phase of 
LiAlsOg evident from the sharp emission at 660 /urn.

Cr3+. More useful information was obtained from Cr3+ 
luminescence. The emission spectra of 5 % Li2C0 3/ 7 -Al203/
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TA B L E  X : W a v e le n g th s  o f  E m is s io n  P e a k s  or  
S h o u ld e r (s )  o f  C r-D o p ed  C a ta ly s ts  C a lc in ed  a t  
D ifferen t T e m p e r a tu r e s

5% LÍ2CO3 10% Li2CO:
Calen 

temp, °C X, nm
Calen 

temp, °C X, nm

340 701
721 (s) 340 701

723 (s)
540 718 520 701

800 714 820
(718 (s) 
714

'661 (Mn) 1200 693

1200
677 (Mn)
694
714
730 (s) (Fe)

713

TABLE X I: W a v e le n g h ts  o f  E m is s io n  P e a k s  or  
S h o u ld e r s (s )  o f  M n -D o p ed  LLCCL/y-ALCL C a ta ly s ts  
C a lc in e d  a t  D ifferen t T e m p e r a tu r e s

5% Li2C 03 10% Li2C 03

a
M n/L i2C03(10%)/yAl 20 3

Calen 
temp, °C X, nm

Calen 
temp, °C X, nm

150 668 150 668
340 675 350 668
540 663, 682 (Fe?) 520 662, 673

722 (Cr) 692, 720 (Cr)
820 662, 680 (Fe)

1200 659, 677 719 (Cr)
693 (Cr), 715 1200 662, 676
730 (Fe) 693 (Cr), 715,

730 (Fe)

Cr samples calcined at different temperatures are shown in 
Figure 8. The spectrum of the catalyst calcined at 350° was 
characteristic of Cr y-Al203 , featuring a peak at about 703 
nm and a shoulder at 724 nm. Calcination at higher tem­
peratures resulted in the appearance of new peaks or shoul­
ders. The wavelengths of these peaks are summarized in 
Table X; for comparison, the results on the model com­
pounds are given in Table I. The spectra clearly reflect the 
formation of new compounds, but unambiguous identifica­
tion is difficult due to the small differences in wavelength 
between the Cr3+ emissions in the various host lattices. 
Nevertheless, we interpret the peak at 718 nm as a Cr a- 
LiA102 emission, and the one at 714 nm, observed with 
samples calcined at 800 and 1200°, as a Cr LiAlsOg (or­
dered) emission.

Mn. Emission spectra of Mn-doped 10 % Li2C03 /Y- 
AI2O3 catalysts are shown in Figure 9 and the relevant data 
are summarized in Table XI. The wavelengths of the Mn- 
emission peaks observed with the various host lattices are 
given in Table III.

The assignment of the various signals can be made with a 
far higher degree of certainty than in the case of Cr, since 
the Mn-emission peaks are much wider apart. Thus, the 
668-nm peak observed with samples calcined at 150 and 
350° is attributed to Mn a-LiA102. (The peak is very 
broad, indicating that the a-LiA102 formed still has a very 
low degree of crystallinity.) The 662-nm peak formed at 
higher temperatures is ascribed to disordered LiAl5Og. The 
peak at 715 nm observed with the 1200° calcined catalyst is 
probably due to Mn ordered LiAl5Og, but may also stem 
from Cr ordered LiAl5Og. As indicated in Table VI, some 
emission peaks originate from Fe or Cr impurities.

600 700 800 900

b

Mn/U2C03(10%)/yAI203
—  550 °C 
- -  800 °C
— 1200°C

INTENSITY

700 8 0 0  9 0 0

Figure 9. Emission spectra of calcined nondoped Li2C 0 3 (1 0 %  )/'y- 
AI2O3 catalysts.

In summary, X-ray diffraction, thermal analysis, and ele­
mental analysis show that Li2C 03 mounted on 7 -Al20 3 de­
composes at lower temperatures than the pure compound 
does. The emission spectra of Cr and Mn tracers point to 
compound formation: a-LiA102 is detected in samples cal­
cined at 150 and 350°, and LiAl50 8 in samples calcined at 
higher temperatures. Very strong evidence for this is pro­
vided by Mn phosphorescence, and the conclusions are 
supported by the results obtained with Cr. In view of the 
limitations of the present technique the results cannot be 
given in a quantitative form. On the basis of our phospho­
rescence data, we assume that compound formation occurs 
even at low temperatures and that at calcination tempera­
tures under 500° mainly a-LiA102 and at higher tempera­
tures both ordered and disordered LiAl5Og are formed. It is 
possible that some a-LiA102 is converted into /3-LiA102 
above 500°, but this is not confirmed by Fe phosphores-
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TABLE X II: Basic Properties of A lk a li Carbonate/7-Alumina Catalysts

C a ta ly st
C alen  

tem p , °C Ho o f m o st basic sites m e q u iv /g
Surface  

area, m 2/g m e q u iv /m 2
Ho o f  

ind icator

5% LÌ2CO 3/ 7 -AI2O 3 150 6 .8 <  Ho < 1 2 .2 0 .3 5 96 37 X 10 ~ 4 6 .8
340 6 .8 < H o < 1 2 .2 0 .3 5 111 31 X H U 4 6 .8
540 6 .8 0 .1 7 103 16 X 1 0 - 4 6 .8
800 6 .8 <  H 0 <  1 2 .2 0 .1 3 67 20 X 1 0 - 4 6 .8

10% K 2CO 3/ 7 -AI2O 3 340 1 2 .2 <  Ho < 15 1 .3 2 65 200 X 1 0 - 4 6 .8
0 .2 1 33 X 10 ~ 4 1 2 .2

550 15 0 .4 5 69 65 X 10 “ 4 6 .8
0 .4 1 60 X 1 0 - 4 1 2 .2

800 1 2 .2 0 .3 9 71 55 X 1 0 - 4 6 .8
0 .3 2 45 X 1 0 - 4 1 2 .2

2 0 %  C S 2C O 3/  7 - A I 2O 3 370 > 1 7 .2 1 .2 7 63 200 X 10 ~ 4 6 .8
0 .2 6 41 X 1 0 - 4 1 2 .2
0 .2 5 40 X 10 “ 4 15

20%  C s2C 0 3/7 -A l2 0 3 520 1 7 .2 0 .7 5 67 113 X 1 0 - 4 6 .8
0 .4 0 60 X 1 0 - 4 1 2 .2
0 .2 4 36 X 1 0 - 4 15

20%  C s2C 0 3/7 -A 1 20 3 ' 800 15 0 .5 5 70 78 X 10 “ 4 1 2 .2
0 .4 1 58 X 1 0 - 4 6 .8

7 - A I 0O 3

L Ì 2C O 3

L i 20

K0CO3
« - L i A l O o

/3-CrAlO,
L i A L O s

KAIO2
K  /3-alumina
CsAlOi

3 .3 - 4 .0
4 . 0 -  6 .8  
6 . 8- 12.2

1 2 .2 -1 5
6 . 8- 12.2

6 .8
4 . 0 -  6 .8  

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

1 5 .0 - 1 7 .2

cence. /3-LiA102 is not observed, at any temperature, by X- 
ray diffraction.

These conclusions are corroborated by X-ray data, which 
demonstrate LiA102 hydrate is present up to 170°, and is 
presumably converted to a-LiA102 upon heating. (At­
tempts to detect the hydrate by phosphorescence failed, as 
the tracers did not phosphoresce in LiA102 hydrate.) On 
the other hand, the X-ray data indicate the presence of 
crystalline LiALOs at high temperatures. It seems probable 
that some poorly crystalline LiAl5Og is formed at lower 
temperatures.

VI. K2CO3/ 7-AI2O3 and CS2CO3/ 7-AI2O3 Catalysts
K2CO3/7 -AI2O3 catalysts were prepared with loadings of 

9 and 18 wt %, corresponding to K20  • I6AI2O3 and K20  - 
8A120 .3, and calcined at temperatures up to 1200°.

X-Ray studies showed the presence, at low temperature, 
of some KHCO3 (decomposing at 130°) together with 
K2CO3 and 7 -AI2O3. The lines due zo K2CO3 disappeared 
at about 550° and somewhere near 1150° the 7 -AI2O3 
transformed directly into a-Al20 3. At 1050° crystalline /3- 
(K)-alumina was formed.

Thermal Analysis. Upon heating pure K2CO3 • x H20  
lost its water of crystallization, with endotherms at 130 and 
170°; melting started at 900° and was accompanied by 
rapid decomposition. Samples of 7 -AI2O3 impregnated with 
9% K2C03 yielded new endotherms (with weight loss), hav­
ing maxima at 320 and 510°. No melting of K2C 03 was ob­
served. In our opinion, these findings suggest that there is 
some kind of interaction between K2C 03 and 7 -Al20 3 with 
loss of C 02. This is also in agreement with results from C 
analysis (after calcination at 550° about 50% of the carbon­
ate had decomposed).

Phosphorescence spectroscopy was used to detect com­
pounds formed from K20  and 7 -AI2O3. The situation here

is simpler than that with Li, as only two such compounds 
are known to exist, viz. KA102 and K /3-Al20 3.

Phosphorescence spectra of these compounds doped with 
Fe, Cr, and Mn are summarized in Tables I—III, and show 
that the occurrence of potassium /3-alumina can be estab­
lished by using Cr and Fe as tracers and that the presence 
of KA102 can be deduced from the emission at 760 nm in 
the Fe excitation spectrum.

Phosphorescence measurements of the doped K2C 03 (9 
and 18%)/7-Al20 3 catalysts calcined at different tempera­
tures gave the following results: Fe3+ excitation spectra of 
samples heated up to 900° only featured a charge-transfer 
band characteristic of Fe3+-doped 7 -AI2O3; spectra of sam­
ples doped with Cr3+, only showed the presence of Cr 7 - 
A120 3; after calcination above 900° both Cr3+- and Fe3+- 
doped samples gave spectra indicative of K /3-alumina for­
mation; Mn-excitation spectra failed to yield any useful in­
formation, as they were composed of many broad overlap­
ping bands.

We conclude that compound formation is not observed 
by phosphorescence methods when samples are at temper­
atures below 900°. As KA102 is very hygroscopic, rapid for­
mation of a hydrate might have prevented its detection. To 
investigate this possibility we performed a special series of 
experiments in which the calcined catalysts were carefully 
handled inside a drybox. However, the results were the 
same as those obtained previously.

The presence of KA102 and potassium /3-alumina was 
also investigated by ir spectroscopy. Only samples calcined 
at 1200° yielded absorption bands due to potassium /3-alu- 
mina; bands due to KA102 were not observed, irrespective 
of the calcination temperature adopted.

Probably compound formation does not occur to any ap­
preciable extent under these circumstances. Anyway, it 
proceeds for more slowly than with Li, which is in line with
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results of reactions between powders of Li2C0 3 , Na2C0 3 , 
and AI2O3.29’30 This is presumably due to the large size of 
the K+ ion. Apparently, K2CO3 reacts easily with acidic 
sites on the surface of the support.

Several reactions can be envisaged: K2CO3 might react 
with surface OH groups to yield OK groups. Furthermore, 
K20  resulting from K2CO3 decomposition might react with 
exposed Al3+ ions at the surface (Lewis acid centers), again 
forming Al-OK groups. Finally, K+ might occupy A l-0  
vacancies at the surface. Our present data do not allow us 
to specify the actual state of the K+ ions in such detail, 
however.

The situation with Cs is very similar. Again, according to 
elemental analysis for C, the carbonate mounted on y- 
AI2O3 decomposes below the decomposition temperature of 
the pure compound; X-ray analysis does not show the pres­
ence of any Cs-containing compound, even in samples cal­
cined at 1200°.

The only compounds known to form from Cs20  and 
AI2O3 are CsA102 and cesium /3-alumina. The spectra ob­
tained with the tracers in cesium /3-alumina are identical 
with those in potassium /3-alumina; Fe/CsA102 emits at 660 
nm (ligand-field excitation), Mn and Cr do not phospho­
resce in CsA102.

Phosphorescence measurements performed on the cal­
cined CS2CO3/ 7 -ALO3 catalysts (20 and 40 wt %) did not 
reveal any compound formation, even with samples cal­
cined at 1200°. This is in line with results of elemental 
analysis, which indicate that at calcination temperatures 
above 800° Cs evaporates from the catalyst, so that at 
1200° only a trace of Cs is left. It is obvious that this will 
have important consequences for the preparation, regener­
ation, and stability of Cs-containing catalysts.

Appendix. Basic Properties of Alkali 
C arbonate/7 - AI2O3 Catalysts

Alkali carbonate markedly changes the acidic and basic 
properties of 7 -AI2O3 based catalysts, and is often used to 
suppress side reactions, etc. Some results concerning the 
basic sites on the catalysts are given here and discussed 
against the background of the structure of the catalyst.

The basicity of these sites was assessed with Hammett 
indicators31 and their number was established by titration 
with a 0.1 M  solution of benzoic acid benzene. Further­
more, by using different indicators we determined the dis­
tribution of the basic sites according to their basicity. The 
following indicators were employed: 4-dimethylaminoazo- 
benzene (Ho = 3.3), phenylazonaphthylamine (Ho = 4.0); 
Bromothymol Blue (Ho = 6.8); 2,4,6-trinitroaniline (Ho = 
12.2); 2,4-dinitroaniline (H0 = 15) and 4-chloro-2-nitroani- 
line (H0 = 17.2).

