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symmetry would be formed. The X-ray powder
method used here is not sufficiently powerful to
provide the final answer to the question of chloro-
form attachment, but there is an indication that a
lattice expansion has occurred, causing the appear-
ance of weak lines at 10.4-10.6 4. in at least two of
the patterns. Unfortunately, the symmetry of
the crystals is too low to allow unequivoeal index-
ing of more than a few lines.

It is not probable that a hydrogen bond is
formed between the chlorine of chloroform and the
methylene hydrogen of the acetylacetonate since
carbon tetrachloride shows no tendency to form
similar solvates. If, as seems likely, the positions
assumed by the chloroform molecules are these
shown in Fig. 2¢, the hydrogen would be linked to
three oxygen atoms, and the result could be called
a “trifurcated hydrogen bond.” There are objec-
tions? to calling such a conformation a hydrogen
bond since the bonds are not linear. Possibly
there is a hydrogen bond formed to only one of the
three oxygens at random throughout the structure,
or perhaps there is a simple electrostatic attraction
between the chloroform dipole and the oxygens.

An attempt was made to find a value for the
energy of bond formation in these compounds. A
plot of the vapor pressure as a function of tem-
perature is shown in Fig. 3. From the slope of the
lines and the van’t Hoff equation, a value of AL of
approximately 13 kecal./mole was calculated for the
reaction

M(CsH70,)5-2CHCL =5 2CHCL + M(CH10,)s

wliere M is either iron, aluminum or chromium.
This value is equivalent to an energy of approxi-
mately 6 kecal. for each chloroform-metal bond.
Since the heat of decomposition of the compound
(per chloroform—chelate bond) is no greater than
the heat of vaporization of chloroform, the bonding
must be due largely to van der Waals forces. If a
hydrogen bond exists it must be a very weak one.

(8) J. Donohue, J. Phys. Chem., 56, 502 (1952),
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The tetrahedral copper, zinc and cadmium acetyl-
acetonates do not form crystalline solvates with
chloroform. This seems to indicate that the spac-
ing of the oxygens is of major significance in the
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Fig. 3.—Vapor pressure of chloroformates as a fuuction of

(1/7).

formiation of solvates of this type. It also should
be noted that in general the solubility of the tri-
valent acetylacetonates in chloroform is nmuch
higher than that of the divalent acetylacetonates.
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Shock Waves in Chemical Kinetics : The Decomposition of N.O; at High Temperatures!
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The shock pyrolysis of NaOj; iu the prescuce of excess argon has been studied, thus providing inforimation about tle proper-
ties and reactions of the nitrate free radical, NO;. Tlie important reactions are; N.0; = NO, + NO; (A aud B), NO, +
NO; = NO + O: +- NO; (e), NO + NO; — 2NO, (f), NO; + NO; — 2NO, 4 O, (g). Iu the concentration and tenipera-
ture range studied ([argon] ~ 0.0076 mole/1., 450~550°K.), the dissociation reaction is a unimolecular reaction close to its
second order low pressure limit, — d[N;0;s]/df = A’[A][N,Os], with A’ = 10127 exp(—16,500 £ 700/RT)(mole/1.)"! sec. L,
The equilibrium constant of the dissociation reaction is given by K, = 104 exp( —20,100 = 1100/RT)(mole/1.). Therate
constants of e and g are glven (550-1100°K.) by ¢ = 2.3 X 10% exp(—4400 = 700/RT)(mole/1.)"'sec."'and g = 2.6 X 10°
exp(—7700 =% 1000/RT)(mole/1.)"! sec.”l.  On the basis of this and other data, the following thermodynamic quantities
are calculated: NyOs = NO; + NOs, AH%uwok. = 21,600 cal./mole, AS e, = 33.6 e.u., AH%,50 (NO;) = 17,100 ( £1000)
cal./mole, S%q (NO;) = 60 = 2 e.u. The kinetics of various reactions involving NO; are reviewed and recommended rate
constants and activation energies at 300°K. computed. In general, the present investigation, where NO; was a major con-
stituent whose concentration was directly measured, confirms the results of previous investigations in which NO; was present
at low, undetermined concentrations as a reactlve intermediate.

(1) Research carried out umier contract Nonr-220(01) hetween the
Office of Naval Research and the California lnstitute of Technology.
This paper was presented to the 130th National Meeting, American

Chemical Society. Atlantic City, N. J., September, 103, A more
detailed account is contained in the Ph.D. thesis of Garry 71.. Schott,
California Institute of Technofogy, 1956,
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Many of the reactions of nitrogen pentoxide de-
pend upon the dissociation of NyOj; into the molec-
ular radicals NO; and NO; and the subsequent re-
actions that result in the reduction of NQ;2-8
The mechanisms of several reactions involving Np-
O, and lower oxides of nitrogen near room tem-
perature have been formulated in terms of the re-
actions?

A(M) . .
0,NONO; ~——> NO, 4+ NO; (dissociation A)

B(M)
NO; + NO; ——> N,0s (recombination B)
AM) [NO,] [NO;] .
B K N0 (equilibrium) (1)

4
NO; 4+ NO; —> NO + 0O, + NO; (reaction e)

NO + NO; -L 2NO, (reaction f)

NO; 4+ NOs —g> 2NO; + O, (reaction g)

h
NO; + O; —> NO; + O, (reaction Ir)

The reactions above are written as elementary proc-
esses characterized by the rate constants indicated.
The dependence of the dissociation and recombina-
tion rate constants on the nature and concentration
of inert gas molecules, M, is implied. The notation
is that used in reference 3.

The path of the NO, NyO; reaction consists of
steps A and f, the former being rate determining.$
The concentration and temperature dependences
of the unimolecular dissociation process A have
been extensively studied.” Recent experiments in
the presence of excess NO; have demonstrated in-
hibition by the recombination step, B, and have
yielded values of the product fK.# The well
known first-order decomposition of N:Og consists
of reactions A, B and e?; the over-all rate constant
is 2eK, with activation energy, 24.7 kecal.? The
N,O; catalyzed decowmposition of O; involves reac-
tions A, B, g and h.'® 1In this system, the steady-
state concentration of NO;j is large enough so that
its absorption spectrum can be recorded.!! Enough
relationships and data are available that the ac-
tivation energy of reaction g and the dissociation
energy of N»O, can be deduced.! However, near
room temmperature, K is very small and it has not
been possible to devise experiments in which the
value of X (or of the NO; concentration) can be
separated from the rates of reactions ¢ and g.

Tlie research described here is an investigation
of the decomposition of NyOp between 450 and
1200°K. The rate of dissociation of N:Oy and the
dissociationn equilibrium have been observed di-
rectly between 450 and 550°K., and the decom-

(2) R. A. Ogg, Jr., J. Chent. Phys., 18, 337 (1947); 18, 572 (1950).

(3) H. S. Johnston, TH1S JoURNAL, 73, 4542 (1951).

(4) H. S. Johnston and F. Leighton, ibid., T, 3612 (1933).

(3) J. C. D. Brand, ibid., T7, 2703 (1935).

(6) . H. Smith and F. Daniels, ibid., 69, 1735 (1947).

(7) (a) D. J. Wilson and H. 8. Johnston, sbid., 76, 5763 (1933),
is paper IV of a series, The earlier papers are: (b) H. S. Johaston,
ibid., T8, 1567 (1953); (c) H. S. Johnston and R. L. Perrine, ibid., 73,
4782 (1951); (d) R. L. Mills and H. S. Johnston, ibid., 73, 938 (1951).

