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radiation of shorter wave lengths or to competition 
between (10) and (14). If it is assumed that there 
is no stray radiation an estimate can be made of 
ku/ki. This gives 323 and 316 for the two runs. 
Thus if every collision of an activated molecule 
with oxygen is effective in preventing formation 
of methylene radicals, the steric factor for the de­
activation by ketene must be not greater than 0.003. 
This would make aia = 3 X 107 sec.-1, rather than 
1010 as given above. 

A second method may be used to estimate ku/kt. 
From the data in Table II it is found that 2.8 oxy­
gen molecules are consumed for each ethylene mole­
cule formed at 2700 A. The remaining oxygen 
must be consumed by reaction 14 and the reac­
tions which follow it. If it is assumed that only one 
oxygen molecule is used as a result of (14) one can 
obtain ku/ku, and combine this with k$/ki0 to obtain 
ku/kc,. The two runs give 77 and 54, respectively. 
Of the two methods the second seems to be based on 
the more doubtful assumptions. 

One may take a^ to be not more than 10s sec. - 1 

so that k10 < 10s exp(-4500/ i?r) . At 107° kn/ 
ho ~ 8 (Fig. 2) and E10 - En ~ 3500 cal./mole. 
Hence an < 107 sec. -1 and the mean life will be 
greater than 10 - 7 sec. A calculation of the mean 
life based on the integrated absorption coefficient 
gives 3 X 10 - 6 sec.22 The approximate agreement 

(22) We are indebted to Mr. H. K. Dice and Dr. O. V. Luke of the 

Introduction 
The fact that the more basic, polynuclear hydro­

carbons dissolve in strong sulfuric acid, and that 
even the less basic ones, benzene, toluene, etc., will 
dissolve in anhydrous hydrofluoric acid, in the pres­
ence of boron trifiuoride, is well-known.3a,b Differ­
ences in basicity have been used as a mode of sep­
aration of these hydrocarbons.8 

Nevertheless, data on the "carbonium ions" 
which are formed, it is thought by the addition of a 
proton to the hydrocarbon—which thus acts as a 
base—are very scanty, although some spectra of 
sulfuric acid solutions of the more basic hydrocar-

(1) This work was assisted by the Office of Ordnance Research 
under Project TB2-0001 (505) of Contrnct DA-11-022-ORD-I002 
with the University of Chicago. 

(2) On leave of absence from the University of British Columbia, 
Vancouver, B. C , Canada, which is presently the correct address. 

(3) (a) M. Kilpatrick and F. E. Luborsky, T H I S JOURNAL, 75, 577 
(1053). and references given there; (b) D. A. McCaulav, B. H. Shoe­
maker EHid A. P. l.ien. !••!•! lit:z Chem , 42, 2103 (1!15O). 

between the mean lifetimes obtained by the two 
methods may be fortuitous but does suggest the de­
sirability of a more careful investigation of the spec­
trum and possible fluorescence of ketene vapor. 
These mean lifetimes would be compatible with ex­
istence of rotational structure in the ketene spec­
trum. 

More detailed work will be necessary to estab­
lish the nature of the reaction of excited ketene 
molecules with oxygen but it may be said with 
considerable certainty that such a reaction does oc­
cur. 

The results presented in this paper do not estab­
lish conclusively the detailed mechanism of the re­
actions of methylene radicals with oxygen largely 
because the lack of variation of the results with ex­
perimental conditions prevents use of the custom­
ary methods of competitive reactions. It may be 
concluded that in the case of ketene, and probably 
also for other molecules, it is necessary to exercise 
considerable care in experimental procedure and in 
interpretation to be sure that reactions of active 
molecules with oxygen are not confused with reac­
tions of radicals. 
Celanese Corporation of America, Clarkwood, Texas, for permission 
to use absorption coefficients obtained in their research laboratory by 
Messrs. J. S. Hill and R. C. Wilkerson. The calculation of the mean 
life was-made by- Mr-. Richard-Holroy-d-at the suggestion-of- Professor-
A. B. F. Duncan. 
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bons have been published.4 The experimental 
work here described shows that in fact the phenom­
ena occurring in HF-BF3 solutions are quite in­
volved, addition compounds of BF3 and hydrocar­
bon sometimes forming as well as the carbonium 
ion, which may itself react to form further products. 