The results are summarized in Table XII. Column 3 
shows the H 0 values of the most basic sites, determined by 
color change of the indicators, while column 4 lists the 
number of basic sites with H0 equal to or higher than the 
Ho of the indicators used in the titration, whose values are 
given in column 7. Column 6 shows the calculated number 
of basic sites per unit surface area.

These figures show that Li2C0 3/ 7 -Al203  catalysts do not 
contain highly basic sites; the number of basic sites de­
crease slowly with increasing calcination temperature, and 
is always very small considering the amount of Li present 
(1.3 mequiv/g). This can be explained from what is known

about the structure of the catalyst and the basic properties 
of the model compounds. At low temperatures most of the 
Li is present as Li2C0 3 , which has a Ho below 6.8. At high­
er temperatures the carbonate decomposes to yield more 
basic sites, but this process is counteracted by compound 
formation, rendering many Li atoms inaccessible.

With K and Cs the situation is different. Catalyst cal­
cined at low temperatures have many weakly basic sites, 
presumably due to KHCO3, and a few more strongly basic 
sites, the total number roughly corresponding to the 
amount of K+ present. The latter sites could be due to 
K2CO3 or a decomposition product. At higher temperatures 
the weakly basic sites disappear, and the number of strong­
ly basic sites increases. The total number of sites, however, 
diminishes by a factor of 3. As yet, we have no proper ex­
planation for this phenomenon.
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A number of 15N chemical shifts, determined at the natural-abundance level of the isotope, are reported 
for some secondary alkylamines, amides, ureas, urethanes, heterocycles, and miscellaneous compounds. 
Substituent chemical-shift parameters have been derived for secondary-alkylamine 15N chemical shifts. 
The 15N chemical shifts of secondary alkylamines appear to be potentially useful to determine the number 
of carbon atoms /? to the nitrogen. Effects produced by differences in stereochemistry on the 15N nmr spec­
tra of di-2-butylamine and di-2-hexylamine have been detected. Possible procedures for accounting for 
changes in diamagnetic shielding between pairs of compounds are discussed.

Introduction

It has recently been demonstrated that it is possible to 
obtain 15N nmr spectra at the natural-abundance level 
(0.37%) of this isotope,2 6 although the techniques required 
are somewhat short of being routine.

At present, it is important for practical detection of nat­
ural-abundance 15N nmr signals by continuous-wave meth­
ods that advantage be taken of the nuclear Overhauser ef­
fect that arises when proton noise decoupling is used.7 
When dipole-dipole interactions dominate the 15N relaxa­
tion, the maximum observable nuclear Overhauser effect of 
—3.9 is obtained. Relaxation mechanisms, such as proton 
exchange modulation of 15N -XH scalar coupling and spin- 
rotation interactions, reduce the observed nuclear Ov­
erhauser effect, requiring very substantial increases in 
spectral accumulation time to obtain a given signal-to- 
noise ratio. In unfavorable cases, the opposing effects of di­
pole-dipole and other interactions can lead to no 15N signal 
being observed when proton decoupling is used.

The early natural-abundance 15N nmr work was done 
using standard continuous-wave spectral time-averaging 
methods.2’3 Now, Fourier-transform methods are proving 
valuable in 15N nmr,4’5 although there are potential dif­
ficulties with long 15N relaxation times for those substances 
where there is no proton directly bonded to nitrogen.8’9 
However, judicious use of paramagnetic materials (e.g., 
tris(acetylacetonato)chromium(III)) should help to allevi­
ate problems caused by long 15N relaxation times,10 but, of 
course, at the price of losing the nuclear Overhauser effect.

Most of the data reported here have been obtained using 
continuous-wave methods, although the Fourier-transform 
technique was available to us toward the end of the work. 
The purpose of the study was to probe further the possibil­
ities for natural-abundance 15N nmr.

Results

The nitrogen chemical shifts are summarized in Table I. 
Where comparable 14N (or other 15N) chemical-shift re­
sults were available from other sources, these are given for 
comparison. No isotope effect upon the chemical shifts is 
expected.11’12 Some of the variations between 14N and 15N 
chemical shifts arise from use of different references and

experimental conditions, and, of course, quadrupolar 
broadening of 14N resonances may lead to uncertainty re­
garding 14N peak positions. The shifts of 15N-labeled am­
monium chloride, tétraméthylammonium iodide, and nitric 
acid are also given to facilitate relationship of data ref­
erenced to tétraméthylammonium chloride or to other ni­
trogen chemical-shift scales used in the literature.13’14

For converting nitrogen chemical shifts from the litera­
ture to the tétraméthylammonium chloride scale, we have 
preferred to use shifts given for the tétraméthylammonium 
ion, nitromethane, nitrate ion, or aqueous nitric acid. 
Where more than one method of interconversion was possi­
ble, frequently significant discrepancies were encountered. 
Shifts measured relative to ammonium ion appear to be 
less satisfactory than other standards, possibly because of 
the rather marked sensitivity of ammonium ion shifts 
themselves to experimental conditions. Thus, there seems 
to be an uncertainty of a few ppm when various nitrogen 
chemical-shift scales are compared. This emphasizes the 
timeliness of Becker’s call for an agreed-upon nitrogen 
chemical-shift scale.13

Proton-decoupled 15N spectra taken by continuous-wave 
methods of a number of compounds lacking protons direct­
ly bonded to nitrogen nevertheless gave inverted reso­
nances, showing that dipole-dipole interactions predomi­
nated over other relaxation mechanisms. When using the 
Fourier-transform technique, it was not convenient to en­
sure routinely whether peaks were actually inverted, and 
arbitrary peak phasing was used.

The proton-decoupled loN nmr spectra of amides, ure­
thanes, and ureas are obtained with ease when there is a di­
rectly bonded proton on nitrogen (although sometimes 
even in its absence), in contrast to what happens usually 
with primary and secondary alkylamines. The important 
factor here is presumed to be the rate of proton chemical 
exchange from amide nitrogen, which is much slower than 
from amino nitrogen.15 For this reason, chemical-exchange 
modulation of proton-nitrogen scalar coupling is expected 
to be unimportant with respect to dipole-dipole relaxation 
for amido nitrogen.

Only a few 15N chemical shifts of tertiary amines have 
been measured in this work, because of the long spectral 
accumulation times required due to long spin-lattice relax­
ation times and apparently unfavorable nuclear Overhaus-
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TA B L E  I : ,SN  C h e m ic a l S h if t s “

5 15N (c a lc d ) ,

Compound SnK, ppm ppm ppm
d,l-HOCH2CH(CH3)NH2 - 9 .3
c h 3c h 2c h 2c h 2n h 2 - 2 2 .5  ( — 21 .76) -2 6 ;“ + 1 8 “
c h 3n h c h 2c h 3 -1 5 .8 - 1 4 .0
(CH3CH2)2NH 4.1 (2 ,76) 9;“ 2;“ -5« 0.3
CHjNHCH2CH2CH,CHj -1 9 .4 -1 6 .1
(CHsCH2CH2)2NH - 4 .6 - 2 3 /  - 8“ - 3 .9
[(CH3)2CH]2NH 32.3 23“ 28.8
(CH;)3CNHCH(CH3)2 38.7 43.0
(CH3CH2CH2CH2)2NH - 3 .8 -1 8 ;“ - 2' - 3 .9
meso- and d,l-[CH3CH2CH(CH3) ].NH 24.1

23.6 24.6
[(CH3)2CHCH2]2NH - 8 .7 - 8 .2
[CH3(CH2)4]2NH - 3 .2 - 3 .9
[(CH3)2CHCH2CH2],NH - 3 .5 - 3 .9
[CH3(CH2)5]2NH - 3 .2 - 3 .9
meso- and d,l- [CH3(CH2)3CH(CH3) ]2NH 25.7

25.3 24.6
[CH3(CH2)6]2NH - 3 .1 - 3 .9

0
H

(CH3)3SiNHSi(CH3)3

- 4 .9  ( -5 .9 b) — 7 /  -1 2 “

-1 6 .2 —15*
(CH3CH2CH2CH2)3N - 4 .6 — 5;* +15“

y
! - 4 . 6

ch3
0A0I - 7 .0
I
CH,

NHoCHO 69.0 (70.6,i 71.7*) 6 5 .8 / 65 .1+  70;*' 72»
CHsNHCHO 66.5 (66.50 64.2;” 66+ 69 .6¡
(CHANCHO 60.3 61;* “ 58.3;” 58**
(CH3CH,CH,CHANCHO 82.2
NH oCOOCH2CH3 28.5
c h 3c h 2n h c o o c h 2c h 3 41.8
n h 2c o n h 2 33.1 (33.R) 34/ 1 6 / 3 1 .5 / 27s
(CH3)2NCON(CHs)2 18.9 14.5‘

0 251.3 254/ 253“

^  / - CH>I f  n (ND 118.3 126/ 116“.”
w

N̂ bS 279.5 281”\= /c° 339.6 339”

c h 3n o 2 336.7 (338.1/ 339.30 337/ 333 .5 / 336“
16NH 4C1 - 1 8 . 1  ( - 1 8 . 6 /  - 2 0 . 7 0 - 2 1“*
(CH3V 5NI ( « 0 . 3  M) - 1 . 1 0 . 1 /
H 15N 0 3 («10 M) 330.6 (325““) 332/ 334.5“
“ D ow n fie ld  from  external —12 M  aqueous (C H 3)416NC1, ± 0 .2  ppm ; ôisN(caicd) va lu es h a v e  been ca lcu la ted  u s in g  th e  

su b s titu en t param eters for secondary  a lky lam in es (see te x t) . 6 R eference 2. “ M . W itan ow sk i and  H . Janu szew sk i, Can. J .  
Chem., 4 7 , 1321 (1969). d D . W . T urner, quoted  in reference o f  fo o tn o te  i. ' W . B eck , W . B ecker, H . N o th , and  B . W rack m eyer, 
Chem. Her., 105, 2883 (1972). ! B . E . H older and M . P . K le in , J .  Chem. Phys., 23, 1956 (1955). “ P . C. L auterbur, “ D eterm in a ­
tio n  o f  O rganic Structures b y  P h y sica l M eth o d s,” V ol. 2, F . C. N a ch o d  and  W . D . P h illip s, E d ., A cadem ic P ress, N e w  Y ork,
N .Y .,  1962, p  4 6 5 . h K . A . A n drian ov , V. F . A ndronov, V. A . D ro zd o v , D . Y a . Z hinkin, A . P . K resh kov, and  M . M . M o rgu n ova , 
Proc. Acad. Sci. U SSR, 202, 58 (1972). * D . H erb ison -E van s and  R . E . R ichards, Mol. Phys., 8, 18 (1964). > R eference  4 . k R . J. 
Chuck, D . G. G illies, and  E . W . R an dall, Mol. Phys., 16, 121 (1969); 1 P . H am pson  and  A . M a th ia s, Mol. Phys., 11, 541
(1966). R eference 40. n H . S a ito , Y . T anak a, and K . N u k a d a , J .  Am er. Chem. Soc., 93, 1077 (1971). “ M . W ita n o w sk i, L. 
S tefa n ia k , H . Janu szew sk i, and  Z. W . W olkow ski, Tetrahedron Lett., 1653 (1971). ” M . B o se , N . D a s, an d  N . C h a tter jee , J .  
Mol. Spectrosc., 18, 32 (1 9 6 5 ) .“ G . A . O lah and A . M . W h ite , J .  Amer. Chem. Soc., 90, 6087 (1 9 6 8 ) .r R eference 45. * M . W ita ­
n ow sk i, J .  Amer. Chem. Soc., 90, 5683 (1968). ‘ M . W itanow sk i, L. S tefan iak , S. P ek sa , and  H . Janu szew ski, q u o ted  in  M . 
W ita n o w sk i and G . A . W ebb, E d s., “ N itro g en  N M R ,” P len u m  Press, L ondon, 1973, p 190. “ M . W itanow sk i, L . S te fa n ia k ,
H . J a n u szew sk i, Z. G rabow ski, and  G . A . W ebb, Bull. Acad. Pol. Sci., Ser. Sci. Chim., 20, 917 (1972). » H . S a ito , Y . T a n a k a , 
a n d  S . N a g a ta , J .  Amer. Chem. Soc., 95, 324 (1973). ” M . W itanow sk i, L. S tefan iak , H . Januszew ski, Z. G rab ow sk i, and
G . A . W ebb, Tetrahedron, 28, 637 (1972). 1 E . D . B ecker, priva te  com m u n ication . » M . A le i, Jr., A . E . F lorin , and  W . M . 
L itch m a n , J . Phys. Chem., 75 , 1758 (1 9 7 1 ) .2 E . D . B ecker, J .  Magn. Resonance, 4, 142 (1971). ““ J . B . L am bert, B . W . R ob erts,
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N.Y., 1965, p 269.
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er effects. Now that Fourier-transform techniques are 
available, investigation of natural-abundance 15N chemical 
shifts of tertiary amines should be more practical, as the 
greater sensitivity of these techniques will offset the sacri­
fice of some or all of the nuclear Overhauser enhancement 
that results from use of paramagnetic material to shorten 
spin-lattice relaxation times.10

The stability of our Fourier transform system with inter­
nal deuterium lock, relative to our former continuous-wave 
system employing an external water lock, allowed for much 
better resolution and precise determination of chemical- 
shift effects. For example, Fourier-transform spectra of di-
2-butylamine and di-2-hexylamine each showed two peaks, 
separated by 0.56 and 0.37 ppm, respectively, as corre­
sponds to the meso and D , L  forms, although at this time, we 
do not know which peaks should be assigned to each. Simi­
lar stereochemical effects are well established in 13C nmr 
spectra.16"20 Especially pertinent here is that carbon 4 of
3,5-dimethylheptane shows a chemical-shift difference of 
0.2 ppm between its meso and D , L  isomers17 which is very 
comparable to the 0.6 ppm 15N-shift difference observed 
for di-2-butylamine, the nitrogen analog of 3,5-dimethyl­
heptane.