(8) I. C. Hisatsune, B. Crawford and R. A. Ogg, fbid., T9, 4648
(1957)

(9) F. Daniels and E. H. Johnston, ibid., 48, 53 (1921).

(10) G. Sprenger, Z. Elektrochem., 87, 674 (1931).

(11) E. J. Jones and O. R. Wulf, J. Chem. Phys., 5, 873 (1937).
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position of NO; has been studied between 600 aud
1200°K. under conditions where N,O; is com-
pletely dissociated. The measurements have been
made by the shock wave-spectrophotometric
method developed recently in this Laboratory for
the direct examination of rapid gaseous reac-
tions,!2=14  Particular use has been made of the
absorption spectra of the blue intermediate NO;
and the brown product NO,.

The results that have been obtained agree very
well with the predictions made by extrapolation of
the room temperature results. They add to the
information derivable from room temperature ex-
periments by providing directly measured values
of A(M), K (and hence B(M)), e and g and inde-
pendent determinations of the temperature co-
efficients of these quantities. Perhaps the most
significant contribution of this investigation is the
preparation and direct study of known concentra-
tions of the intermediate NO; whose importance in
several reactions has been deduced kinetically but
whose concentration and absolute reaction rates
have not previously been measurable.

Experimental Method

The equipment and procedures used in previous applica-
tions of the shock wave method have beeun described clse-
where.!213  The adaptation of thie method to the study of
N20; decomposition is considered liere.

Shock waves in homogencous mixtures of N,O; and argon
produced tlie reaction temperatures. The shock wave
belhavior was essentially determined by the carrier gas,
argon, whose properties are simple and well known.  Com-
putation of the temperature and density of the reaction mix-
ture from the measured velocity of the shock wave allows
for the presence of the reacting components.!* The clianges
in temperature and density with reaction are kept small by
the buffering action of the carrier gas, so that the treatment
of rate data is simplified. The dissociation of N;O; is ki-
netically similar to the dissociation of N;OQ;. The important
differences, aside from the difference in the energy and the
temnperature range of dissociation, are: (1), two differently
colored dissociation products are formed; and (2), one of
these, NO;, is unstable and decomposes further. Two
spectropliotonietric records in each experiment were used to
determine NQO., and NO; simultaneously. N:O; pressures
near 107% atm. in tlic unshocked gas provided concentra-
tions of NO, and NO; that were convenient for spectro-
photometric measurement. The argon pressures werc
typically 107! atm. Under these concentration conditions,
tlie bimolecular decomposition of NO; by reactions ¢ and g
was effectively separated in time from the dissociation of
N2O:s.

Instrumentation.—The sliock wave experimenuts were
carried out with the 6 in. diameter tube!® and tlie optical
slit systeni'? described in the iodine work. Triggering of the
oscilloscopes and tlhie intervalometer employed schlicren
optics, since tlie initial mixture of N,O; and argon was color-
less.

An Osrant HBO-200 high pressure d.c. mercury arc pro-
vided an intense monochromatic source of light for one of
the spectrophotometric records in each experiment. The
light output of this lamp was satisfactorily free of 120-cycle
ripple when it was operated from a 150 volt generator sta-
bilized by a choke input filter with L = 1 henry and C
= 1.5 X 108 uf. The prominent lines in the mercury spec-
trum were isolated with the appropriate Bausch and Lomb
interference filter and a Corning sharp cut filter as follows:
366 mu, no. 5562; 405 mu and 436 my, no. 3060; 546 mu,
no. 3384. RCA 931-A photomultipliers were used to detect
this radiation.

(12) T. Carrington and N. Davidson, J. Phys. Chem., 87, 418 (1038).

(13) D. Britton, N. Davidson and G. Schott, Disc. Faraday Soc., 17T,
58 (1954).

(14) D, Britton, N, Davidson, W. Geliman and G. Sclott, J. Chein.
Phys., 26, 810 (1956).
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For the spectrophotometric measurements with red light,
a 500 watt tungsten projection bulb, operated at 120 volts
d.c., served as source. An RCA 6217 photomultiplier was
the detector. This photomultiplier tube has the S-10 spec-
tral response, with maximum sensitivity at 540 mu and 349,
of that sensitivity at 650 mu. In most of the experiments,
a wave length band of triangular profile and 3.6 my half
width centered at 652 mu was isolated by means of a two
prism glass spectrograph!® with an exit slit mounted in the
focal plane. The dispersion and the position of the spec-
trum in the focal plane were determined from a plate of the
mercury arc emission. The entrance slit was adjusted to
subtend the same angle on the prism as the exit slit, thus
giving the optical band its triangular profile.’6 This mono-
chromator was about three times as fast as a Bausch and
Lomb 500 mm. reflection grating instrument in this applica-
tion.

Callbration of the photoelectric records is not a trivial
matter for anyone executing such experiments; our method
is described in detall elsewhere.l

Reagents. —NO;N:0. was condensed from a cylinder
(Matheson) Into a trap at —10°. Oxygen (Linde), purified
by passage through a U-tube at —80° packed with glass
wool, was bubbled through the liquid N;Os. The effluent
oxygen stream, saturated at —10° with nitrogen dioxide
vapor, was directed through a 35-ml. column of POy coated
glass beads and through a storage trap on the vacuum
line. After the liquid N,O; had become pale yellow, solid
N,0O; was condensed from the stream by application of
Dry Ice to the storage trap. When the liquid was exhausted
to the point that its compositlon was formally 959, N;O,
and 59, HNO;, as indicated by the appearance of a denser
nitric acid rich phase,!” the flow was stopped and the oxygen
was pumped from the solid preparation. In one instance
the product was surrounded by an lce-salt bath in a Dewar
flask at about —15° and allowed to stand 5 hr. On exam-
ination, the N,O; was partlally melted and the temperature
of the bath was —11°, The melting point is reported as
—11.20°.18

N.O; was prepared from N;O; by oxidation with ozone in
a flowing system in the glassware described above. The
oxygen stream was divided after passage through the Dry
Ice-glass wool trap and the major portion was passed through
a P05 column into an ozonizer. The effluent stream, which
was about 5% ozone, was fed into the NO,~N,0; stream
immediately after the latter had passed its P;O; chamber.
The flow rates were adjusted so that the stream was colorless
after the junction. (The glass was warm to the touch for
a few cm. after the junction.) The 03;-NyO5-O; mixture
flowed through about a foot of tubing, which could be ex-
amined lengthwise for color, before it reached the collecting
trap at —80°. After each preparation, the nitronium ni-
trate crystals were warmed to 0° and the vapor was exam-
ined for color.

Two points of caution should be made about this prepara-
tion. First, in using the batch process described by Night-
ingale, et al.,!® one should NOT concentrate the ozone and
then admit it to a bulb containing N,O4 or N;Os for, in the
absence of diluent gas, the mixture may ignite and destroy
the preparation and perhaps the apparatus. The behavlor
of these decomposition flames Is known.® Spontaneous
ignitlon is probably caused by the exothermic oxidation
of N:0y, and the flame propagates through the already oxi-
dized mixture of N.Os and O;. Second, if the flow method
described above is used to prepare large quantities of N,O;
in a small vessel, care should be taken to avold condensing
too thick a layer of NyO; on the inside of the trap. Solid
N»O; has a significantly higher coefficient of thermal ex-
pansion than Pyrex and is a hard ionle solld even at room
temperature, so that it is not possible to warm the prepara-
tion without cracking the container.