Experimental 
Absorption.—Anhydrous H F (Mathieson C P . ) and dry 

boron trifiuoride (from the same source) were distilled 
through Teflon tubes directly into the absorption cell which 
was kept at —80° during the distillation and subsequently. 
In some of the earlier runs the H F was distilled from a small 
copper cell and the middle fraction only used. However, no 
difference in transmission could be detected between this 
material and that distilled directly from the supply cylinder. 
It showed no trace of the absorption band at 2800 charac­
teristic of SO2, and was assumed substantially free of that 
material. BF3 was distilled into the cell through a cold 
trap kept at —100° by a pentane-bath. It was assumed 

(A) V. Gold and F. L. Tye, / . Ghent. SoC, 2172 (1952), and refer­
ences therein. 
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The spectra of a number of aromatic hydrocarbons dissolved in liquid hydrogen fluoride containing boron trifiuoride have 
been examined. Two kinds of absorption bands have been observed and are attributed (1) to the aromatic carbonium ions 
R H + and (2) to the complexes R: BF3. The carbonium ions are subdivided into two groups with spectra centered at about 
4,000 and 4,800 A1, respectively, and a tentative explanation for these is put forward. Photochemical changes have also 
been observed on irradiation of some of the polycyclic carbonium ions and are discussed. 
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that any traces of moisture in the H F would be removed by 
the BF3 . Small amounts of boric acid thus formed should 
not invalidate the observations reported. For quantitative 
measurements a 1-cm. Teflon cell with thin quartz windows 
was used in a specially constructed dewar vessel (Fig. 1). 
The cell consisted of a half-inch long section of Teflon tube 
1 inch external and '/2 inch external diameter, into which 
was screwed a length of '/< inch external Teflon tube onto 
which a thread had been cut. The quartz windows rested 
in 6/s inch diameter recesses cut in the ends of the tube, and 
secured in position by brass washers flanged to fit the 
quartz circles, and screwed into the body of the Teflon cell. 
The dewar vessel was provided with holes into which 
"double window" cells were cemented with Araldite cement. 
The windows fitted closely against those of the cell proper 
to avoid coolant transmission difficulties. The cell could 
be closed by means of a small Teflon plug. At the tem­
peratures used (—80°) in this phase of the work quartz is 
not attacked appreciably by the acid mixture, and windows 
may be used 15-20 times before clouding becomes noticeable. 
Attempts to use thin Teflon windows were not successful. 
With this arrangement, a Beckman model DU spectropho­
tometer was used, and quite reproducible results could be 
obtained, except for some anomalies in the far red region 
of the spectrum which will be mentioned later. 

Fig. 1.—Low-temperature absorption apparatus. The 
shaded body of the cell is made of Teflon. The space be­
tween the double windows is evacuated. 

For some phases of the investigation, the point-by-point 
spectrophotometer was unsuitable, and instead a Hilger E2 
spectrograph was used. The advantages were: (1) photo­
graphs could be taken only a few seconds after adding the 
hydrocarbon to the H F - B F 3 mixture; (2) in cases where 
higher temperatures were required-(e.g.,for benzene,- which-
at —80° crystallizes almost completely from the BF 3 -HF 
solution), the absorption cell could be kept several feet from 
the optical system to avoid attack by hydrogen fluoride 
vapor. Accurate absorption coefficients were not obtained 
by this method, however. Although (1) some of the poly-
nuclear hydrocarbons are sufficiently basic for solution in 
H F alone, this is not true of the less basic monocyclic com­
pounds or of naphthalene which were found not sufficiently 
soluble to obtain absorption spectra in the system described. 
In view of this fact, no systematic observations were made 
on the systems hydrocarbon + H F alone. 

Emission.—Low-temperature emission spectra were taken 
of frozen systems at —180°. These systems were not the 
usual solid glasses used in emission work but crystalline 
masses of H F containing the carbonium ions as impurities. 
Since solid H F is a molecular rather than an ionic crystal, 
however, with absorption only at much higher energies than 
in the range studied, it is not surprising that the absorption 
spectra- observed- are- in. general obviously those of the same 
species which absorbs in the liquid systems. Most of the 
emission spectra were of short-lived species. In a few cases 

a mechanical phosphoroscope was used to separate a short­
lived from a long-lived component. Loss of light by scatter­
ing in the crystalline mass was considerable, but emitted light 
intensities were still high enough for photographs to be taken 
in one to five minutes, using a 1,500-watt high pressure mer­
cury arc as illuminating source. 