Discussion

Empirically derived substituent parameters have proved 
very useful in summarizing a large body of 13C chemical- 
shift data,17-21’22 and analogous 16N parameters have been 
derived for primary alkylamines2 and methylhydrazines.3 A 
regression analysis was performed on the secondary alk- 
ylamine 15N chemical shifts measured in the present work 
with

6 n  =  n&P +  nyy  +  C  ( 1 )

Here, n r¡ and n y are the numbers of carbon atoms two 
bonds or three bonds removed from the nitrogen, respec­
tively; j8 and 7 are the substituent parameters, and C is a 
constant. Preliminary analyses had indicated that consid­
eration of parameters for substituents further removed 
from the nitrogen atom than the 7 position was unneces­
sary, as these parameters were not statistically signifi­
cant.23 The final regression analysis gave alkyl substituent 
parameter values of /3 = 14.3 ± 0.5 ppm, 7 = —2.1 ± 0.5 
ppm, and C = —28.2 ppm. The standard deviation of the 
dependent variable was 2.0 ppm, and the substituent pa­
rameters were significant at the 95% level.

For 13C nmr shifts, the a-substituent parameter appears 
to be a composite of diamagnetic and paramagnetic 
shielding effects arising from the inductive mechanism 
(and steric influences where the a substituent interacts 
sterically with other groups present),26’27 while the pa­
rameter results predominately from an inductive effect 
upon the local paramagnetic shielding term. Mason indi­
cates that after correction of the a parameter for local dia­
magnetic shielding, the ratio of the a and ¡3 parameters for 
13C chemical shifts of alkanes is close to that expected for 
an inverse-cube law of the internuclear distances.26 The 7 
effect is considered to be the result of steric interac­
tions.22’27-29

Comparison of primary and secondary amines indicates 
that substitution of alkyl on 15N causes a shift of +9 ppm.2 
With this and calculated values for the local diamagnetic 
shielding term o-dN of methylamine and dimethylamine,30 it 
appears that the local paramagnetic shielding contribution

TABLE II: C alcu lated  D iam agn etic  S h ie ld in g  T erm s, 
(TdN, for V arious A lk ylam ine P artia l S tru ctu res

Structure (TdN<*
Free nitrogen atom -325.5

N-H -334.8
N-C -363.8
H\̂ N—C
n

-382.4

H
H\  1 An—C—H

1
-391.3

HH
An—c—h 

HX 1
-395.7

H
H

H\  1 A n — c—h
H U

-414.2

c\

O n~ c -411.4

“ In ppm, with respect to the bare nitrogen nucleus; the 
shielding contributions of the atoms shown in bold type 
have been considered. The procedure was that of ref 31.

<rpN to the a substituent chemical-shift parameter is offset 
by —29 ppm from the change in local diamagnetic shielding 
upon introduction of an extra a alkyl substituent. Thus, for 
<7PN, the substituent parameters are a -  38 ppm, 8 —<14.3 
ppm, and 7 = —2.1 ppm. The distances from the nitrogen 
atom to the a and /? carbon atoms are 1.47 and 2.46 A, re­
spectively. These distances have r~3 factors of 0.32 and 
0.067, whose ratio (4.7) is substantially different from the 
ratio (2.6) of the a and /3 substituent parameters for <rpN. 
This analysis suggests for secondary alkylamines that other 
factors beside internuclear distance may be important in 
determining <rpN on alkyl substitution,32 although this con­
clusion does depend on the choice of appropriate <rdN 
values on alkyl substitution. The best way to proceed is 
still in doubt. Thus, Grinter and Mason have suggested use 
of a local <7dN, rather than the all-atom <rdN employed by 
Flygare and Goodisman, and by Ramsey.33-35 Comparison 
of calculated <idN values for various alkylamine partial 
structures illustrates some of the problems. The o>iN values 
in Table II have been calculated considering the diamag­
netic-shielding contributions to the nitrogen atom of the 
atoms shown in bold type. Replacement of a proton on ni­
trogen by a carbon is expected to shield the nitrogen by an 
additional 29 ppm, and a proton on the carbon atom a to 
nitrogen to give a further increment of 4.4 ppm. A carbon 
atom 18 to the nitrogen would contribute shielding 
amounting to 22.9 ppm. These figures demonstrate that 
calculated diamagnetic-shielding contributions, governed, 
as they are, by an inverse linear law for internuclear dis­
tance, can be substantial relative to those of directly bond­
ed atoms, even for atoms two or more bonds away from ni­
trogen, especially for atoms with comparatively large atom­
ic numbers.

Recent publications have considered calculation of the 
nitrogen shifts of alkylamines by more sophisticated meth­
ods.36’37 In one investigation,36 increases in diamagnetic 
shielding of 26 and 44 ppm were found on going from am-
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Figure 1. Variation of ,5N chemical shifts for secondary amines with 
varying degrees of alkyl substitution. The ordinate is rig, the number 
of alkyl groups on the carbons directly attached to nitrogen. The 
number of 7  substituents for each value of rig is indicated by y n, 
where n is the number of 7  substituents.

monia to methylamine and from methylamine to dimethyl- 
amine, respectively. The predicted effects are not additive 
but are reasonably comparable to the changes in diamag­
netic shielding predicted using the Flygare-Mason o-dN 
values.33'34 On the other hand, Litchman’s calculations pre­
dicted additive diamagnetic shielding decrements of 4.5 
ppm on successive methylations of ammonia.

Use of diamagnetic shielding contributions in discussion 
of nitrogen shifts has been criticized on the basis that the 
predicted diamagnetic contributions are usually opposite in 
direction to the observed shift changes.38’39 This argument 
is hardly compelling, because it has never been claimed 
that the calculated diamagnetic contributions have done 
anything more than to help make more clear what the actu­
al magnitude of the dominant paramagnetic contributions 
are.

Hydrogen bonding is expected to have considerable in­
fluence on the shifts of 15N nuclei.3,40-43 Ideally, a set of 
alkyl substituent shift parameters for amines would also in­
clude allowance for the variability of hydrogen-bonding 
possibilities between primary, secondary, and tertiary 
amines. However, construction of a more sophisticated set 
of substituent parameters will need to be postponed until 
more 15N shifts of tertiary alkylamines have been obtained.

The secondary alkylamine substituent shift parameters 
of ft = 14.3, 7 = —2.1, and C = —28.2 ppm are reasonably 
comparable with the parameters obtained earlier2 for pri­
mary alkylamines: a = 8.7, ft = 18.2, 7 = —2.7, <5 = 3.0, c = 
—1.8, and C = —48.4 ppm. Because the data set for the pri­
mary alkylamine parameters was relatively small, none of 
the a to € parameters is statistically significant at the 95% 
level. A somewhat better fit is possible for a four-parameter 
equation which neglects the effect of an é substituent and 
gives a = 7.8, ft = 18.6, 7 = —2.4, b = 2.5, and C = —48.4 
ppm.44

The 15N shift of —16.2 ppm for hexamethyldisilazane is 
interesting compared to the calculated shift of about 58 
ppm for its carbon analog, di-tert-butylamine. However, 
the local diamagnetic shielding term o-(jN suggests that the 
nitrogen of a disilazane should be more shielded than that 
of a secondary amine by 91 ppm. Thus, the high-field shift 
of hexamethyldisilazane seems likely to be due to the larger 
diamagnetic shielding effect of the two silicon atoms com­
pared to two carbon atoms.

It seems noteworthy that 1,1,3,3-tetramethylurea gives a 
nitrogen signal 14.2 ppm upfield from that of urea. The 
pattern of amine substitution would have suggested a 
downfield shift upon méthylation of urea. The observed 
shift is roughly four times the reported upfield shift of 4 
ppm in monomethylurea.45

The 15N chemical shifts of secondary alkylamines appear 
to be useful in qualitative analysis to obtain information 
about the degree of alkyl substitution close to the nitrogen 
atom. Figure 1 shows the nitrogen chemical shifts in terms 
of ng, the number of substituents on the carbons directly 
attached to nitrogen. Single solid lines represent single 
compounds, and brackets the chemical-shift range of a 
group of compounds. The dashed lines represent the nitro­
gen chemical shifts predicted from the secondary-alkylam- 
ine substituent parameters. Because of the considerable 
magnitude of the ft parameter, there seems to be little pos­
sibility of ambiguity in using the experimental nitrogen 
chemical shift to determine the number of carbon atoms ft 
to the nitrogen atom. The shifts resulting from differences 
in 7 substitution appear, from Figure 1, to have less diag­
nostic value.

Experim ental Section
The unlabeled compounds were commercial products 

which, in the case of liquids, were distilled before use. The 
15N spectra were taken on the neat liquids. The secondary 
alkylamines were distilled from lithium aluminium hydride 
in order to minimize proton exchange.7 A recent report on 
formation of secondary amines by base-catalyzed reactions 
of primary amines46 suggests that this may be an inappro­
priate general method to use in drying amines; previously, 
sodium hydroxide or potassium hydroxide pellets have 
been used.2

Much of the early 15N shift data, referenced to nitric 
acid, were collected by continuous-wave methods on the 
unmodified DFS-60 spectrometer operating at 6.08 MHz;2 
the probe temperature was about 45-55° when proton 
noise decoupling was used. Field stabilization was provided 
by an external water lock. Later data, referenced to the 
tétraméthylammonium chloride resonance, were collected 
by Fourier-transform techniques using a Varian DFS-60 
spectrometer modified by a Bruker transmitter, probe, re­
ceiver, and deuterium internal lock system, and employing 
a Varian 620i computer and its associated software. The 
spectra were referenced using a 4-mm o.d. Wilmad preci­
sion coaxial capillary containing an approximately 12 M  so­
lution of (CH3)415NC1 in D2O, mounted inside a 10-mm 
nmr tube containing the sample. The D20  signal was used 
for the internal lock. The (CH3)415NC1 was synthesized 
from 15NH4C1,47,48 or purchased from Merck Sharp and 
Dohme, Canada Ltd. Chemical-shift scales were intercon- 
verted using 330.64 ppm as the chemical shift of nitric acid 
on the tétraméthylammonium chloride scale.14 Chemical 
shifts throughout this paper are given on the tétraméth­
ylammonium chloride scale unless otherwise indicated. 
With the spectrometer in the Fourier-transform configura­
tion, the probe was cooled by a stream of air, so that proton 
decoupling had no significant heating effect. Because of the 
likely temperature differences between the* continuous- 
wave and Fourier-transform measurements, it was impor­
tant to show that temperature differences had no impor­
tant effect on the nitrogen chemical shifts, if the data were 
to be combined and used in regression analyses to derive 
substituent chemical-shift parameters. The 16N spectra of
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di-n-propylamine, diisopropylamine, and di-2-hexylamine 
taken under the two sets of conditions showed a maximum 
variation in chemical shifts of 0.15 ppm, so that for a 
change of about 25° in sample temperatures, there is no 
significant effect on the nitrogen chemical shifts of these 
secondary alkylamines.

The ethyl carbamate spectrum was taken of a sample to 
which the minimum amount of chloroform had been added 
to give complete solution at the ambient decoupling tem­
perature (approximately 50°).

The regression analyses employed a multiple stepwise 
linear regression subroutine, REGRES,49 run on a PDP-10 
computer. The variance ratio (F level) of an independent 
variable, the relative values of variance ratios for the pa­
rameters in the regression analysis, and the standard error 
of the dependent variable were the principal criteria used 
in assessing the significance of particular regression analy­
ses.
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A series of four 9-arylxanthyl radicals (9-phenyl-, 9-p-tolyl-, 9-o-tolyl-, and 9-a-naphthylxanthyl) in tolu­
ene was investigated by electron nuclear double resonance spectroscopy. The observed endor spectra were 
analyzed by calculation of the spin density and the assignment of the hyperfine coupling constants was 
confirmed by computer simulation of the electron spin resonance spectra. The angle between the plane of 
the xanthyl group and that of the aryl derivative was determined from both the spin densities obtained by 
experiment and those calculated by the McLachlan SCF-MO method. Consequently, it was found that the 
plane of p- tolyl derivative is twisted by about 52° with respect to that of the xanthyl group and that the 9- 
phenylxanthyl radical also takes a similar steric arrangement. On the other hand, the angles of twist for 9-
o-tolyl- and 9-a-naphthylxanthyl radicals were estimated to be about 58 and 65°, respectively. The twist­
ing was found experimentally to be caused by steric hindrance between the xanthyl group and the substitu­
ent.

Introduction

Since the first successful electron nuclear double reso­
nance (endor) experiment on a radical in solution,1 a num­
ber of endor measurements have been tried.2-5 One aim of 
the application of that technique is to obtain accurate 
values of hyperfine coupling constants which are too small 
to be resolvable in the electron spin resonance (esr) spec­
trum.