(15) R. G. Dickinson and R. T, Dillon, Proc. Natl. Acad. Sci. U. S.,
15, 695 (1929). Professor R. M. Badger has generously loaned this
instrument for this work.

(18) W. A. Noyes, Jr., and P. A. Leighton, **The Photochemistry of
Gases,” Reinhold Publ. Corp., New York, N. V., 1941, p. 64,

(17) G. W. Elverum and D. M, Mason, J. Phys. Chem., 60, 104
(1936).

(18) W. F. Giauque and J. D. Kemp, J. Chem, Phys., 6, 40 (1938),

(19) R, E. Nightingale, A. R. Downie, D. L. Rotenberg, B. L.
Crawford, Jr., and R. A. Ogg, Jr., J. Phys. Chem., 58, 1047 (1954),

(20) T. M. Lowry and R, V. Seddon, J. Chem. Soc., 1461 (1937).
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Argon (Linde, 99.929, pure, principal impurity N:) was
passed through a Dry Ice-glass wool trap and admitted to
the vacuum line through a P;Os column.

N,O;-argon mixtures were prepared indlvidually for each
shock wave experiment because of the instability of N,Os
vapor. The mixtures were made up in a five-liter flask
immersed in an ice-water-bath. The flask was evacuated
to a pressure of 1074 mm. of Hg or less. The NyOj storage
trap was warmed to 0° and a charge of vapor was with-
drawn. The pressure of N;O; In the mixing bulb was
measured with a dibutyl phthalate manometer. The bal-
ance of the mixture was made up with argon, and the total
pressure, which was usually near one atmosphere, was
measured on a mercury manometer. A cold finger in the
mixing bulb was then filled with an ice and salt mixture at
about —15° to promote convectlve stirring. The reagents
were allowed 2 hr. to mix in this fashion. The 1/e time for
the first-order decomposition of N.Os at 0° is 350 hr.,% so
that the decomposition during the mixing perlod was always
less than 19,. The shock tube was routinely evacuated
to 2 X 1078 mm. of Hg or less, In the later experlments
it was purged of water by a five minute exposure to a few
millimeters pressure of N,Os vapor and re-evacuated before
the experimental mixture was admitted. In order to avold
a pressure measurement after the charge was admitted to
the warm shock tube, the expansion ratlo Involved in ad-
mitting gas from the mixing bulb into the shock tube and
connecting manifold was determined accurately in separate
experiments. When the stopcock was opened admitting
the charge to the shock tube, one minute was allowed for
the attainment of thermal equilibrium, and then the shock
tube was isolated and the experiment was initlated as soon
thereafter as possible. Thus the N:Os was at room tem-
perature for no more than two minutes before the gas was
shocked. Eighty-five seconds at 25° is equivalent to an
hour at 0°, from the standpoint of N,Os; decomposition.
Thus the total decomposition in the handling of a charge of
N:05 was not more than 19,

NO~N,0,-N;0;~Argon Mixtures.—In those experiments
in which extra NO; was included in the charge of N;O;, the
latter was admitted to the mixing bulb at 0° first. NO,-
N:0; was admitted second, the total pressure was again
measured on the dibutyl phthalate manometer and finally
argon was added. Calculation of the formal mole fraction
of NO; in these mixtures was carried out using the value
K = pixop w00 = 0.016 atm. at 0°, This value is an
average of extrapolated data of Verhoek and Daniels and
Bodensteln and Boés and measurements at 0° by Wourt-
zel 22

Results

Extinction Coefficients of NO;—Analysis of
the final decomposition products of N;Op and the
kinetic interpretation both depend on knowledge
of the extinction coefficients of NO, for selected
wave lengths over the entire temperature range of
the experiments. Therefore a number of shock
wave experiments have been done in which mix-
tures of NO; and argon were compressed and heated
to temperatures between 500 and 1000°K. The
extinction coefficients of NO, at the shock wave
temperatures have been calculated from the initial
conditions and the measurements of light transmis-
sion after the passage of the shock wave.

Let 4, represent the intensity of the incident light
beam, 7, the light that is transmitted to the photo-
multiplier through the NO, sample before it is
shocked and 7; the light transmitted after the shock
wave passes the observation station. In the un-
shocked gas, the concentration of NO; is Cyp, where
Cy is the total concentration of gas and ¢ is the mole
fraction of NO,;. The concentration of NO; in the
shocked gasis given by CypA, where A is the density

(21) F. Daniels and R. A. Alberty, '"Physical Chemistry,”’ John
Wiley and Sons, Inc., New York, N, Y., 1955, p. 342,

(22) F. H. Verhoek and F. Daniels, Tris JourNat, 88, 1250 (1931);
M. Bodenstein and F. Bo8s, Z. physik. Chem., A100, 75 (1922);
E. Wourtzel, Compt. rend., 169, 1397 (1919).
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compression ratio across the shock front. The
optical densities Dy = log (40/%), D: = log (4o/ir)
and D’ = log (¢;/7) are defined.

E()\,Tz)cogﬁAL =D =D, + D' =
€(7,300°K) GopL + D’ (2)

The length of the light path is Z. The unshocked
optical density D, is calculated from the measured
concentration and room temperature extinction co-
efficient quoted from other measurements, 2

D’ is the increment in optical density observed in
the experiment. The value of the high tempera-
ture extinction coefficient, e(\,7%), is calculated
from these data and the particular 7 and A of the
shock wave. Correction of 2, for the small
amount of transparent N,O, is straightforward.

Figure 1 contains the results of these experiments
at 366, 546 and 650 mu. The results at 436 mu are
substantially the same as those at 366 my, and the
temperature dependence at 405 mu is similar, but
the values of e are generally higher. Tables of the

data are presented in the thesis.!
500
T
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Fig. 1.—Extinction coefficlents of NO,: (@) in NOy~argon
mixtures; (&) in final Jecomposition products of N,Os; (O) in
mixtures containing NO; and N,O;, after decomposition.

Figure 1 also contains the results of measure-
ments based entirely or in part on the observed ab-
sorption by the NO, formed in the decomposition
of N;O;. The agreement among the NO, extine-
tion coefficients calculated from the different ex-
periments is evidence that the couversion of N.O;
to NO; and O, is quantitative.

The significant qualitative conclusion that can be
drawn fromn these ineasurements is that near the
maximum in the NO; absorption spectrum, the ab-
sorption coefficient decreases with temperature,
while in the green and red regions the weaker ab-
sorption has a positive temperature coefficient.
This spreading of the absorption spectrum is typical
of molecular electronic spectra and is due to the
population of higher vibrational states of the ground
electronic state as the temperature is raised.

(28) J. K. Dixon, J. Chem. Phys., 8, 157 (1940); T. C. Hall, Jr., and

F. E. Blacet, ibid., 20, 1745 (1952); H. H. Holmes and F. Daniels,
THIs JourNaL, §6, 630 (1934),
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Absorption by NO;—Figure 2 shows a flash
spectrogram of a decomposing N;O; sample in a
shock wave experiment. The flash, which lasted
for about 50 usec., was triggered 12 wsec. after the
shock wave passed the segment of the shock tube
between the lamp and the spectrograph slit. The
titning of this exposure was arranged so that the
dissociation of N0y was virtually complete when
the flash was started, but the decomposition of
NO; was less than half over when the flash ended.
The strong absorption bands at 624 and 662 mu
and the weaker structure in the green and yellow
clearly identify NO; in the reaction mixture.!%!!