NOTE ADDED IN PROOF.—The author is indebted to Pro­
fessor H. C. Brown of Purdue University for an account of 
recent unpublished work on the solubility of BF3 in toluene 
(see also T H I S JOURNAL, 74, 3750 (1952)). The low solu­
bility of BF3 in the molecular aromatics is interpreted as 
evidence that the complexes ArH-BP8, if they exist, must be 
very unstable. Accordingly the suggestion made in this 
paper that the "low temperature" ultraviolet absorption is 
due to such complexes may be incorrect. 

Results and Discussions 
Curves showing some typical spectra are given 

in Figs. 2-9. The outstanding features are the 
following. 

(1) The ions examined divide themselves clearly 
into two groups: (a) those whose "long-wave" ab­
sorption is close to 4,000 A.; this group includes all 
the monocyclic hydrocarbons, naphthalene and 
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3.—Spectrum of the toluene-HF-BF 3 system: 
, curve B, C7H8-BF3 complex absorption; curve A, 

C6H6
1BF3; curve C, o-xylene-BF8, for comparison; , ab­

sorption curve after 5 minutes a t —20° showing the C7H9
 + 

peak; absorption curve after 30 minutes" air 
—20°; -—, fluorescence emission spectrum of final solution 
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Fig. 4.—Spectrum of the naphthalene-HF-BF3 system: 
, Ci0H9

+ absorption; , Ci0H9
+ fluorescence emis-
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Fig. 5.—Comparison of the inesitylene and hexaethyl-

benzene spectra in HF-BF 3 , the left-hand ordinate is for 
hexaethylbenzene, that on the right for mesitylene: , 
mesityleneH + absorption; , mesitylene H + fluores­
cence emission; , hexaethylbenzene'H+ absorption; 

, hexaethylbenzeneH+ fluorescence emission. 
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Fig. 6.—Spectrum of the anthracene-HF-BF3 system: 
, C n H n

+ ion absorption; • •, fluorescence emission 
(short-lived); phosphorescence emission (long-
lived). 

anthracene; (b) those whose long-wave absorption 
is a t considerably lower energies, usually in the 
neighborhood of 4,800-5,000 A., bu t not quite so 
sharply delineated as group (a); this group in­
cludes phenanthrene, naphthacene, pyrene, fluoran-
thene, etc. 

Fig. 7.—Spectrum of the phenanthrene-HF-BF3 system: 
, C u H u + ion absorption; , Ci4H1I+ ion fluorescence 

emission. 

500 

mm ju. 

Fig. 8.—Spectrum of the naphthacene-HF-BFa system: 
, Ci0H13

+ ion absorption; , fluorescence emission of 
system. 
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Kg. 9.—Spectrum of the PVrCHe-Hl^-BF3 system: 

, Ci0H1I+ ion initial absorption: , fluorescence emis­
sion spectrum of system; , new absorption band 
appearing after irradiation. 

I t must be emphasized t ha t the position of the 
"carbonium ion" band is not directly related to the 
position of the absorption spectrum of the parent 
hydrocarbon. Thus we find phenanthrene, itself 
absorbing at slightly shorter wave lengths than an­
thracene, with a carbonium ion absorption at much 
longer wave lengths. Similarly, naphthacene, chry-
sene and pyrene all have carbonium ion absorption 
in approximately the same region, although, of the 
parent hydrocarbons, naphthacene absorbs at 



June 20, 1954 AROMATIC CARBONIUM IONS 3267 

considerably longer wave lengths than do the other 
two. 

There is no very obvious relationship between the 
structure of the parent molecule and the position 
of the absorption maximum of the carbonium ion. 
If we adopt the usually accepted geometrical struc­
ture for the carbonium ion, in which the proton 
forms a normal CH2 group (which then "hypercon-
jugates" with the rest of the ring6), the most likely 
explanation seems to be that the 4,000 A. group of 
carbonium ions are those for which only one ring 
of the hydrocarbon is strongly involved, while in 
the 4,800-5,000 A. group more than one ring is 
strongly involved. 