The authors are studying structural changes of aromatic 
hydrocarbons6 in the carbonization process. The radicals 
produced during carbonization are generally too complex to 
identify their structure by esr measurement and endor is a 
very powerful tool for such cases. In this paper four 9-ar­
ylxanthyl radicals (Figure 1) were chosen as a model of 
thermal cracking of aromatic hydrocarbons. These radicals 
are easily produced with thermal cleavage of the corre­
sponding dimers7’8 and have too complex a structure to be 
analyzed by esr alone. Moreover it may be valuable to com­
pare our endor data with those of Sevilla and Vincow9 
which were obtained for 9-phenylxanthyl by esr and also to 
estimate the twisting angle by the steric hindrance of aryl 
group with the xanthene nucleus.

E xp erim en ta l Section

All 'xanthyl radicals were prepared from hydrochloric 
acid solutions of corresponding xanthenol and vanadi- 
um(II) chloride by the method of Conant and Sloan,7 ex­
cept that they were allowed to react under vacuum. The 
concentration of the solution is approximately 10“2 to 10-3 
M.

Xanthenols were prepared from xanthone and the corre­
sponding Grignard reagents following the method of 
Gomberg, et al.,10’11 and purified by recrystallization from 
benzene or a mixture of benzene and ligroin. The melting 
points of these compounds are 157~158° for 9-phenylxan- 
thenol, 147~148° for 9-p-tolylxanthenol, 163° for 9-o-to- 
lylxanthenol, and 196~197° for 9-a-naphthylxanthenol.12 
These values are in nearly good agreement with those of lit­
erature.13-16

Esr and endor spectra were measured using Japan Elec­

tron Optics Laboratory JES-ME-3X type esr and ES- 
EDX1 type endor spectrometers equipped with a variable- 
temperature attachment,17

In order to verify the assignment of the coupling con­
stants derived from endor spectra, esr spectra were calcu­
lated on TOSBAC-3400 computer using a program given by 
Kuwata18 and compared with the experimental esr spectra. 
This program is essentially the same as the SESRS comput­
er program described by Stone and Maki.19

R esu lts and D iscussion

Endor Spectra. As is expected for an equilibrium be­
tween radical and dimer, the esr spectral intensity de­
creases with decreasing temperature, and the endor signal 
intensity also decreases. On the other hand, the endor spec­
tral intensity decreases at higher temperatures owing to in­
creasing spin exchange.20-22 The most intense signals were 
observed at —60° for 9-phenyl- and 9-p- tolylxanthyl radi­
cals. However, for the 9-o-tolyl- and 9-a-naphthylxanthyl 
radicals, the best enhancement was obtained at —90°. The 
endor spectra of these radicals are shown in Figure 2. The 
esr signals of the former radicals disappeared with decreas­
ing temperature, while those of the latter radicals were ob­
served even at lower temperature near —90°, although their 
signal intensity decreased considerably. In addition, the 
toluene solutions of 9-phenyl- and 9-p-tolylxanthyl radi­
cals became colorless at lower temperature, but orange-red 
color remained even at -90° in 9-o-tolyl- and 9-a-na- 
phthylxanthyl radicals. From these results the prevention 
of dimerization of the radicals by steric effect may be a 
cause of the difference in temperature dependence on sig­
nal intensity of the above two groups.

Assignment of Hyperfine Splitting Constants. Two 
endor lines are usually expected from each group of equiva­
lent protons equally spaced above and below the free-pro- 
ton frequency. If second-order frequency shift is assumed 
negligible,23 the values of the coupling constants are ob­
tained directly from the interval of two lines or from twice 
of the distance from the free-proton frequency to a line at 
higher frequency. The values of the coupling constants de-
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TABLE I: P ro ton  H yperfine S p litt in g  o f  9-A rylxan th yl R adica ls O b tained  by Endor (in  G auss)

Xanthyl Radical

Position
9-Phsnyl-

(-60°)
9-p-Tolyl-

( — 60°)
9-o-ToIyl-

( — 90°)
9-a-Naphthyl

(-90°)
| 0 3 , 6 H | 3.691“ (3.809)» 3.674“ 3.758“ 3.756“
k s H | 3.191“ (3.306)» 3.196“ 3.252“ 3.233“
| ö 2 , 7 H | 0.853s (0.86)» 0 .866s 0.862s 0.859s
| 0 4 , 5 H | 0.751s (0.74)» 0.760s 0.759s 0.766s
k H! 0.853s (0.86)» 0 .866s 0.672s
k Hl 0.751s (0.74)» 0.760s 0.588s
k H |

k ',4 'H|

0.620s (0.621)» 0.639s 0.259s'd 
0.170s'»

0.639s
k H l 0.532s

0.263s
|ö6',8'H| 0.069s

“ The uncertainty is approximately ±0.003 G. 
assigned to |a5>H|. » This value is assigned to |a3»H|.

s The uncertainty is approximately ±0.015 G. » See ref 3. d This value

These signal line widths are broader than those in the re­
gion of the free-proton frequency and, particularly, a line 
near 19 MHz in 9-o-tolyl- and 9-a-naphthylxanthyl radi­
cals seems to consist of two components. Accordingly, the 
endor spectra were measured at temperatures ranging from 
—100 to —40°. Spectral lines weaken at temperatures ex­
cept for the optimum temperature for endor effect, so that 
it could not be confirmed experimentally whether broaden­
ing of this line is attributable to the difference in confor­
mation.

The assignment of the other lines is not straightforward. 
The small values of the coupling constants in 9-phenylxan- 
thyl radical are in good agreement with those obtained by 
Sevilla and Vincow (Table I).9 The same endor spectrum 
was observed for 9-p-tolylxanthyl radical. Therefore, the 
assignment for the two radicals is clear. As can be seen in 
Table I, the individual splittings |o2,7^  and lap*1] as well as 
|a 4 5^  and Icto11! were not resolved even by means of the 
endor technique. The endor spectrum of the 9-o-tolylxan- 
thyl radical is a little more complicated than that of the 9- 
phenyl or 9-o-tolylxanthyl radical. The magnitudes of the 
coupling constants are 0.862, 0.759, 0.672, 0.588, 0.259, and 
0.170 G. The values of 0.862 and 0.759 G are undoubtedly 
assigned to the proton coupling constants at positions 2,7 
and 4,5 of xanthyl group for the following reason: these 
values correspond to those in 9-phenyl- and 9-p-tolylxan­
thyl radicals and the small couplings of xanthyl part such 
as | o 2,7 n| and I <2 4,5 H| have little influence on structural 
change in the radical. The remaining coupling constants of 
the 9-o-tolylxanthyl radical were assigned, assuming that 
each coupling constant of the substituent decreases to the 
same extent as that in the 9-phenyl- or 9-p-tolylxanthyl 
radical. However, the coupling constants of nonequivalent 
meta positions could not be distinguished. This assignment 
was made using the calculation of spin density by SCF-MO 
method. In the same manner, the authors assigned the cou­
plings of the substituent of 9-a-naphthylxanthyl radical 
which contains many nonequivalent protons. They will be 
discussed below.

Comparison of Experimental Esr Spectra with Simulat­
ed Esr Spectra. All the spectra simulated for these radicals 
are in fairly good agreement with experiment.24 However, 
the spectral intensity of the simulated spectra is somewhat 
different from that of the experiment. One possible expla-

R: - Q

R

Figure 1. Structural formula and numbering scheme of the 9-aryl- 
xanthyl radicals.

termined on the basis of the assignment described below 
are given in Table I.

The two signals common to all the spectra were observed 
near 18~19 MHz, as seen in Figure 2. These lines corre­
spond to coupling constants of about 3.2 and 3.8 G. Sevilla, 
and Vincow assigned the 3.425- and 4.047-G splittings of 
the xanthyl radical to positions 1 and 3, respectively, by 
means of experiments.8 By analogy with their result, the
3.2- and 3.8-G splittings described above are considered to 
be due to the protons of positions 1 and 3. The value of the 
coupling constant | a 36H| of 9-o-tolyl- and 9-a-naphthyl- 
xanthyl radicals is considerably larger than that of 9-phe- 
nyl- and 9-p-tolylxanthyl radicals (Table I). Also a similar 
relationship is found for the coupling constant | a 1> 8 H| - 
These results show that the electron spin of the former rad­
icals is localized in the xanthyl part. It can be explained by 
considering that the twisting between the xanthyl group 
and the substituent accompanies the lessening of overlap­
ping of tt orbital at positions 9 and 1' and that the structur­
al change inhibits the spin to flow into the substituent 
through it orbital.
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1

13 15 17 19 (MHz)

Figure 2. Endor spectra of 9-arylxanthyl radicals: (a) 9-phenyl-, (b) 
9-p-tolyl-, (c) 9-o-tolyl-, and 9-a-naphthylxanthyl radical. The free 
proton frequency is marked with an arrow.

nation is that a little stronger microwave power was used in 
order to enhance the wing signal and the spectral lines of 
the central part might be saturated. The simulated spectra 
were obtained with the approximation of Lorentzian line 
shape. This might be another reason for lack of a better fit 
to the experimental spectrum.

Calculation of the Spin Density and the Angle of Twist. 
McLachlan SCF-MO spin density has been calculated to 
investigate the rr-electron structure of 9-arylxanthyl radi­
cals.25 Although the results calculated by this method may 
be insufficient to compare with the accurate values ob­
tained by endor experiment, this method is considered to 
be the most elaborate approach to the calculation of spin 
densities in 7r radicals.

In the calculations, a semiempirical constant, X, was cho­
sen as 1.1 since this constant does not depend effectively on 
the spin densities. Empirical parameters were introduced 
into the heteroatom model calculation. The Coulomb inte­

Figure 3. Variation of the absolute value of soin densities with the 
resonance integral parameter for the 9-o-tolylxanthyl radical. 
Numbering of carbon positions is given in Figure 1.

Figure 4. Variation of the absolute value of spin densities with the 
resonance integral parameter /?*//? for the 9-a-naphthylxanthyl radi­
cal. Numbering of carbon positions is given in Figure 1.

gral for the heteroatom becomes a + hxfi, in which cr is the 
Coulomb integral for benzene carbon, B is the value of reso­
nance integral for two adjacent benzene carbons, and the 
resonance integral between the benzene carbon, C, and the 
heteroatom, X, is k c~xP- For heteroatom parameters for 
the oxygen atom in xanthyl part, h o = 2.0 and fec-0 = 0.75 
were employed.9 The absolute values of calculated spin 
densities for a function of (3*/(3 are indicated in Figures 3 
and 4, where (3* shows'the resonance integral for the bond­
ing between xanthyl group and the substituent. The 9-p- 
tolyl - and 9-o-tolylxanthyl radicals contain a methyl group 
in each substituent. Therefore, the methyl group was treat­
ed with hyperconjugation according to the method of Coul- 
son and Crawford.26 The parameters used in this case are
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the same values as those for toluene: the Coulomb integrals 
for the carbon atom and three hydrogen atoms of the meth­
yl group are he = -0.1 and h h3 = -0.5, respectively. The 
resonance integral for carbon atom-hydrogen atoms of 
methyl group is k  c_h3 =  2.5 and that for thé methyl group- 
adjacent carbon atoms is k  c-ch3 = 0.7.

In Figure 3 the spin density of \p5\ is higher than that of 
1/03-1 in the range 0.0-1.0 for Hence, |a 5-H| and lag-11] 
were assigned to 0.259 and 0.170 G, respectively (Table I). 
As is clear from Figure 4, the spin density for the substitu­
ent decreases in the following order: \p2\ > | > \ps\ > \p5\
> \p-i\ > |psj > I Pej and, in addition, \p2\ =* \p*\, |p5j 
and \ps\ — | P6j • Therefore, the values of 0.639, 0.532, 0.263, 
and 0.069 obtained by endor experiment were assigned to 
|a 2',4,H), l^ n i ,  J a 5̂  7' ̂ , and |a6-,8' H|, respectively (Table
I).

It is generally known that the spin density of the meta 
position is not predicted well by the McLachlan’s method. 
Moreover, the value is much smaller than that of ortho or 
para position (Figure 3). Therefore, in evaluating the an­
gles of twist, | Pol and |pp| were used exclusively and also 
\p2\ and fp4j were chosen in the case of 9-a-naphthyl- 
xanthyl radical.

The experimental splittings of 9-aryl derivative protons 
are reduced to the spin densities through the McConnell’s 
relationship27 al H = Q, pH, where Q is taken as —27 G, ac­
cording to Fessenden and Schuler and others.28 From the 
experimental spin densities in Figures 3 and 4 the angle of 
twist 6 is calculated by use of the following equation: 0* = d 
cos 8. The bond distance between the xanthyl group and 
the substituent is not in accord with the C-C bond distance 
in benzene (1.397 Â), so that the above equation does not 
hold in this case since the resonance integral depends on 
the C-C bond distance. According to the calculation of Sev­
illa and Vincow, the equation is transformed as follows: /3* 
= 0.9/8 cos 6. The calculated angles are summarized in 
Table II. As the angle of twist for the 9-phenylxanthyI radi­
cal, Sevilla and Vincow have given 6 = 60°,9 being different 
from that obtained in this work. It seems to arise from the 
fact that they obtained it by averaging the values not only 
from |pp| and|p0|, but also from |p, + pm + pp[.

It is found clearly from Table II that 9-o-tolyl- and 9-a- 
naphthylxanthyl radicals are more twisted than the other 
radicals. Furthermore, the angles for the former radicals 
may be somewhat larger than the values given in Table II, 
if the expansion of bond distance between the xanthyl 
group and the substituent is taken into consideration. 
Though the values estimated by this method are approxi­
mate, it is concluded from them that steric hindrance con­
tributes predominantly to the twisting of the substituent.