Figures 3a-3d are typical of the oscillographic
transmission versus time records obtained at
selected wave lengths in the decomposition of N2Oj
between 600 and 1100°K. Immediately after the
passage of the shock wave, the transmission falls
sharply as N,O; dissociates completely into NO,
and NO;. The subsequent changes in transmis-
sion which accompany the decomposition of NOj
occur more slowly. The time required for dis-
sociation of NyOj is of the order of 5 usec. near
600°K. and shorter than that at higher tempera-
tures. These times are in agreement with the rates
of dissociation computed by extrapolation of the
dissociation rate data from room temperature ex-
periments and from the experiments near 500°K.
reported in this work. That the dissociation of
N,0; is in fact complete is indicated by the optical
densities observed in the initial burst of absorption
after the shock wave. These optical densities,
which represent the combined absorptions of NO,
and NO;, are found in every case to be proportional
to the formal N,O; concentration and to be rela-
tively insensitive to temperature between 600 and
1100°K. The authors know of no other acceptable
interpretation of these observations.

TaBLE I
ABSORPTION COEFFICIENTS OF NOj

e(decadic)

(moles/1.) =1 Estimmated
A, mp T, °K. cm, "1 uncertainty
652 1050 305 25
652 825 282 15
652 650 260 15
652 300 (extrap.) 220 30
546 650 530 50
436 650 130 20
405 650 90 20
366 825 40 15
366 600 25 15

At 652 and 546 mu (Figs. 3a and 3c), the ab-
sorption coefficient of NOj is much larger than that
of NOs, and the absorption decreases as NO; de-
composes. At 366 mu (Fig. 3b), NO; is the
strongerabsorber, and theabsorption increases to the
final constant value, which corresponds to com-
plete conversion of N:O; to NO,. The increase in
optical density is substantially less than the initial
rise, showing that absorption by NO; is not negli-
gible. At 436 mu (Fig. 3d), NO;and NO; have sub-
stantially the same absorption coefficient at high
temperatures, so that no change in transmission
occurs as NO; decomposes into NO, and oxygen.
At 405 my, the records are similar to Fig. 3b, since
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4000

shown in exposure c.

Exposure a is a blank, a two minute exposure to the other lights that were used in the experiment.
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IFig. 2.—Flash absorption spectrogram of NO;. The characteristic bands of NO;, together with absorption by NO., are
The source, a xenon flash lamp, is shown through the empty 15 cm. shock tube in b and through
the unshocked mixture of N;O; and argon in d. The difference between b and d is the slight irreproducibility of the source.
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On the original plate,

the 5461 and 4358 A. lines of mercury and some continuous exposure in the red are faintly visible. The plate is an Eastman
Kodak Co. type 103-F. The formal N:O; concentration was 23 X 1078 mole/l., the shock temperature was about 530°K. and
dissociation was at least 909, complete before the fifty microsecond flash started. A G.E. FT-126 was operated with a 1 uf.

capacitator at 12 kv,

-..,r..:-..',.’.?..‘— “‘."’;,"' - 534

PSS S VO O T TR

Fig. 3.

the NOj; absorption coefficient is larger than at 366
mu but smaller than at 436 mu. At 487 mu, one ex-
ploratory experiment showed that NO; absorption
is dominant.

The absorption coeflicients of NO,; were deduced
from the optical densities just after dissociation of

Oscillographic records of light transmission vs. time in the decomposition of N,Oj;.
at 801°K., and in ¢(546 mu) and d(436 mu), at 627°K., the dissociation of N,O; is immediate and the rate of decomposition
of NO;yisshown. Inc(652my) and (366 mu), at 480°K., the rate of dissociation of N,O;, which reaches 799, at equilibrium,
is shown, followed by much slower changes as NO; decomposes. The timing blanks in the traces are at 30 usec. intervals.

N T Y ST i e 1

e T T PP re v Dby Feeri P oy

ralar -

oy gt

In a(652 mu) and b(366 muy),

N:0; by subtracting the independently determined
components of the optical density due to NOs..
The results are shown in Table 1.

In the green and red, where the NO, absorption
1s relatively unimportant, NO; has several very
strong bands overlying an absorption continuum
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(see Fig. 2). Most of the experiments were done
using a tungsten lamp as source and a wave length
band of 3.6 mu half width centered at 652 mu.
This wave length, which is between the two strong-
est bands of NO; (624 and 662 my) was chosen for
two reasons. First the absorption coefficient is
only about twice that of NO; in the violet, so that
measurements in two different regions of the spec-
trum could be made conveniently in the same ex-
periment. Second, it was desired to avoid making
measurements in the strongly banded regions be-
cause of the difficulties that arise from pressure
and temperature broadening and departure from
Beer’s law due to non-uniform absorption over a
finite spectral interval.

The light absorption at 652 mu by NO; in the
presence of ca. 102 mole/l. of argon obeyed Beet’s
law over the range of NO; concentrations studied
(2.5 X 1075 to 12.5 X 10~® mole/l.). There was
an uncertain indication of a positive effect of argon
pressure of 159, per atm. or less. From experi-
ments near 825°K. with wave length bands cen-
teret;l alt 648, 650 and 652 my, d In ¢/d\ = 3(%+2)9,
(mu .

A few experiments with 546 my light (froin a high
pressure mercury arc) indicated that e at this wave
length, which is close to one of the strong ab-
sorption bands, is pressure dependent.

From these measured extinction coefficients and
visual examination of the flash spectrograms like
Fig. 2, one can estimate the maximum absorption
coefficients of NOj in the strong bands at 662 and
624 mu as 3000 = 1000 (mole/1.)~! cin.~L

The absorption by NOj; in the blue and violet,
while not nearly so strong as in the case of the
characteristic bands in the green and red, is consider-
able. From the present results, two qualitative con-
clusions can be drawn about the NO; absorption in
the blue. First, the absorption decreases toward
the violet. The lowest values recorded are at 366
mu, and these have a positive temperature coeffi-
cient. Second, the absolute strength of absorp-
tion by NO; at elevated temperatures is compar-
able to that of NO; in the blue region, and even at
366 mu, NO; interferes considerably in the analysis
of N02

Stoichiometric Formation and Decomposition of
NO;.—In the previous section it was indicated that
above 600°K. the dissociation of N,O; is complete
and rapid compared to the decomposition of NO;.
This conclusion is consistent with our other
knowledge of the kinetics of N»O; dissociation and
NO; decomposition and has led to a consistent set
of extinction coefficients of NO;. The observed
extinction coefficients do not in themselves establish
the stoichiometric formation of NOj, for such rea-
soning is circuitous. However, the observed opti-
cal densities which lead to a consistent set of ex-
tinction coefficients over the entire range of con-
centrations and temperatures are not kinetically
reconcilable with any other stoichiometry.