This idea for instance explains very well why the 
anthracene long-wave length carbonium ion absorp­
tion is almost identical with that of benzene. (Here 
also see Gold and Tye,4 whose spectrum of the 
anthracene carbonium ion in strong sulfuric acid 
is similar to that obtained here in hydrofluoric acid-)-. 
The 9-19-positions of anthracene ate_sa much-more 
susceptible to attack by electropositive reagents 
that we may safely assume that the carbonium ion 

CH2 

has the structure (as also assumed 

VyV 
by Gold and Tye). This means that the anthra­
cene bonds are to some extent "frozen" into a par­
ticular structure much in the way that they were 
visualized as frozen in quinonoid compounds by 
Evans,6 and the probability of the positive charge 
migrating into the end rings is low, i.e., the "carbo­
nium ion" structure is essentially confined to the 
middle ring. The fact that for naphthalene and 
anthracene the positive charge remains largely lo­
calized in the ring first attacked is substantiated by 
the substitution reactions of these molecules. Thus 
for monosubstituted naphthalenes, when the sub-
stituent is one attracting electrons, we find that a 
second (electrophilic) substituent goes into the 
second ring, and at a rate similar to that of mono-
substitution in benzene. I t follows that the de­
activation is localized in the ring first attacked, and 
that the positive charge can therefore be considered 
as largely localized on this ring. 

In the case of the benzene carbonium ion, the ob­
served spectrum (Fig. 2) is in fairly satisfactory 
agreement with the theoretical prediction6 that 
this ion should show two strong peaks near 4,000 
and 3,200 A., respectively, with, the latter about 
2.5 times as strong as the former. 

To explain the long wave length absorption of 
the phenanthrene carbonium ion, we must assume 
that in it—and in all the larger polycyclics—strong 
migration of positive charge into rings other than 
that attacked by the proton must occur. 

Neglecting hyperconjugation effects, this means 
that the conjugated system increases from 5 centers 
+ 4 electrons to 9 centers + 8 electrons or 13 cen­
ters + 12 electrons, according to whether two or 
three rings are involved. A simple free-electron 
calculation suggests that the observed shifts fit the 

(5) L. W. Pickett, N. Muller and R. S. Mulliken, J. Chem. Phys., 21, 
1400 (1953); THIS JOURNAL, 76, in press (1954). 

(6) M. G. Evans, Trans. Faraday SoC, 42, 101 (1940). 

two-ring much better than the three-ring picture. 
(2) In the case of the weakest bases (benzene, 

toluene, etc.), at the low temperatures used, the 
appearance of the characteristic carbonium ion 
peak at 4,000 A. is not the first observation. In­
stead, the solution at first remains colorless, but ex­
amination of the absorption spectrum shows an 
intense peak in the ultraviolet at 3,180 A. for 
toluene and at 2,840 A. for benzene. These peaks 
are certainly not simply due to a solvent shift of the 
hydrocarbon bands, which themselves may be seen 
weakly at shorter wave lengths. It seems certain 
that these new bands are charge-transfer spectra7 due 
to the presence of molecular complexes such as 
C6H6: BF3 and C7H8: BF3. Highly allowed optical 
transitions lying in approximately the region where 
these bands were observed are then expected, to 
states approximately described as C6H6

+-BF3
- and 

C7H8
+-BF3-. The differences in position of the 

benzene, toluene and xylene bands (about 3,000 
cm. -1) are in good agreement with, what would be 
expected from their differences in ionization poten­
tial.8 Warming of the colorless solutions to above 
about —20° results in the rapid development of 
color due to the appearance of the characteristic 
carbonium ion absorption at 4,000 A. Even at 
— 70° in the case of xylene the appearance of color 
takes only a minute or two. 

(3) Most of the systems investigated are not 
stable for an indefinite period even after the carbo­
nium ion has. formed.. Quite early in the investiga­
tion it was found that absorption bands appeared 
erratically in the red and infrared and bore no con­
sistent relationship to the main absorption around 
4,000 A. Some insight into what such phenomena 
may involve is provided by the case of pyrene (Fig. 
9). 

Solution of pyrene in HF-BF3 leads to the imme­
diate production of a yellow-orange solutwn with a 
sharp absorption band just below 5,000 A. It is 
found, however, that the emission is far to the red 
of this, and further that irradiation leads to a 
change in color, the solution rapidly becoming a 
clear green and remaining thus when irradiation is 
discontinued. Reinvestigation of the absorption 
spectrum after irradiation shows a new absorption 
band with obvious mirror relationship to the emis­
sion. 

It appears therefore that the first formed carbo­
nium ion after excitation undergoes tautomerism or 
perhaps chemical reaction in the excited state, the 
new species then emitting and persisting in the 
ground state. 