McKinley, et ai, reported on nuclear magnetic reso­
nance studies of 9-arylxanthene and 9-arylxanthenol that, 
due to steric interactions between the ortho-substituted 
group of aryl group and the 1 and 8 hydrogens of xanthyl, 
the 9-aryl substituent is nearly perpendicular to the xan­
thyl part.29 Similar conclusions were obtained in relation to 
some 9-arylxanthyl carbonium ions30 and 9-arylfluorenes.31 
Since in these compounds there is another substituent at 
position 9, such as a hydrogen or hydroxyl group, carbon at 
position 9 is bonded with a sp3 hybrid orbital. On the con­
trary, the 9-aryl x orbital of the xanthyl radical interacts 
with the p x orbital of carbon situated at position 9. The 
twisting of the ring, owing to steric effect, weakens the sp2 
hybridization and destablizes the radical because it can not

TABLE II: A ngles o f  T w ist o f  9 -A rylxanthyl R adicals

Xanthyl radical Angle of twist, deg
9-Phenyl-
9-p-Tolyl-
9-o-Tolyl-
9-ff-Naphthyl-

54 (60)“ 
52 
58 
65

° See ref 3.

have sp3 covalent character. Even if severe steric hindrance 
is added, therefore, the structure perpendicular to the xan­
thyl group could not be expected for these radicals.
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The principal limitation to precision and accuracy in the bubble solution method for measuring diffusion 
coefficients of gases in liquids arises from free convection. The governing dimensionless parameter is the 
Grashof number, which indicates that convection effects become less important for small bubbles, low gas 
solubility, and high liquid viscosity. Precision within 5% is obtainable for bubble diameters less than 0.3 
mm, and values of a second dimensionless parameter DCji] [(diffusion coefficient) (solubility)/(viscosity)] 
less than 4 X 10~8. Bubble solution data in pure liquids and in polymer solutions substantiate these conclu­
sions, though the measured values of D appear to be higher than current literature values. The method is 
particularly suitable for polymer solutions and the data suggest that polymer volume fraction, rather than 
solution viscosity, is the controlling parameter for diffusion of small molecules in these media.

I. In troduction

The measurement of the diffusion coefficients of dis­
solved gases in liquids and solutions has been a difficult 
but important experimental problem for many years. A 
systematic body of data on the behavior of these simple 
diffusants would be a helpful guide to understanding the 
mechanism of mass transport in liquids, and would thereby 
contribute toward a satisfactory theory of the liquid state. 
Gas-in-liquid diffusion coefficients are also useful in the 
design of chemical reactors and in other engineering appli­
cations.

There are several well-characterized techniques present­
ly in use for the determination of gas diffusion coefficients 
in liquids; the literature was reviewed recently by Himmel- 
blau.4 The principal experimental problems faced by all 
workers are elimination of convection due to density and 
thermal gradients, and accurate measurement of the small 
quantities of gas involved. If a measurement technique can 
give a precision of 5% or better, it is generally regarded as 
acceptable. The liquid jet technique is currently the most 
popular method, because it is convenient and routinely 
gives adequate precision for most engineering applica­
tions.5“7

Recently, there has been renewed interest in using the 
rate of solution of a small gas bubble in a liquid to obtain 
the gas diffusion coefficient. This technique involves sus­
pending a gas bubble in a degassed liquid and measuring 
its size as a function of time as it dissolves. Knowledge of 
the gas solubility permits calculation of the gas diffusion 
coefficient from the radius vs. time data, assuming a Fick- 
ian diffusion process. The method is attractive because it 
gives a direct measure of the gas absorption, it is rapid, and 
it is relatively easy to analyze because of spherical symme­
try. Mache8 and Brandstaetter9 were the first to use bubble 
solution techniques in their measurements of the diffusion 
of air in water. Liebermann10 measured the diffusion of air 
in water by bubble collapse at three temperatures, and was 
able to demonstrate both internal consistency and reason­
able agreement with results from other techniques. Man- 
ley11 studied the growth and collapse of air bubbles in 
water and concluded that an “organic skin effect” had to be 
postulated in order to satisfactorily interpret his observa­

tions. Liebermann had also reported difficulties with im­
purities at the bubble surface. All of these workers held the 
sample bubble stationary by attaching it to a flat glass or 
Perspex plate, and made appropriate corrections for the 
presence of the surface in extracting the diffusion coeffi­
cient from their data.

The first use of the bubble solution technique for a sys­
tematic study of the diffusion of gases in liquids was the 
extensive work of Houghton, et al. 12-15 They reported dif­
fusion coefficients for 14 gases in water from 10 to 60°, 
claiming reproducibility of better than 4%. Their method 
involved generating a single bubble of reproducible size, 
catching it under a flat plastic sheet, and following its rate 
of collapse microscopically. Although the effect of the 
plane surface could be accounted for theoretically,10’15 
Houghton chose to calibrate his method with the known 
diffusion coefficient of oxygen in water. The values for 
other gases were somewhat higher than results of other 
methods, presumably due to this calibration step.7

The experimental contribution of Krieger, Mulholland, 
and Dickey (KMD)16 to the bubble collapse method was 
that of catching the bubble on a fine nylon or quartz fiber. 
This brought the experiment much closer to the theoretical 
ideal of a free stationary bubble in an infinite liquid. Bubble 
radius vs. time data were analyzed assuming a Fickian dif­
fusion process, and ideal behavior of the gas and the gas-liq­
uid solution. The differential equation which described the 
solution process was

da = ¿>(CS -  C„) I" + a 1
d t ap L V 7Tût J (1)

where a is the bubble radius at time t, D the diffusion coef­
ficient, Cs the gas solubility, Co the initial gas concentra­
tion, and p the gas density. A steady-state solution which 
predicts a linear dependence of a 2 with t was used by sev­
eral investigators10-15 to analyze bubble collapse data, but 
KMD used an exact solution

/3V ifDt | iDt \1
a a1 )  JIn

L “0

2ß tan-1 -  -4/3-132 j3 + (2a/V trDi) (2)
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where
P = 2{CS -  C0) / ttp (dimensionless) (3)

and ao is the bubble radius at t = 0. The diffusion coeffi­
cient was calculated by fitting eq 2 to the radius vs. time 
data. KMD measured the diffusion coefficients of O2, N2, 
and He in water and a few organic solvents, and reported a 
reproducibility of 5-10% and reasonable agreement with 
available literature values. They concluded that the bubble 
solution technique showed promise as a convenient method 
which should be particularly suitable for measuring gas dif­
fusion coefficients in viscous liquids and solutions.

This paper describes a more complete evaluation of the 
experimental utility of the KMD bubble solution method, 
and an illustration of its use for measuring gas diffusion 
coefficients in polymer solutions.

E xp erim en tal S ection
All measurements described in this paper were made at 

30.0°.
A. Materials. Water used in this study was purified by a 

single distillation from alkaline KMnCL and stored in a 
plastic bottle. All organic liquids were reagent grade (or 
better) and were used directly as supplied.

The hydroxyethylcellulose (Cellosize) samples were sup­
plied by Union Carbide Corp. (New York, N.Y.), and the 
poly(ethylene glycol) (Carbowax) was purchased from the 
same company. These polymers were commercial samples 
and were used without further treatment. The polyvinyl­
pyrrolidone) (PVP) was graciously supplied by GAF Corp. 
(New York, N.Y.). The K-15, K-30, and K-90 grades were 
used directly. The K-60 grade, which was supplied in water 
solution, was purified by precipitation from ether, since the 
dry material was desired.

B. Solution Viscosity and Gas Solubility Measurements. 
All gas solubilities used in this work were either measured 
or taken from the literature as described elsewhere.3 Mea­
surement of solubilities of gases in liquids and solutions 
was performed using a Van Slyke apparatus.17-20 This in­
strument measures the Bunsen coefficient by outgassing a 
saturated sample under a Toricellian vacuum. It was found 
that multiple extractions were necessary for the very vis­
cous liquids, but that a satisfactory equilibrium could be 
obtained. The solubility Cs (grams of gas/centimeter3 of 
liquid) was obtained from the Bunsen coefficient a using

Cs = ap(303.15/273.15) g/cm 3 (4)
where p is the gas density (ideal) at 30.0°.

The viscosities of the pure liquids were obtained from 
the literature or measured in a modified Ostwald-Cannon- 
Fenske viscometer. Intrinsic viscosities of the polymers in 
water were measured using the same equipment. Viscosi­
ties of the aqueous hydroxyethylcellulose solutions were es­
timated using a Brookfield viscometer. The viscosities of 
the PVP-water solutions and of the Carbowax-water solu­
tions were determined as a function of shear rate with a 
falling-head capillary viscometer.21-22

C. Diffusion Measurements. The procedure for catching 
and photographing the dissolving bubble was a modifica­
tion of that used by Krieger, Mulholland, and Dickey.16 
The entire apparatus, including diffusion cell, water bath, 
and optical system, was mounted on a pneumatically sup­
ported granite table, in order to isolate the system from 
mechanical vibrations. A procedure for generating and 
catching a single bubble had been developed by Dr. Her-

„ .. - - '  8 
^  3  ■ a • 
o

Q

0 4  8 12 16 20  24

(£, CM.2 x I04
Figure 1. Diffusion coefficient vs . square of initial bubble radius for 
nitrogen in water at 30°. Line is D  =  (4.87 X 10~3 )ao2 +  3.05 X 
10-5.

man Bodson (Lake Erie College, Painesville, Ohio) and his 
method was used here. This was more satisfactory than de­
pending on the fortuitous attachment of one bubble from a 
stream of bubbles.

All liquids and solutions used for diffusion measure­
ments were completely degassed by aspirating the sample 
while it was alternately heated and cooled. Degassed poly­
mer solutions were prepared by initially degassing the sol­
vent, introducing the polymer, and continuing to degas 
while the polymer dissolved. Polymer weight fractions were 
determined after the diffusion measurements by evaporat­
ing weighed aliquots. Volume fractions were calculated 
using measured solution densities. The theoretical model 
and fitting procedures used to obtain the diffusion coeffi­
cients from the solution rates were exactly those used by 
KMD.16

II. R esu lts w ith  P ure Liquids

Despite the experimental improvements mentioned 
above, the bubble solution technique did not give satisfac­
tory results for diffusion coefficients of gases in pure liq­
uids. Diffusion coefficients obtained for N2, O2, Ar, and H2 
diffusing in H20  were higher than literature values, and the 
measurements gave standard deviations of 8- 22%. There 
was also a significant correlation between the measured 
diffusion coefficient and the size of the bubble used. These 
difficulties are illustrated in Figure 1, which is a plot of D 
vs. ao2 for 45 separate determinations of the diffusion of 
nitrogen in water. The scatter demonstrates the intrinsic 
nonreproducibility of the measurements. The line in the 
figure is a least-squares fit which gives a coefficient of cor­
relation of 0.86.23-24 Similar results were obtained for the 
diffusion coefficients of 0 2, H2, and Ar in H20. This depen­
dence of diffusion coefficient on bubble size indicates that 
all determinations should be made with bubbles no larger 
than 3.0 X 10~2 cm in radius. Restriction of the data in this 
manner gave the results in Table I. The errors are standard 
deviations of a single observation, and indicate precision of
5-9% of the average value of D. Note also that the values of 
D are still higher than the range of available literature 
values.

Insight into the role of the bubble size is given by the 
Grashof number, which is the dimensionless parameter 
that controls velocity distributions in free convection.25 
The number is defined by

Gr = p^gL^AXjY/rj2 (5)
where p\ is the liquid density, g is the gravitational acceler­
ation, ?? the liquid viscosity, L a characteristic length, AX a
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TABLE I: D iffu sion  C oefficients o f  Four  
G ases in  W ater a t 30°“

Replica- Ca, g/cm3 
Gas tions X 10s

D, cm2/sec X 106
Measd Lit.6

n 2 15 1.72 3.3 ±  0.2 2 .1- 2 .5
o 2 8 3.749 3.5 ±  0.3 2 .2- 2.8
Ar 6 5.113 3.1 ±  0.3 2.7
h 2 4 0.1457 6.4 ±  0.5 4.5
N2c 8 1.72 3.0 ±  0.1 2 .1- 2 .5
“ ao = 3.0 X 10~2 cm. bValues from ref 4 except Ar from.

ref 13. The Ar value is believed to be high.7 c Multiple fiber 
(see text for discussion).

characteristic concentration difference (solute mole frac­
tion), and Y the concentration coefficient of the liquid den­
sity. In the bubble solution problem, L is taken as the bub­
ble diameter and AX  is the gas solubility. The Grashof 
number predicts that free convection can be reduced by 
using small bubbles of sparingly soluble gases in highly vis­
cous liquids.

It was found that bubbles could not be caught and held 
satisfactorily on single fibers in liquids other than distilled 
water. This difficulty was also encountered by Dickey,26 
who solved it by using multiple fibers; his approach was 
used here. Multiple fibers acids a physical barrier prevent­
ing the bubble from rising in the liquid. Surface forces be­
tween bubble and fiber are not as important for holding the 
bubble as in the case of single fibers. The bubble is contact­
ed in two places, and is in close proximity to as many 
strands as are present (up to four).

The effect of the multiple fibers on the results for N2 dif­
fusing into H20  is indicated by comparing the first and last 
lines of Table I. The significant reduction in D and im­
provement of the precision were probably due to a combi­
nation of three effects: (i) reduction of the solid angle avail­
able for mass transport due to the added barrier of multi­
ple strands (a minor effect); (ii) reduction of convection 
currents in the liquid near the bubble due to the added 
physical barrier; and (iii) stabilization of the bubble against 
vibrations and other motions. All of the results described 
below were obtained using multiple fibers.