When the decomposition of NO; is complete, as
indicated by the final constant optical densities in
Figs. 3a-3d, determination of the NO, present is
straightforward. The results of all the experi-
ments in which the final state was observed show,

GARRY SCHOTT AND NORMAN DAVIDSON

Vol. 80

within experimental error, that N,O; has been con-
verted quantitatively to NO; and O,. This state-
ment applies to measurements at several wave
lengths and to the highest temperature of this in-
vestigation, 1216°K. The results at 366 and 652
myu are presented in Fig. 1 as extinction coefficients
calculated from the final optical densities observed
and the assumption that two moles of NO, appear
in place of every one of NyO;. They may
be compared with the extinction coefficients of
NO, measured in independent experiments. The
complete results are recorded in the thesis.

Thus, in the experiments between 600 and
1100°K., we have observed the decomposition of
N:0; in two successive stoichiometric steps

N;05 —> NO, + NO; (3)
NOs —> NO; + l/202 (4)

This conclusion that in the shock wave experi-
ments N,O; has decomposed stoichiometrically into
NO; and O, is an important one, because at tem-
peratures of 600°K. and higher, NO; is unstable
with respect to NO and oxygen. The thermal de-
composition of 104 mole/l. NO; at 1000°K. is
known to require about two seconds.?* Herce it is
too slow to be significant in the present experi-
ments, which are of much shorter duration. How-
ever, the present result also excludes the possibility
that significant amounts of NO are formed in the
mechanism of decomposition of NOs;.

Kinetics of Decomposition of NO;.—From pho-
tographs like Figs. 3a, b, ¢, the rate of decomposi-
tion of NO; according to equation 4 can be meas-
ured conveniently. The rate data obtained
between 600 and 1100°K. have been interpreted in
terms of a mechanism involving two simultaneous
bimolecular reaction paths

NO; 4 NOs $ NO, + 0, + NOz
and the sequence

e
NO; + NO;, —> NO + O: + NO; (5

NO; 4+ NO —f> 2NO;

With the restriction that f >>> e, so that the steady-
state concentration of NO is small, the filﬂ'grentlal
rate equation deduced from this mechanism is

2[NO; | [NOs]

Methods of deducing conventional isochoric rate
coefficients from data taken in shock wave experi-
ments have been considered previously.!2!* In
general, the temperature and density of a reacting
gas in a shock wave change in a known way with
the extent of reaction. The density change affects
the concentrations of the reactants, and the tem-
perature change affects the rate coefficients and the
extinction coefficients of the absorbing constitu-
ents. Further, the time scale in which a stationary
observer sees the reaction is different from that ex-
perienced by an element of the reacting gas. The
specific method of considering these factors in us-
ing equation 6 is discussed in the thesis.! It is
based on evaluation of the fractional extent of de-
composition of NOjy at a sequence of times over the

(24) W. A. Rosser, Jr., and H. Wise, J. Chem. Phys., 24, 4093 (1956).

= e + g[NO;])/[NO;] (6
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course of the reaction and approximate evaluation
of the differential rate of reaction over successive
intervals. It should be emphasized that because
the experiments were done in a large excess of inert
gas, the effects of the temperature and density
changes introduced only small adjustments of the
raw data.

To determine e and g, the function representing
the left side of equation 6 was plotted against
[NO;]/[NO,]. In the absence of added NO,, this
plot covers the interval between zero and unity.
The mechanism predicts that the plot is linear with
positive slope equal to g and positive left intercept
equal to e. In practice, the points are scattered,
but in all but one case the most plausible curve is a
straight line with positive slope and intercept.
This exception is a very fast reaction at 1127°K.,
and a negative slope is indicated.

The intercept of these plots at [NO;])/[NO;] =
1 (the right intercept) is the apparent bimolecular
rate constant at the beginning of the reaction,
which is the sum (¢ + g). This is the quantity
that is most accurately deduced from the experi-
ments by this plotting procedure. The data meas-
ured early in the reaction are inherently more
reliable, and the later data are included as a guide
in extrapolating to the beginning of the reaction.
The values of (¢ + g) thus obtained are satisfac-
torily independent of the formal N;Oy concentra-
tion over a fivefold range and of the argon concen-
tration over a fourfold range. They are plotted on
logarithmic scale against reciprocal temperature in
Fig. 4. The nearly linear form of this plot indicates
that ¢ and g have not very different temperature
coefficients. It gives the average activation en-
ergy as 6.42 = 0.3 kecal./mole. The equation of the
line (least squares) is

log (e + g) = —(1403 = 60)/T 4+ 9.340 (1)

The two rate constants, e and g, have been sepa-
rated in two ways, The mostreliable of these uses
the initial rate data in a series of experiments in
which NO, was added to the initial mixture so that
at the beginning of the decomposition, [NO;]/
[NO,] was between 0.3 and 0.1. These values of
(e + g[NO;]/[NO;]) were combined with the values
of (¢ + g) from equation 7. The values of ¢ ob-
tained in this way are plotted in the lower part of
Fig.4. The equation of the line through them is

log (¢) = —(965 = 150)/T + 8.41 ®

and the activation energy is 4.42 £ 0.7 kcal./mole.

The other set of values of e are obtained as the
left intercepts of the plots of equation 6. These
values of ¢ are summarized by the equation

log (¢) = —(1981 £ 60)/T + 9.590 (9)

and the activation energy is indicated as 9.1 £+ 0.3
keal./mole. The strong disagreement between the
values of the activation energy of reaction e calcu-
lated by the two procedures arises largely from the
data at the low end of the temperature range.
Here the reaction is not followed past about 509,
decomposition, and the extrapolation to [NO;]/
INO;] = 0 is long and uncertain. The plots al-
ways yielded positive intercepts, but the values of
¢ indicated were substantially lower than those

SHock Waves IN CHEMIcAL KINETICS: NITROGEN PENTOXIDE

1847
T %K.
1200 1000 800 600
T T T f T I
- %
L o k=e+g :

® k=€ b

S
]

& (m/1) " sec .
LOGg k.

1000/7.

Fig. 4. —Bimolecular rate constants from the initlal rate
of decomposition of NO;: (0) & = (¢ + g); solid line, equa-
tlon 7; (@) k = ¢; broken line, equation 8; (+) equation 10.

measured by the method of adding NO; to the orig-
inal mixture.

Near 820°K., the center of the temperature
range, the two methods of separating e and g agree
with each other. Data from twenty-one experi-
ments between 750 and 934°K. have been adjusted
to 820°K. using the temperature coefficient of equa-
tion 7. These include data from experiments with
the initial N,O; concentrations differing by a factor
of five and from experiments with NO. added to
the mixture. The plot of these data according to
equation 6 is shown in Fig. 5. The general valid-
ity of the kinetic interpretation is supported. The
best values of the individual rate constants afforded
by this investigation are derived from this plot.
The parameters determined from this treatment by
the least squares method are

e = (1.50 = 0.09) X 107 (mole/1.) "' sec.”! at 820°K.
g = (2.34 £ 0.17) X 107 (mole/l.) " sec. 7! at 820°K.
(10)

The activation energy, —R d In (¢ + g)/d(1/7),
is the weighted average of the individual activation
energies
eE. + gE,;

e+ ¢ an
Substituting E, + , = 6.4 kcal./mole and the pre-
ferred value of E,, 4.4 kecal. /mole, together with the
values of ¢ and g at 820°K,, gives theresult: Z, =
7.7 kcal./mole.