Schematically such a process can be visualized 
on the basis of the potential curves shown in Fig. 
10. Curves A and B then represent the ground-
and excited-state potential curves of the originally 
formed carbonium ion, and C and D those of the 
new species, tautomerism being effected by a radi-
ationless transition from curve B to curve C. Since 
the green end-product does not revert to the original 
carbonium ion again there must be a considerable 
barrier between states A and D. A similar wide 

(7) R. S. Mulliken, T H I S JOURNAL, 74, 811 (1932). 
(8) H. McConnell, J. S. Ham and J. R. Piatt, / . Chem. Phys., 21, 

66 (1953); S. M. Hastings, J. L. Franklin, J. C. Schiller and F. A. 
Matsen, T H I S JOURNAL, 75, 2900 (1953). 
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separation between absorption and emission, and 
ready photodecomposition is found for the naphtha-
cene carbonium ions. 

Fig. 10.—Possible potential curves for pyrene carbonium 
ion system: A, initial carbonium ion; B, excited state of 
same; C, curve onto which system moves in upper-state 
tautomerism; D, ground state of photoproduct. 

(4) Some ambiguity is present in the case of 
hexaethylbenzene. The BF3-hydrocarbon complex 
and the carbonium ion may in this case be expected 
to absorb in approximately the same region of the 
spectrum. The observed absorption peak is very 
sharp, and so is the corresponding emission. The 

The 1:1 compound of water and acetic anhydride 
has long been known to dissociate in the vapor 
phase.1 The density of the "compound" falls with 
increasing temperature or with decreasing pressure 
from approximately the sum of the densities of 
water and acetic anhydride to half this value. I t 
is usual to a t t r ibute the variable density to an 
equilibrium between monomer and dimer, viz. 

(CH3COOH )2 ^ Z t 2CH3COOH (I) 

The da ta are equally consistent with an equilibrium 
between water, acetic anhydride and acetic acid 
dimer, viz. 

(CH3COOH)2 ZCZ (CH3CO)2O + H2O (II) 

A similar ambiguity concerning the nature of the 
(1) W. Ramsay and S. Young, J. Chem. Soc, 49, 790 (188G). 

bands are certainly different in appearance from the 
usual ,"carbonium ion" bands, and it is tentatively 
suggested t ha t they are in fact charge-transfer 
bands. If this is so, the non-appearance of the 
"carbonium" band must be a t t r ibuted to a greater 
stability of the charge-transfer complex, which 
perhaps is itself not a good enough donor to form a 
carbonium ion. This different behavior may be 
due to the steric effect of the bulky ethyl groups 
which probably result in some buckling of the aro­
matic ring. 

(5) Finally it is noteworthy t ha t of all the hy­
drocarbon carbonium ions examined, only t ha t of 
anthracene showed a long-lived (presumably trip­
let) phosphorescence spectrum. Although perhaps 
coincidental, it is remarkable t ha t anthracene is the 
one hydrocarbon which itself shows so little phos­
phorescence t ha t the position of its lowest triplet 
level is in debate.9 

If it is granted as reasonable t h a t the triplet lev­
els like the singlets will shift to the red in the carbo­
nium ion, the position of the carbonium ion triplet 
(5,800 A.) is evidence in favor of the assignment of 
the anthracene triplet8 a t 5,200 A. rather than a t 
6,900 A. 
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dissociation products, Ricci has pointed out,2 

applies to any monohydroxy acid, for example 
HNO3 , HClO, or the like. A resolution of the 
ambiguity can be achieved in the case of acetic 
acid by determination of the way added water 
affects the density of acetic acid vapor. We have 
made such determinations. 

Experimental 
We have used a tensiometer of the type described by 

Sanderson.3 The acetic acid ( C P . ) was recrystallized eleven 
times according to the method of Ritter and Simons.4 The 
acid, however, showed premelting to an extent correspond-

(2) J. E. Ricci, "The Phase Rule and Heterogeneous Equilibrium," 
D. Van Nostrand Co., Inc., New York, N. Y., 1951, p. 121. 

(3) R. T. Sanderson, "Vacuum Manipulation of Volatile Coin 
pounds," John Wiley and Sons Inc., New York, N. Y., 1948, p. 83. 

(4) O. H. Ritter and J. H. Simons, T H I S JOURNAL, 67, 757 (1915). 
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The Effect of Water on the Vapor Phase Dissociation of Acetic Acid 
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A study of the effect of added water on the vapor phase dissociation of acetic acid shows that dissociation to anhydride 
and water offers at most a small contribution to the over-all equilibrium at temperatures around 100°. The PVT data in 
the temperature range 90-120° suggest a reversible interaction of water and acid vapor. 