The diffusion coefficient of N2 in aqueous surfactant so­
lution was measured in an effort to estimate the effect of 
the surface tension. A nonionic surfactant was used (Ultra­
pole LDA 9005, Whitco Chemical Co., Patterson, N.J.) at a 
concentration of ca. 0.01 g/100 ml (3.5 X 10~4 M). The av­
erage diffusion coefficient from four measurements was
3.03 ± 0.04 X 10-5 cm2/sec, indicating that the reduction in 
surface tension did not appreciably affect the measured 
value of the diffusion coefficient (c/. last line of Table I).

This was in agreement with the findings of Liebermann,10 
who noted no large difference in the diffusion coefficient of 
air in water when such contaminants as oleic acid, deter­
gent, mineral oil, etc. were present. Interestingly, there is 
some improvement in precision with the surfactant solu­
tions.

The gas solubility is the source of a rather severe limita­
tion on the utility of the bubble solution technique. The 
theoretical equations predict that the rate of bubble col­
lapse is proportional to the product DCS of the diffusion 
coefficient and the gas solubility (when the initial gas con­
centration is zero). Since diffusion coefficients of gases in 
pure liquids do not vary widely, solubility determines the 
order of magnitude of the DCS product. It was found in this 
work that bubbles collapsed too rapidly to photograph con­
veniently whenever DCS was greater than 4 X 10~9 g cm/ 
sec. Results for the pure liquid systems studied in this work 
are given in Table II. The N2- 0 -dichlorobenzene and N2-  
cyclohexanone systems represent the upper limit to the ap­
plicability of the technique. It is important to note that 
systems such as C02-water, N2-benzene, and 0 2-ethanol 
cannot be studied with this bubble solution technique be­
cause of their large DCe products. This limitation could be 
circumvented by working at lower temperatures, or by 
starting with partially degassed samples,16 but neither 
modification was attempted in this work.

The dimensionless group DCJtj (approximately the re­
ciprocal of the Schmidt number which governs free convec­
tive mass transfer, ref 25, p 581) was found to be an impor­
tant parameter in the bubble solution method. The diffu­
sion and solubility data from Table II were combined with 
the liquid viscosities, and similar data were measured for 
N2 diffusing in 1% solutions of four viscosity grades of hy- 
droxyethylcellulose (HEC) in water. The solubility of N2 in 
the HEC solutions was assumed to be the same as that in 
pure water. The results, given in Table III, indicated that 
the standard deviation s of the diffusion coefficient de­
creased as the parameter DCs/t) decreased. The data are 
graphed in Figure 2; the line is a least-squares fit and the 
coefficient of correlation is 0.94. These results indicate that 
the bubble solution technique cbuld be expected to give ac­
ceptable precision only in those systems with DCJt] less 
than 4 X 10-8, where the standard deviation could be ex­
pected to be less than 0.1 ‘X 10' 5 cm2/sec. It is notable that 
most solutions of gases in pure water had values of DCJt] 
above this approximate “critical” value. Further, it ap­
peared that the best precision obtainable in any system 
would be ca. 0.05 X 10~5 cm2/sec.
III. D iffu sion  in P olym er Solutions

The bubble solution technique appeared particularly

TABLE II: DC, P rod u cts for Several G as-L iqu id  S y stem s at 30°

DC,, g cm“1
Gas-liquid D, cm2/sec X 106 C„ g/cm3 X 106 sec-1 X 10“

H2-water 6.4 ±  0.5 0.146 0.93
N2-water 3.0 ±  0.1 1.72 5.2
0 2-water 3.8 ±  0.2 3.75 14
Ar-water 3.1 ±  0.3 5 .11 16
H2-cyclohexanol 1.35 ±  0.06 0.677 0.914
N 2-cyclohexanol 0.68 ± 0 .0 3 7.44 5.0
Ar-cyclohexanol 0.80 ± 0 .0 3 20.1 16
N2-ethylene glycol 0.50 ±  0.02 1.90 0.95
H2—o-dichlorobenzene 6.3 ±  0.1 0:471 3.0
N 2-o-dichloróbenzene 4.0 ±  0.3 8.67 34
N 2-cyclohexanone 3.7 ±  0.4 9.72 36
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TABLE III: Standard D eviation  and DC„/ri for 13 
S ystem s at 30°

System v, P
DCJ-n 
x  109 s

N 2-0-dichlorobenzene 0.0119 286“ 0.32
N 2-cyclohexanone 0.0180" 200“ 0.37
02-water 0.008007° 175“ 0 .2i
N2-water 0.008007° 65.0“ 0.099
H2-o-dichlorobenzene 0.0119 25.2“ O.li
H2-l%  WP-09 HEC 0.025 18.0“ 0.071
Ar-cyclohexanol 0.392 4.1 0.033
N2-l%  QP-40 HEC 0.11 3.7 0.094
Ns-1% QP-300 HEC 0.24 1.6 0.076
N2-cyclohexanol 0.392 1.3 0.039
N2-ethylene glycol 0.137 0.69 O.OI5
H2-cyclohexanol 0.392 0.233 O.O60
N2-l%  QP-4400 HEC 2.0 0.17 0.032
“ Only two figures are significant. "Reference 27. 'Ref-

erence 28.

TABLE IV: D iffu sion  C oefficien ts o f  N itrogen  in
A qu eou s Carbowax S o lu tio n s a t 30°

c s,
Car- g/cm3 DC,/,

bowax <t>a D, cm2/sec x 105 X 105 X 10“
1000 0.183 1.76 ±  0.05 1.47 70

0.400 1.15 1.18 8.5
0.582 0.68 d= 0.09 0.943 1 .26

4000 0.398 0.902 1.18 2.95
0.409 0.877 1.16 2.49
0.553 0.63 ±  0.04 0.978 0.516

6000 0.089 2.02 ±  0.08 1.61 57.4
0.176 1.58 ±  0.06 1.48 12.1
0.279 1.14 ±  0.04 1.34 2.59
0.394 0.69C1 ±  0.009 1.18 0.47
0.440 0.624 ±  0.004 1.12 0.251
0.458 0.58 ±  0.02 1.10 0.19g
0.546 0.451. dh 0.008 0.986 0.0618

° Volume fraction.

Figure 2. Standard deviation vs. D C J v  for the 13 systems listed in 
Table III. Line is s = (1.1 X 106)DC3/?j +  0.052.

suitable for studies of the diffusion of gases in viscous liq­
uids and solutions. The problems caused by convection 
would be minimized by higher viscosities, so that higher 
precision would be possible. An interesting class of viscous 
systems is polymer solutions. The diffusion of N2 in aqueous 
solutions of poly(ethylene glycol) (Carbowax) and solutions 
of poly(vinylpyrrolidone) (PVP) was studied in order to ex­
amine the suitability of the bubble solution technique for 
this type of system. The data are reported in Tables IV and 
V and Figures 3 and 4. The group DCJt\ was small for all of

TABLE V: D iffu sion  C oefficients o f  N itrogen  in  
A q u eou s PVP S o lu tion s at 30°

C„
D, cm2/sec g/cm3 DCs/ ij

PVP </>“ X'105 X 105 X 1010
K-15 0 .040 2 .8 ± 0.2 1 .66 33i

0 .122 1 .71 ± 0.08 1 .51 46.7
0 .214 1 .32 ± 0.08 1 .35 8.81
0 .328 0 .86 ±b 0.07 1 .17 1.37
0 .420 0 .47 ± 0.06 1 .03 O.II5

K-30 0 .042 2 .6 zb 0.1 1 .65 138
0 .123 1 .,69 ± 0.07 1 .51 16.9
0 .210 1 .22 zfc 0.08 1 .36 2.44
0 .220 1 .13 zb 0.01 1 .34 I .95
0 .313 0 .80 zb 0.07 1 .20 0.302
0 .334 0 ..71 zfc 0.01 1 .16 0.132
0 .423 0 .40 zfc 0.03 1 .03 0.0195

K-60 0 .040 2 .5 zfc 10.2 1 .66 51.7
0 .117 1 .6 zb 10.2 1 .52 3.48
0 .204 1 .22 zfc 0.09 1 .37 0.359

K-90 0 .0078 2 .7 zfc 10.1 1 .71 IO3
0 .038 2 . 03 zfc 0.06 1 .66 7 .O46
0 .076 1 ..74 zb 0.03 1 .59 0.87 7"
0 111 1 ..50 zb 0.08 1 .53 0.177"

“ Volume fraction. " At shear rate = 250 sec-1 (arbitrarily 
chosen).
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Figure 3. Nitrogen diffusion coefficient vs. Carbowax volume frac­
tion, <t>, in water at 30°. Slope of line is —3.0.

Figure 4. Nitrogen diffusion coefficient vs. PVP volume fraction, <p, 
in water at 30°. Slope of line is —3.0.
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the systems studied, and the standard deviations were less 
than 0.1 X 10" 5 cm2/sec in most cases. These standard de­
viations usually resulted in a reproducibility of better than 
5% of the average value of the diffusion coefficient. Diffi­
culty was encountered in very concentrated solutions, in in­
serting the fiber holder and in catching the bubble. Repro­
ducible values for the diffusion coefficients of N2 were 
found in all but the most concentrated solutions.

Addition of polymer to water lowered the gas diffusion 
coefficient in every case, an observation consistent with the 
results of Quinn and Blair29 and of Zandi and Turner.30 No 
enhancement of the diffusion coefficient by the polymer 
was observed (see Astarita31 and Metzner, et aZ.32-34). The 
most notable feature of the data was that the gas diffusion 
coefficient did not decrease in proportion to the dramatic 
increase in solution viscosities for these systems, and was 
only mildly dependent on molecular weight. The relative 
viscosity for these solutions ranged from 1 to 100 or more, 
but the maximum value of the ratio of the diffusion coeffi­
cient in water to that in solution was only 7.5. This is in 
disagreement with widely used theoretical and semiempiri- 
cal correlations.25,35-38 The diffusion coefficient shows an 
initial sharp decrease at low polymer volume fractions, 
after which it decreases linearly with increasing polymer 
volume fraction for volume fractions greater than ca. 0.2. 
The slope in this region is very nearly equal in magnitude 
to the diffusion coefficient of N2 in water (3 X 10“5 cm2/ 
sec), which suggests that the effect of polymer on small 
penetrants is linear with polymer volume fraction in this 
concentration range.

Figure 5 shows the same data plotted as the natural loga­
rithm of D/D0 (the ratio of the N2 diffusion coefficient in 
the polymer solution to its value in pure H2O) vs. polymer 
volume fraction for four of the more thoroughly studied 
systems. The least-squares lines in the figure have been 
forced through the point for pure water. The equations are

Carbowax 1000: In {D/D0) = - 2 .5 3 <p (6)

Carbowax 4000: In (D/D0) = -2 .9 2 <p (7)

Carbowax 6000: In (D/D0) = - 3 .5 7 <p (8)

PVPK-30 In (D/Dq) =  —4.480 (9)
The linearity of these plots suggests that the solution vis­
cosity is not an important factor for diffusion of small pen­
etrants in these systems, but that the polymer volume frac­
tion is the controlling parameter. The authors are presently 
investigating a model of this diffusion process as a random 
walk on a solvent lattice where some sites are randomly 
blocked by dissolved polymer.

Conclusion
In order to obtain acceptable diffusion coefficients by 

the bubble solution method, certain precautions must be 
observed. Bubble sizes should not exceed 0.3 mm in radius, 
and the dimensionless quantity DC/v should be less than 4 
X 10~8, where C is the difference in solute concentration 
between the saturated solution and the bulk liquid. Out­
side these ranges, convective effects become serious, caus­
ing systematically high values for D and standard devia­
tions in excess of 5%. The method is marginal for aqueous 
solutions of most gases and best results are obtained with 
small bubbles, sparingly soluble gases, and viscous liquids, 
where precision of 2.5% is attainable. Even with these pre­
cautions the measured values of D appear to be high when

a C arbowax 1000
O 4000
O 6000

' o \ X • PVP K 3 0

\  'G "'A
\

0\
\\ ' 'O '
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Figure 5. Natural logarithm of the ratio of the N2 diffusion coefficient 
in polymer solution (D) to that in water (Do) vs. polymer volume 
fraction at 30° for four polymers. Line slopes are —2.53, —2.92, 
—3.57, and —4.48 for polymers in the order listed.

compared with results of other methods. This inaccuracy 
may be remedied by a more exact theoretical analysis of 
the bubble dissolution process. Other authors39-41 have at­
tempted this with somewhat contradictory results, but 
none has considered the effect of the small movement of 
the bubble center which occurs experimentally. It is worth 
noting that more accurate diffusion coefficients have been 
obtained by Ng and Walkley42 using a constant bubble size 
method.

Application of the KMD bubble solution method to the 
study of N2 diffusion in aqueous polymer solutions gave 
satisfactory precision and the data indicated that polymer 
volume fraction was the governing parameter for diffusion 
of small molecules in these media.
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Conductance of the alkali metal chlorides, LiCl, NaCl, KC1, RbCl, CsCl, in unit molality solution of AICI3 
in propylene carbonate was measured at 25 and 35°. The measurements were performed in order to charac­
terize the new process for the electrodeposition of the alkali metals at ambient temperature. The results 
have been interpreted in terms of solvation, ionic equilibrium, and the structure making-breaking ability 
of the alkali metals in AICI3 propylene carbonate solution.