The mechanism of NO; decomposition considered
so far was deduced from steps identified in various
room temperature investigations. An examination
of possible breakdown of this mechanism at very
high temperatures is in order. It was pointed out
in the development of equation 6 that use of the

E:-}-a =
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Fig. 5,—Evaluation of ¢ and g at 820°K. using data from
21 experiments between 750 and 934°K. See equations 10.
(O) experiments with pure N;0;; (@) experlments with NO;
added. The probable errors in the intercepts are shown by
the heavy lines,

strong inequality f >> e is justified by the ob-
servation that, within experimental error, no NO is
formed in the decomposition of NO;. Considera-
tion of the uncertainty in the analysis for NO,,
which may be as large as 109, and of the signifi-
cant participation of reaction g in the NO; decom-
position mechanism, leads to the safe conclusion
that f > 5e. Actually, this conclusion is a rather
weak one, since other information to be developed
indicates that f is two or three orders of magnitude
greater than e at temperatures near 1000°K.

The most serious complication in the kinetics of
NO; decomposition above 1000°K. apparently
comes from unimolecular dissociation of NO;. The
present experiments between 1000 and 1200°K. in-
dicate that some reaction with a high activation en-
ergy is competing with reactions e and g. In Fig. 4
the computed values of (¢ + g) break sharply up-
ward froin the linear plot at the high temperature
limit of the investigationn. In the two experimetts
above 1100°K., the deviation is unmistakable.
Near 1000°K., the dependence of the initial de-
composition rate on the fornial N,O, concentration
shows slight deviations from the bimolecular rate
law. The experiments with the largest NO, and
NO; concentrations give lower values of (¢ + g)
than the experiments with one fifth as much N,;O; in
the initial reaction mixture. The differences in the
apparent rate constants are much smaller than the
fivefold variation in concentrations, but they are int
the direction of less than second power dependence
on the formal N;O, concentration. Among the
data at lower N2O, concentrations the highest ap-
parent rate constants are measured in the experi-
ments with the highest argon concentrations. This
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dependence on total gas concentration is character-
istic of a unimolecular decomposition reaction of a
simple molecule at low total pressures.

In the experiment at 1216°K., the initial rate of
decomposition is four times that expected from the
value of (e + g) given by equation 7. Subtracting
the biniolecular contribution gives an estimated
unimolecular decomposition rate of

—dINO;]/dt = 2.3 X 10¢[NOs] =
2.5 X 108 [NO;][argon](mole/1.) sec.”t (12)

The rate is consistent with a unimolecular dissocia-
tion of NOj; into NO, and O with a dissociation en-
ergy of 50 kecal. Other processes such as dissocia-
tion to give NO and O, via isomerization to the
peroxy compound O-0O-N-O% are possible. In
any case the final products are still NO; and Os.

Kinetics and Equilibrium in the Dissociation of
N.,O;—At temperatures between 450 and 550°K.,
shock wave experiments in 19, mixtures of N,O,
and argon give photoelectric records like those in
Fig. 3e and 3f. These differ from the experiments
at higher temperatures in two respects. The in-
crease in absorption after the passage of the shock
wave is slow enough that its rate can be measured.
Second, the magnitude of the initial rise, which de-
termines the maximum in the NO; absorption rec-
ord at 650 myu (Fig. 3e), is less than that calculated
for complete dissociation of the N;O; The de-
crease after the maximum and the corresponding
slow increase in absorption at 366 mu are generally
too slow for accurate measurement. They are also
so slow that they do not interfere seriously with
measurement and interpretation of the initial in-
creases.

From the initial rates of appearance of NO; and
NO; after the passage of the shock wave, the rate
constants for the dissociation of NsO;, A (M), have
been obtained. A (M) has been studied as a func-
tion of argon concentration near 520°K. and as a
function of temperature near [A] = 0.0076 mole/l
Equilibrium constants for the reaction

N:0; = NO; + NO; (13)

have been calculated between 450 and 550°K. from
the state of near equilibrium that obtains at the
time of the maximum NO; concentration. All
these measurements depend on values of the extinc-
tion coefficients of NO, and NO; extrapolated from
the work at higher temperatures.

(M) is the first-order dissoeiation rate coustant,
whiclt depends on the nature and amount of each of
the gases present. Properly, [M] is the weighted
sum of the concentrations of all the gases in the
systemm. Tlie weighting factor for each gas is its
efficiency, relative to some standard gas, in ex-
changing energy with the internal motions of NyOs.
In this work, the standard gas is argon and, for the
present considerations, the differences between [M]
and the total gas concentration are igtiored. These
experiments have been performed in a region of ar-
gon concentration where A (M) is nearly linear in
[M]. Accordingly, it is of interest to compute the
ratio of 4 (M) to the total gas concentration, [M].

Calling this ratio 4’, the apparent second-order
dissociation rate constant, we have the rate equa-

(25) R. A. Ogg, Jr., J. Chem. Phys., 21, 2079 (1953).
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tion in the form

4= (dD/d7)s

C%p LAY (exo: + exos
D, Cy, ¢, A and the €'s are defined as in equation 2.
7 is the time after the arrival of the shock wave at
the stationary observation point. The subscripts
zero on the numerator and on A indicate the values
of these quantities immediately after the arrival of
the shock.

A(M) and A’ have been calculated from the ini-
tial slopes of smoothed plots of D zersus r in twenty
experiments. The values of the logarithm of A’ at
[M] = 0.0076 mole/l. are plotted against (1/7) iu
Fig. 6. The least squares line is

log (4’007 motert)) = —(3607 = 150)/T + 18.681 (15)

giving an activation energy of 16.5 + 0.7 kcal./
mole.

Figure 6 also contains measured values of 4’ near
0.003 mole/1. These experiments yield valuesof 4’
that are larger than the average values at 0.0076
mole/1.  This trend is to be expected, since at any
finite pressure, 4’ < 4", the low pressure limit of
A(M)/[M]. The average deviation of the 0.003
mole/l. points from the line, equation 15, is 22 =+
149,. Crude extrapolation to [M] = 0 indicates
that 4’y is about 309, greater than 4’o.co7 moles.
in the temperature range of these experiments. On
this basis, 47y at 500°K. is estimated as 3.84 X 108
(mole/1.) ™! sec.™ 2,

These data include measurements of photoelec-
tric records at 366 mu and at 650 mu. The data at
366 mu have consistently given values of D/ (exo. +
exo,) at particular values of r that are from 0 to
1597 higher than those given by the 650 mu data.
Some excess absorption at 366 mu is to be expected,
since as the decomposition of NO; becomes signifi-
cant, [NO:] > [NO;]. However, the values of
[NO;]-[NO;] indicated in several of the experi-
ments are somewhat too large too early in the reac-
tion. It is not known which of the measurements
are more reliable, so the averages have been used.