Propylene carbonate (PC) is a polar aprotic solvent 
which exhibits many useful properties for electrochemical 
applications. Since the early research on PC was oriented 
toward the development of high-energy batteries, most of 
the work was concerned with emf measurements, electrode­
position, stability tests, and conductance at high concen­
tration range. Recently, conductance measurements were 
performed in the dilute range in order to gain better under­
standing about the solvent-solute interactions.2-5

The feasability of the electrodeposition of all the alkali 
metals from their chlorides in AlCls-propylene carbonate 
solution has been demonstrated.6 Lithium, sodium, potas­
sium, rubidium, and cesium were electrodeposited at ambi­
ent temperature showing stable and reversible behavior.7’8 
The alkali metal chlorides are practically insoluble in PC, 
however, in the presence of AICI3 a complex is formed be­
tween the chloride and AICI3

MCI + AICI3 —► M+ + A1CV (1)

where M represents the alkali metal.
The electrodeposition of the alkali metals from their 

chlorides in AICI3-PC solution is proposed as a new process 
for the electrodeposition and refining of the alkali metals at 
ambient temperature.6 In order to characterize such a pro­
cess, thermodynamic7 and kinetic8 measurements were per­
formed. This paper presents the results of conductance 
studies of the alkali metal chlorides in unit molality AICI3 
solution in PC, at 25 and 35°, over a wide concentration 
range of up to 1 m alkali metal chloride. The role of AICI3 
is discussed in the light of earlier work6-8 and a general 
evaluation of the results is given.

Previous W ork
Most of the data on solubilities and conductivities in PC 

are summarized in Jasinski’s review,9 and the reader is re­
ferred to Table XIII and XIX in that review.

Conductance measurements in dilute solutions were per­
formed in order to obtain the equivalent conductance at in­
finite dilution. The equivalent conductances at infinite 
dilution, Ao, were obtained in most cases by extrapolation 
of a plot of A us. c1/2 to infinite dilution.

Harris10 obtained Kohlrusch plots for Nal and KI in PC, 
and the equivalent conductances were 28.3 and 31.0 ohm-1 
cm2 equiv-1, respectively. The slopes of the straight lines 
were in good agreement with the Onsager limiting law 
equation. Fuoss and Hirsch2a studied the conductance of 
tetra-n- butylammonium tetraphenylboride in PC and con­
cluded that ion association was negligible. Wu and Fried­
man28 investigated the conductances and heats of solution 
of several alkali metal iodides, perchlorates, trifluoroace- 
tates, and tetraphenylborates in PC. The perchlorates were 
found to be strong electrolytes, whereas the trifluoroace- 
tates showed considerable ion association. Keller, et al.3 
measured the equivalent conductance of LiC104, LiCl, 
LiBr, TBABR, and TMAPF6 in PC, and obtained the 
equivalent conductance at infinite dilution. Mukherjee and 
Boden4 made conductance and viscosity measurements of 
LiCl, LiBr, LiC104, Et4NCl, Et4NC104, n-Bu4NBr, and n- 
Bu4NC104 in PC. The method of Fuoss and Accascina11 
was used to obtain Ao and the individual ion conductances 
A+° and A_°. LiCl and LiBr were found to be associated, 
whereas no association could be detected for the other 
salts.
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TABLE I: E q uivalen t C on d u ctan ce and  Ion ic
Conductance in  PC (ohm 1cm:! equiv- 1)

Salt A ) Ref
LiCl 25 .6 3

26 .2 3
27 .5 7 .30 20 .20 4

LiBr 26 .2 3
27 .35 7 .30 20 .05 4

LiCICh 25 .6 3
26 .2 12,13
26 .08 7 co 0 18 <1 00 3
26 .3 14

Nal 28 .2 10
NaC104 28 .3 2b
KI 30 .75 11 .97 Í—1 00 .78 5

31 .0 10
KCIO4 30 .75 11 .97 18 .78 5
Et4NC104 32.,06 13 .28 18 .78 5
n-BuiNC104 28..17 9 .39 18 .78 5
n-Bu4NBr 28..65 9 .39 19 .26 5
(¿-Am) 4N (¿-Am) 4B 16 .37 8 .185 8 .185 5
(¿-AmLNI 26 .95 8 .185 18 .675 5

Table I presents the equivalent conductances and ionic 
conductances at infinite dilution for several electrolytes in 
PC. The ionic conductance of Li+ is the lowest, which 
means that the ion has a large effective size. The ionic con­
ductance of C104- , I- , Br_, and Cl-  are approximately the 
same. Anions are poorly solvated in PC, and their ionic 
conductance is higher than the conductance of the cations.

Conductance Measurements of AICI3 in PC
AICI3, a strong Lewis acid which is very soluble in PC 

(3.2 M), increases the solubility of salts that are insoluble 
in pure PC by forming complex ions with the anions of 
these salts. AICI3 in combination with LiCl was investi­
gated as an electrolyte for high-energy batteries (ref 3 and
14-19). Conductance measurements and nmr studies were 
performed in order to understand the transport properties 
and the species present in AICI3 solutions in PC. Boden14 
measured the specific conductance of AICI3 in PC over a 
wide concentration range. The maximum specific conduc­
tance of approximately 10~2 ohm-1 cm-1 occurs at an AICI3 
concentration of 1.2 M. The specific conductance falls off 
at higher concentrations because of the increasing viscosity 
of the solution and due to ion association at high concen­
trations. Breivogel and Eisenberg15 measured the equiva­
lent conductance of dilute solutions of AICI3 and LiCl- 
AICI3 in PC, using a dc conductivity method. The results 
were interpreted through the Onsager equation, after being 
corrected for viscosity effect using the Walden rule. The 
limiting equivalent conductance of LiAlCL was estimated 
to be 34.5 ohm-1 cm2 equiv-1, although the extrapolation 
was somewhat uncertain.16 The experimental slope in the 
case of LiAlCL did not agree with the calculated Onsager 
slope. Breivogel and Eisenberg16 attempted to explain the 
anomalous minimum in the equivalent conductance of 
AICI3 by the presence of different ionic species in different 
concentration regions. The rapid increase in the equivalent 
conductance was explained as being caused by an increase 
in the number of ions per mole of solute as the concentra­
tion increases. The following equilibrium reactions were 
proposed as being able to explain such an increase in the 
equivalent conductance

3A1C13 ^  A1CV + A12C17' (2)
4A1C1S AICI4- + AI3CV (3)

Although either of the equations can explain qualitatively 
the anomalous behavior, further work is required to con­
firm this hypothesis. A different approach was proposed by 
Keller, et al.,3 who found the same anomalous behavior of 
AICI3 at low concentrations. The minimum in the plot of Ao 
vs. C1/2 was explained by the hydrolysis of AICI3 with trac­
es of water to give aluminum hydroxide and HC1.

Keller, et al.,3 also studied directly the ionic equilibria 
of A1C13 in PC using nmr techniques. From the 27 Al spec­
tra, Keller concluded that the main species are Al(PC)rt3+ 
and AlCLr, similar to the species present in an AICI3 solu­
tion in acetonitrile. High-resolution 4H spectra of 1 M 
AICI3-PC indicate peaks due to coordinated PC as well as 
bulk PC. From the :H and the 27Al spectra, Keller showed 
that the Al coordination number (n ) is six. Therefore, the 
dissolution of A1C13 in PC proceeds according to

AICI3 + 6/4PC —► V4A1(PC)63+ + V4AICI4'  (4)
Furthermore, it was observed that the addition of LiCl to 
an A1C13-PC solution reduces the concentration of the 
coordinated Al species, and at the saturation point, where 
the LiCl:AlCl3 ratio is 1:1, the coordinated Al species disap­
pears. Such observations can be explained by the reaction 
between LiCl and A1(PC)63+ to give AlCLc.

Keller3 discusses the complexing strength of Al3+ toward 
several aprotic solvents and chloride ion. The complexing 
strength of Al3+ toward Cl" is stronger than toward PC, 
AN, and water, but weaker than toward DMF. This ionic 
equilibria analysis of A1C13 in PC, according to Keller, et 
al., is in contrast to the analysis of Brievogel and Eisen­
berg.16 Neither of these workers succeeded in explaining 
quantitatively the minimum in the equivalent conductance 
plot of AICI3 in PC.

Experimental Section
Conductivities of the alkali metal chloride in AICI3-PC 

solutions were measured at 25 and 35° using an ac bridge. 
Sinusoinal signals at 20 kHz and amplitude of around 15 V 
were generated by an ac generator detector, Model 861 A, 
Electro Scientific Industries, Portland, Oreg. The cell resis­
tance and capacitance were balanced with an impedance 
bridge, Model 290 A, Electro Scientific Industries, Port­
land, Oreg., and with variable decade capacitors, Models 
CDA-2 and CDA-3, Cornell-Dubilier Electronic Division, 
Federal Pacific Electric Division.

The conductance cell consisted of two parallel bright 
platinum disk electrodes. Because of the relatively low con­
ductivities of the nonaqueous solutions, the cell was de­
signed to give a relatively low cell constant, 0.439 cm-1, 
which was determined using 0.1 and 0.01 N  aqueous KC1 
solution. All electrical wires were shielded. At the frequen­
cy of 20 kHz the results were independent of the frequency.

The solutions were prepared in an argon drybox by dis­
solving weighed amounts of the alkali metal chlorides in 1 
m AICI3 solution in PC. The volumetric concentrations in 
moles per liter were calculated from the measured densities 
of the solutions. The alkali metal chloride concentration 
varied from 0 to 1 m, all in the presence of A1C13 (1 m). The 
preparation of the solutions was similar to the procedure 
described for the potential measurements.6-7 The A1C13 salt 
was added very slowly to PC to prevent heating and dark­
ening of the solution.

Propylene carbonate (Jefferson Chemical Co., Houston, 
Tex.) was distilled at 0.5 mm pressure by means of a com­
mercially available distillation column (Semi-CAL series
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TABLE II: Specific C on d u ctan ce o f  LiCI in  AIC1 TABLE VI: Specific C on d u ctan ce o f  CsCl in  A1CL
(1 m)~PC S o lu tion  at 25 and  35° (1 zn)-PC S o lu tio n  at 25 an d  35°

m,
mol/kg 
of PC

C, M 103k, ohm 1 cm ' 1
25° 35° 25° 35°

0.02 0.0251 0.0250 6.708 8.315
0.1 0.1262 0.1253 6.741 8.442
1.0 1.2594 1.2512 6.700 8.434

TABLE III: Specific C on d u ctan ce o f  NaCl in  AIC1; 
(1 m )-PC S o lu tio n  at 25 an d  35°

m,
mol/kg 
of PC

C, M 103/c, ohm _1 cm-1
25° 35° 25° CO UT 0

0.01 0.0126 0.0125 6.971 8.702
0.10 0.1264 0.1253 6.955 8.693
0.25 0.3163 0.3138 6.910 8.662
0.50 0.6330 0.6279 7.119 8.941

TABLE IV: Specific C on d u ctan ce o f  KC1 in  A1CL
(1 m)-PC S o lu tio n  a t 25 and 35 0

m, mol/ c, M 105k, ohm' 1 cm-1
kg of PC 25° 35° 25° 35°
0.0025 0.0031 0.0031 6.915 8.591
0.01 0.0126 0.0125 6.994 8.763
0.10 0.1261 0.1254 7.278 9.108
0.25 0.3167 0.3143 7.754 9.649
0.50 0.6390 0.6330 8.516 10.630
1.00 1.300 1.2920 10.210 12.725

TABLE V: Specific C on d u ctan ce o f  RbCl in  A1CL
(1 m)-PC S o lu tio n  a t 25 an d  35°

m, mol/ c, M 103/c ohm“1 cm ' 1
kg of PC 25° 35° 25° CO Cn 0

0.0025 0.0031 0.0031 7.157 8.914
0.01 0.0126 0.0125 7.041 8.743
0.05 0.0632 0.0626 7.242 9.020
0.10 0.1272 0.1261 7.294 9.101
0.25 0.3194 0.3168 8.022 9.950
1.00 1.3195 1.3091 11.003 13.719

3650, Podbielniak, Franklin Park, 111.) packed with stain­
less steel helices. The reflux ratio was 60 to 100 and the 
head temperature 65°. The first 10% and the last 25% of 
the solvent were discarded. The “as received” solvent con­
tains a few tenths of a per cent of the following impurities: 
water, propylene glycol, propion aldehyde, and propylene 
oxide.9 Gas chromatographic analysis of the product per­
formed in this laboratory showed the water content to be 
always below 50 ppm.6

The salts were dried in a vacuum oven (Hotpack, Phila­
delphia, Pa.) at 200° and approximately 50 g pressure for 
at least 24 hr. The final solutions were treated with molecu­
lar sieves (Linde 4A) in order to remove traces of water. 
The molecular sieves were treated before use by heating 
(300°), high vacuum, and several flashes with argon.

Measurements were made at 25 and 35 ± 0.01°. Densi­
ties of solutions of different alkali metal chloride molalities 
were measured using a pycnometer at 25 and 35°.