As the dissociation of N3Oj becomes appreciable,
the recombination reaction and the decomposition
of NO; become important. The expression for zero
net formation of NQO; derived from the mechanism,
reactions A, B, ¢, fand g, is

[NO,][NO;] _ K,
[N20;] 1 4 2le + ¢[NO:J/[NO;])
B(M)
This equation is formally equivalent to the steady-
state approximation which determines the small
NO; concentration in the room temperature first-
order decomposition of N-O;. It is invoked here
not as an approximation but as the condition for
the observed maximum in the NO; concentration.
The data from the pairs of photoelectric records
have been analyzed for the values of the NO;, NO;
and N,O; concentrations at the time of the maxi-
mum in the absorption at 650 mu.  The equilibrium
constants K, have been calculated in those experi-
ments where N2Og was less than 909, dissociated at
that time. The range of temperature of these de-
terminations has been extended from 520 to 550°K.
by experiments in which excess NO, was added to
suppress the extent of dissociation. Figure 6 con-

) (mole/l.) "l sec.”t (14)

(16)
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Fig. 6.—Equilibriunt constants and rate constants for
N:20;s dissoclation: (A) K, measured in pure N:0s; () K.
measured with NO, added: upper line, equation 17; (@)
A’(M) measured at [A] = 0.0076 mole/l.; lower line, equa-
tion 15; (O) [A] = 0.0038 mole/l.; (&), [A] = 0.009 mole/l.

tains a plot of log K, versus reciprocal tempera-
ture. It shows rather large scatter in the results at
the higher temperatures. The most reliable data
have been obtained near 460°K., where 5 X 1075
mole/1. N,Osis only about half dissociated at equilib-
rium. The average value of K, at 460°K. is 2.75
X 10~° mole/l. The best linear relationship,
shown in Fig. 6, is
log Ko = —(4383 =& 232)/T + 4.967 an

The energy change AE? for the dissociation of NyOj
is calculated to be 20.1 = 1.1 kecal./mole. The
fact that this reasonable temperature coefficient is
measured indicates that there is no great error in
the extrapolated extinction coefficients and other
data used in interpreting the results. For it can
be seen that a small error in the extinction coeffi-
cient of NO; or NO; produces a Jarge percentage
error in the calculated value of the N,O; concentra-
tion in the experiments above 500°K., where the
degree of dissociation is large.

In the calculation of XK, by equation 16, the de-
nominator of the right side is substantially unity
under the conditions of high inert gas concentration
used in these experiments. This does not imply
that the extent of NO; decomposition is negligible
in the time before the NO; concentration reaches
its maximum value but merely that the rate of turn-
over in the NO; population is high at the maximum
and thereafter.

Correlation with Room Temperature Results

Unimolecular Dissociation of N;O;.—The kinetics
of dissociation and association of NyO; has been
formulated in eq. 18
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aLM
NzOs +M — NZOM* - M

b,
NoOs* + M —25 N0s + M (1)

NiOsi* —> NO, + NO

NOz + NO; L N?Osl*
This formulation considers the rates of dissociation
and recombination of the critically excited states of
N3O, individually in steps ¢ and d. Stepsa and b
include the dependence of the excitation and de-ex-
citation rates of each of the activated states, i, on
the nature and concentration of specific molecules
as M. The special cases that are of particular in-
terest involve limiting concentration conditions.
These are

lim (A(M aim = A(M)
M]— 0 -2 ’

lim AM) = D aiue/biy = Ao (19)
M]—> = i

lim  BM) =3 d = B,
M] —> o Z '

Measurements of the rate of oxidation of NO by
N:0y have given considerable information on the
unimolecular dissociation constants, 4(M).” The
best data near the low pressure limit, 4/(M), are in
a temperature range about 50°, while the high
pressure data have been measured at lower tempera-
tures. Additional data at the low pressure limit
have been derived from experiments on the decom-
position of pure N,Oj at such low pressures (10~*
mm.) that equilibrium in the dissociation reaction
is not maintained.® Selected data from recent
sources are shown in Table II.
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is exchanged among the oscillators. Dissociation
occurs when the critical energy E. (m quanta) is pres-
ent in a particular one of the oscillators. The
theory has the important qualitative feature that
the specific dissociation rates of the excited states,
¢, increase with the energy, ¢4», in excess of the
critical energy. Thisisin agreement with the usual
observation that the activation energy is less at low
pressures than at the high pressure limit. The
great simplifying approximation is that the deac-
tivation rate constants, b; a1, are independent of tlie
degree of activation, 7. Inthesimplest RRK formu-
las, b is equated to the kinetic theory collision num-
ber. The collision number contains some depend-
ence on the nature of A7, but additional dependence
of & on M, independent of 7, easily can be incorpo-
rated as the average collisional efficiency factor,
fum.  The frequency factor and the critical energy
alone determine the high pressure limit.

Ay = Je—Ec/RT gee,~t
In these terms
ay = by (;"_4‘1"4‘5“1) (1 — e~h»/kT)s g=(m+iYhn /AT

(20)

by = f-M (87 kT /uw)i/2a2 N X 1072 (1nole/1.) 71 see. ™!
(21
_ i+s—1 mtits—1\ —1 _
€ = J( i1 s—1 sec. ™!

and

{(M) = Zb‘“ e M) (22)

I\I] + Cl

The calculations made here have used the fixed val-
ues of J and E. indicated by the high pressure lim-
iting results, 4. = 6.85 X 108¢—2L.0/RT in spite of
the uncertainty in these values. Various integral
values of s and m have been selected to fit the low
pressure limit, A’o(NsO5) = 2250 at 323.7°K. The

TaBLE II

SELECTED DATA ON THE UNIMOLECULAR DiIsSociaTION oF N.O;

Quantity T, °K. Value, (mole/1.) =1 sec. =}

A'o(Nz05) 323.7 2250

A’6(N205) 323.7 3500

A’(N,0s + NO) 323.3 1130 =+ 30
A’y(argon) 323.7 304 = 24

A’ (argot)o.ers mote/1. 500 2.9 X 106
A’y(argon) 500 3.8 X 108
Aw 300 0.29 sec.1

A (N2)o.0314 mote/1. 300 0.006 sec.™!

One basis for comparison of the results near
500°K. obtained in the present investigation with
those near room temperature is the Rice~Rams-
perger—Kassel formulation of the unimolecular dis-
sociation rate.?” This theory allows definite val-
ues of A(M) to be calculated at any value of [M]
and T by specifying the form of a;,m, &M and ¢; in
terms of four parameters which may be adjusted,
within certain limits, to fit the available experi-
mental data. The model of the reacting molecule
is a system of s lightly coupled harmonic oscillators
all having the frequency » = E./hm. The fre-
quency factor J measures the rate at which energy

(26) R. A. Ogg, Jr., J. Chem. Phys., 18, 572 (1950), has analyzed, in
terms of recent developments, the data of E. F, Linhorst and J. H.
Hodges, TuIs JourNAL, 86, 836 (1934).

(27) L. S. Kassel, **The Kinetics of Homogeneous Gas Reactions,”
Cliemical Catalog Co., New York, N. Y., 1932, pp. 93~105.

Eact, keal, mole~! System Source

........ NzOs, NO ’1 /!J
18.3 & 2 N70;, 26

19.3 = .0 N,0s, NO Te
........ N;O; NO Ta, 7b

16.5 &£ .7 N:Qs This work
........ N2Os This work

21 £ 2 Nq0;, NO 7d

21 £ 2 N.0;, NO 8

maximum allowed value of s is taken as fifteen, the
number of vibrational modes of the N,O; molecule.
The minimum value of s, seven, is the one that
comes closest to the experimental 4(N»O;) in the
classical limit of the RRK summation as » — 0.