Results
The specific conductance of the alkali metal chlorides in 

AICI3 (1 m)-PC solution at 25 and 35° is given in Tables II-
VI. The concentration is given on molarity basis (mole/

m, mol/ 
kg of PC

C, M 103k, ohm 1 cm 1
25° 35° 25° 35°

0.0025 0.0031 0.0031 6.848 8.508
0.01 0.0126 0.0125 6.732 8.410
0.10 0.1264 0.1259 6.773 8.676
0.25 0.3238 0.3215 7.910 9.756
0.50 0.6597 0.6555 9.070 11.171
1.00 1.3597 1.3481 11.257 13.806

TABLE VII: D en sities  o f  th e  A lkali M eta l C horides
in  A1CL (1 m)-PC at 25 and 35°

m, mol/kg
Salt of PC p (25°), g/ml p (35°), g/ml

1.262 1.252
LiCI 0.5 1.261 1.218

1.0 1.259 1.251
NaCl 0.01 1.262 1.252

0.10 1.263 1.253
0.25 1.265 1.255
0.50 1.266 1.255

KC1 0.0025 1.261 1.252
0.01 1.262 1.252
0.10 1.261 1.254
0.25 1.266 1.257
0.50 1.278 1.267

RbCl 0.01 1.263 1.253
0.05 1.265 1.253
0.10 1.272 1.261

RbCl 0.25 1.277 1.267
1.00 1.319 1.309

CsCl 0.0025 1.263 1.253
0.01 1.263
0.50 1.319 1.310
1.00 1.359 1.348

liter) and was transferred from the molality basis by multi­
plying by the density of the solution.

Densities of different molalities of the alkali metal chlo­
rides in AICI3 (1 m)-PC solution at 25 and 35° are present­
ed in Table VII.

Discussion
The specific conductance of the alkali metal chlorides in 

AICI3 (1 m)-PC solution is presented in Figures 1 and 2 at 
25 and 35°, respectively. The general trend, with the excep­
tion of LiCI, is that the specific conductance increases with 
an increase in the concentration of the alkali metal chlo­
ride, MCI. In the case of NaCl, the specific conductance is 
almost constant over the entire concentration range. A 
steady increase in the specific conductance can be observed 
for KC1, RbCl, and CsCl solutions in A1C13 (1 m)-PC. 
Small minima can be observed at low concentrations of 
LiCI and CsCl. A comparison of the specific conductance of 
the alkali metal chlorides shows that the specific conduc­
tance increases as we pass along the alkali metal series from 
Li to Cs. Despite the fact that Li is the smallest ion, its 
chloride solutions have the lowest conductance, while Rb 
and Cs, which are large ions, have the highest. These obser­
vations can be explained on the basis of ionic equilibrium, 
solvation, and viscosity considerations.

Our measurements yield a value of 6.9 X 10~3 ohm-1 
cm-1 for the specific conductance of a 1 m, i.e., 1.263 M, so­
lution of AICI3, as compared to Boden’s14 low-frequency 
value of 9 X 10-3 ohm-1 cm" 1 for a 1 M  solution of AICI3 in 
PC. However, the present results are in better agreement

The Journal of Physical Chemistry, Vol. 78, No. 24, 1974



2524 Jacob Jom e and Charles W. Tobías

Figure 1. Specific conductance of the alkali metal chlorides in AICI3 
(1 m )-PC solution at 25°.

Figure 2. Specific conductance of the alkali metal chlorides In AICI3 
(1 m)-PC solution at 35°.

with the value 6.96 X 10”3 ohm-1 cm-1 reported by Keller3 
for 1 M  AICI3 solution in PC at 25°. Extrapolation of the 
conductance curve of Breivogel and Eisenberg15 results in a 
somewhat smaller value of approximately 6 X 10”3 ohm-1 
cm-1. Chilton and Cook16 report a specific conductance of 
approximately 7.1 X 10”3 for AICI3 (1 M) at 25°. The spe­
cific conductance of LiAlCl4 (1 m) at 25° was measured in 
the present work as 6.7 X 10”3 ohm-1 cm-1. The molarity 
of this solution is 1.26 M. Keller, et al.,3 reports a value of
6.58 X 10”3 for saturated solution of LiCl in AICI3 (1 M ) in 
PC at 25°, in good agreement with the present results. In 
addition, Keller’s data confirm the present observation 
that the addition of LiCl to A1C13 (1 m) solution reduces 
the conductance of the resultant solution. Eisenberg, et 
al.’s, conductance measurements of LiAlCl4 in PC15 were

restricted to concentrations of up to 0.6 M. However, crude 
extrapolation of their data to 1 M  gives a value of approxi­
mately 7 X 10”3 ohm-1 cm-1 at 25°. The temperature coef­
ficient of the specific conductance of AICI3 (1 m) solution 
in PC can be calculated from the data at 25 and 35°. Our 
value of 0.15 X 10”3 ohm-1 cm” 1 °K - 1  is in reasonable 
agreement with Ak/AT = 0.17 X 10”3, calculated after Kel­
ler, et al.3 The temperature coefficient of the specific con­
ductance of LiAlCU (1 m) in PC is 0.17 X 10“3 ohm“ 1 cm” 1 
°K”X, again in good agreement with a value of 0.18 X 10”3, 
after Keller, et al.3 In general, good agreement was found 
between the present results of AICI3 and LiAlCU solutions 
in PC, and the corresponding results found in the litera­
ture. This agreement also should lend credibility to the 
data obtained for the rest of the alkali metal chloride-AlCl3 
system. Unfortunately, the latter results cannot be com­
pared to earlier results obtained elsewhere; previous work 
was restricted to the LiCl-AlCl3 system

The addition of x moles of alkali metal chloride, MCI, to 
AICI3 (1 m) solution in PC is accompanied by the following 
reaction

xMCl + V4A1(PC)63+ + 3/4a ic i4- —*-

xM* + <1' ’t)/ 4Al(PC)G3+ + (3+x)/ 4,A1C14- + 3V2PC (5)
The number of charge carriers increases by 0.5 x mol, and 
therefore, purely on this basis, the specific conductance 
should increase. The equivalent conductances of all the 
species are not known. The equivalent conductance of 
LiAlCl4 in PC is reported as 34.5 ohm”1 cm2 equiv“1.15 The 
equivalent ionic conductance of Li+ in PC is 7.30 ohm” 1 
cm2 equiv”1. Hence the estimated equivalent conductance 
of AICI4” is relatively quite high: 27.2 ohm”1 cm2 equiv”1 
(see Table I for comparison). The equivalent ionic conduc­
tances of the alkali metal ions in PC increases from Li+ to 
Cs+, despite the fact that the ionic crystal radius of Li+ is 
the smallest, and that of Cs+ the largest. This reversed 
trend was observed in most aprotic solvents as well as in 
water, and is caused by the tightly held sheath of solvent 
molecules attracted by the intense electric field of the small 
ion. The equivalent ionic conductances of Li+, Na+, and 
K+ in PC are 7.30, 9.40, and 12.0, respectively (see Table I), 
and it is expected that the equivalent ionic conductances of 
Rb+ and Cs+ are even higher. The solvated radius of ions in 
nonaqueous solvents is discussed by Della Monica and Sen- 
atore.20 The radii of the solvated metal ions increase from 
Li+ to Cs+ in most solvents (methanol formamide, N,N- 
dimethylformamide, dimethylacetamide, pyridine, aceto­
nitrile, and sulfolane). The same trend was observed by 
Yao and Bennion21 in DMSO. Mukherjee, Boden, and 
Lindauer5 report equivalent conductances for Li+ and K+ 
in PC of 7.30 and 11.97, respectively.

The addition of MCI to A1C13 solution in PC results in 
two effects: addition of M+ ions, and a conversion of 
A1(PC)63+ to AlCU” ions. On the basis of the discussion so 
far, both effects tend to increase the conductance, and the 
increase is larger as we move along the alkali metal series 
from Li to Cs. The equivalent conductance of A1(PC)63+ is 
not known since extrapolation to infinite dilution of A1C13 
in PC is tenuous (because of the minimum at low concen­
trations) and therefore quantitative analysis is not possi­
ble.

Viscosities of electrolytic solutions have been used as an 
indication of the degree of structure within the solvent. In 
aqueous solutions the effects are generally ascribed to the
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ability of the various ions to increase or decrease the struc­
ture of water over that of the pure solvent. Small ions, such 
as lithium, are structure makers, while large simple ions, 
such as cesium, are structure breakers. This is the reason 
why the viscosities of aqueous alkali metal solutions de­
crease as the cations change along the series from Li+ to 
Cs+. According to this consideration, the effect should not 
be observed for solvents exhibiting only a small tendency 
for structuring. However, Criss and Mastroianni22 discuss 
this aspect, and show that even in structureless solvents, 
the By coefficients in the Jones-Dole equation23

77/770 = 1 + A £> n  + B„C (6)
decrease with an increase in the size of. the ion persumably 
because of structuring of the solvent by the smaller cations. 
In the present system, the original solution is A1C13 (1 m )-  
PC and not pure PC. This solution possesses a large degree 
of order to begin with. The addition of LiCl to this solution 
destroys the previous order by converting A1(PC)63+ to 
AlCLr, but the small Li+ ion is a structure maker, and 
therefore the viscosity increases. On the other hand, the 
addition of CsCl, for example, destroys the initial order, 
but the large Cs+ ion is a poor order maker, and it is pre­
dicted, therefore, that the increase in the viscosity with 
concentration will be small or even reversed in the case of 
RbCl and CsCl solutions in AICI3-PC.

Evidence that in PC viscosity varies with the size of the 
cation can be found in the viscosity measurements of Mu- 
kherjee and Boden.4 The Bv coefficient decreases in the 
order LiC104 > n-Bu4NC104 > Et4NC104, in agreement 
with the size of the solvated cations.

The minimum in the conductance curve for LiCl in A1C13 
(1 m )-PC can be the result of ionic association of LiCl in 
PC.4’24-26 The association constant for LiCl was estimated 
to be 557 from conductance measurements,4 and as 59 from 
emf measurements.25 The minimum in the conductance 
curve of CsCl in A1C13 (1 m)-PC can be the result of a com­
bination of the opposing factors which determine the con­
ductance of the solution.

The minimum in the plot of the equivalent conductance 
of AICI3 in PC was observed by several workers.3’15’16 There 
is no conclusive explanation for this behavior at low con­
centration. An attempt to explain the minimum on the 
basis of the water content of the solvent seems question­
able because the minimum was observed by three indepen­
dent laboratories and the water contents were probably dif­

ferent. Moreover, if we assume that the minimum is the re­
sult of the water content, we can extrapolate to infinite 
dilution, neglecting the minimum, and obtain the molar 
conductance at infinite dilution, Ao = 18 ohm-1 cm2 mol-1. 
The equivalent conductance of A1C14-  was estimated be­
fore at 27.2, and according to this, the equivalent ionic con­
ductance of A1(PC)63+ would be

a °a h p c >62 * - =  4/3 (18) -  27 . 2 =

-3 .2  ohm"1 cm2 equiv"1 (7)

Thus it seems that the minimum in the equivalent con­
ductance of AICI3 is not due to impurities, but is probably a 
genuine feature associated with multiple ionic equilibria.
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COMMUNICATIONS TO THE EDITOR

Effect of Surface-Active Materials in W ater on 

Ortho-Positronium Lifetime and Its Connection 

to the Bubble Model

Sir: In our recent publication1 it was pointed out that the 
empirical relationship between surface tension (y) and the 
pick-off annihilation rate of ortho-positronium in molecu­
lar liquids as discovered by Tao2 is valid for binary 
mixtures of water-methanol and water-dioxane too. It was 
also shown3 that the bubble model of positronium forma­
tion4“7 could account for the y1/2 dependence of pick-off 
annihilation rate found experimentally.

It seemed to be of interest to examine the effect of sur­
face-active materials on the ortho-positronium lifetime 
measured in water. It can be supposed that such com­
pounds, by decreasing the surface tension of water signifi­
cantly even at very low concentrations, may increase the 
ortho-positronium lifetime, provided they are not positro­
nium quenchers. The same molecules, however, cannot be 
expected to take part in bubble formation around the posi­
tronium atom. At least two arguments support this as­
sumption.

The concentration of such molecules is very low and 
their size is usually very large as compared to the molecules 
of the bulk material. Therefore their motion is very slow 
and they have not enough time to establish equilibrium 
conditions in the enviroment of the positronium atom. In 
addition to this, the very size of these molecules may also 
hinder them in taking part in bubble formation, since the 
radius of the latter, and consequently its surface too, is 
very small. In other words it may well be supposed that in 
such a case the surface tension observed macroscopically 
has no effect in the bubble formation of positronium, going 
on in microscopic measures. In water-methanol or water- 
dioxane systems, however, where the size and concentra­
tion of the two components are comparable, both compo­
nents are capable to take part in bubble formation to an 
extent corresponding to their concentration.1

Here we report the results of our positronium lifetime 
measurements8 obtained for aqueous solutions of two sur­
face-active compounds, namely sodium dodecyl sulfate (c

= 1.5 X 10~2 M) and Lerolat N3009 (c = 0.6 g/dm3). The 
surface tensions of these solutions as measured by the dif­
ferential capillary method at 20° were 39 and 50 dyn/cm, 
respectively. Substituting the constants found by us1 for 
the water-methanol and water-dioxane systems into Tao’s 
formula,2 the lifetimes to be expected are about 2.3 and 2.1 
nsec, respectively. Our lifetime measurements, however, 
did not show any change in comparison with the 1.80-nsec 
lifetime observed in pure water.10

These results support the idea that large surface-active 
molecules cannot take part in bubble formation. This inef­
fectiveness of surface-active compounds on ortho-positro­
nium lifetime, in our opinion, does not contradict to the 
bubble model but, on the contrary, it may provide an indi­
rect proof of its validity. We hope that these results will 
contribute to a better understanding of the phenomenon.
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