Though it is known that the collisional excitation
efficiency, fm, averaged over 7, is substantially less
than unity for several monatomic and diatomic
gases,’ the approximation fn,o, = 1 is believed to
be more nearly correct. For definiteness, it has
been used and fargon is taken as 0.154,7 1ndepend-
ent of 7 and of the translational temperature of the
argon. This simplification is probably incorrect,
but as yet there is not enough information to con-
tradict it.2 It is probably no worse an approxi-
mation than setting fy,0, = 1 and the arbitrariness
of the RRK formulations of the ¢;n and ¢;.
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In performing the computations of the low pres-
sure limits, the approximate summation formulas,
equations 12 and 13 of ref. 7c, have been used.
The computation for 0.0076 mole/l. argon used
similar formulas for all but the first two terms of the
sum, equation 22, since these are the only terms
seriously affected by that value of [M]. The colli-
sion radii quoted in ref. 7a have been adopted. The
results of computations, showing the fitting of the
RRK parameters to the 51° data on A’ (N,Oj)
and the values of 4 ‘y(argon) at 500°K. predicted by
these parameters, are shown in Table III.

TasLE III
UNIMOLECULAR DissociaTioNn RaTes CompuTED BY RRK
THEORY
At 3237 °K. At 500 °K.
Ao ‘0
(N20s), (argon),
(mole, 1.) ! Eact, (mole/lL) ! Eact,
sec. "1 cal sec, "1 keal./
5 » X 1073 mole X 10-8 mole Ao00is/A's
15 10 1.95 20.1 10.6 17.3
10 20 2.55 18.9 7.5 16.3 0.83
7 ® 3.30 17.5 4.6 15.5
Experiment 2.25 19 3.8 16.5 0.77 £0.13

Cousideration of the values of the rate constants
and the observed local activation energies leads to
the choice of about ten oscillators with frequencies
near 101% sec.™! as the best over-all description.
That was the conclusion reached over the smaller
temperature range from the measurements in N,Oy
plus NO mixtures.” On this basis, the observed
rate constant at 500°K. in argon agrees within a
factor of two with that calculated solely on the
basis of measurements near room temperature.
The over-all change is a factor of 103. In view of
the approximate nature of the theory and the un-
certainty of the value of the critical energy, this
agreement is satisfactory. Closer examination
shows that all the values calculated at 500°K. are
higher than the measured value and that there is
really little to choose between large s with large vi-
brational quanta and small s and nearly classical
behavior. Also, additional calculations have shown
that small changes in the critical energy do not
greatly affect the predicted constants at 500°K.
wlien agreement with those at 324°K. is main-
tained. 1t is not possible to say how much of this
inadequacy of the theory lies in tlie variation of the
excitation efficiencies f;p with i and M and how
much depends on otlier things.

It is also of interest to compare the rooin tem-
perature results with the high temperature shock
wave results by the simple Arrhenius equation.
Comparison of 4’, (argon) between 323.7 and
500°K. gives an average activation energy of 17.3
keal./mole. This value is intermediate between the
two measured local activation energies. Direct
comparison of the values of 4(M) in 0.0076 mole/1.
argon between 300 and 500°K. is also possible.
The computed average activation energy is 18.6
kcal./mole. The value of 4(M) at 300°K. used for
this comparison was not actually measured in argon
but in other gases.”d However, at 0.0076 mole/l.
at 300°K. (144 mm.), 4(M) is closer to its high
pressure limit than to its lower pressure limit, and
the differences between different inert gases are
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small. At 500°K., 4’ at 0.0076 mole/l. is a much
greater fraction of A’y than at room temperature,
and the distinction between gases is important.

The present experiments near 500°K. definitely
show that the activation energy of the dissociation
of NyO; near the low pressure limit decreases with
temperature. They also show that the transition
between low pressure and high pressure behavior oc-
curs at higher concentrations as the temperature is
increased. Both these facts indicate that the spe-
cific rate constants ¢; increase with the energy of
the molecule. The fact that the low pressure acti-
vation energy is less than the high pressure activa-
tion energy at 300°K. is also a consequence of this
property of the ¢’s.”d The present experiments
are over too small a range of total pressure and No-
Og/argon ratio to contribute significantly to our
understanding of the activation and deactivation
processes. Nor do they reduce the existing uncer-
tainty about the activation energy of the high pres-
sure limiting rate. However, they do confirm the
interpretation of the rate measurements made at
room temperature by showing that the unimolec-
ular rate of production of NO; can be observed di-
rectly at suitably high temperatures.

Thermodynamics of N,O; Dissociation.—The
equilibrium between NyO;, NO; and NO; is the key
to the kinetics of many reactions of N:Os at room
temperature. The deduction of the equilibrium
constant K, and the internal energy change AE® for
reaction 13 at 300°K. from the results of the present
high temperature experiments and other available
information is presented here. Four estimates of
AE® are made on the basis of the present work and
compared with Johnston's previous estimate.?

The equilibrium measurements between 450 and
550°K. give AE% = 20.1 = 1kecal./mole. An es-

timate of AC, for reaction 13 between 300 and
500°K. as —4 cal./mole degree leads to AE%y =
20.9 =+ 1.

The most reliable measurements of K, are at
460°K. and give AF%g = 6.3 kcal./mole. An in-
dependent estimate of AS%g provides another ap-
proach to the heat of dissociation of NyOs; The
standard entropies of NO,(g) and N2O;(g) at 300°K.
taken from the literature are 57.5 e.u.!® and 82 =+
3 e.u.,® respectively. The entropy of NO; has
been estimated in two ways, from estimated 1molec-
ular parameters and by analogy with other com-
poutids. The NO; molecule is the nitrate free radi-
cal, which we have assumed to be planar with sym-

metry Ds, and to have N-O distances of 1.33 A., a
doublet electronic ground state, and vibrational
frequencies somewhat lower than those of the ni-
trate ion. S%g for this model is 60.7 e.u. Adding
50300(803) - 50300(802) = 1.9 e.u.?9 to S%oo(NOg)
gives an estimate S%(NO;) = 59.4 eu. Taking
the average of these estimates as 60 = 2 e.u. and
combining it with S%(N:0s) = 82 e.u. and S%g-
(NOg) = 57.5 e.n. gives AS%p = 35.5 eu. and
AS% = 34.6. With AF%g, = 6.3 kcal./mole, this

(28) X. K. Kelley, “Entropies of Inorganic Substances., Revision
(1948) of Data and Methods of Calculation,” U. S. Bur. Mines Bull.
No. 477 (1950).

(29) **Selected Values of Chemical Thermodynamic Properties,”

National Bureau of Standards, Washington, D. C., Series III
1954.
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TaBLE 1V
DebucerioN oF AE%, FRoM HIGH TEMPERATURE RESULTS

Result Tenp., °K.
Ko = 9.26 X 104 ¢=2.1/5T pyple/1, Near 500
AF® = 6.3 keal./mole At 460
e = 2.26 X 10%~44/%T (1n0le/1.) 1 see, ! Near 820
g = 2.63 X 109 ~7.710/8T (n1ole/1.) 1t see. ™t Near 820

leads to AZl%g
21.9 keal./mole.

The values of Cp, for NOj; at 300°K. estimnated by
the above two inethods are 5.76R and 5.77R, re.
spectively.

The higli temperature rate measurcuents of re-
actions e and g also provide estimates of AF%g when
combined with the results of room temperature
kinetics work. We use the collision theory formula
Eaey = Ey + 1/2RT to adjust the observed activa-
tion energies irom 820 to 300°K. The relation-
ships (E; + AE%z = 24.7 = 0.1 keal./inole® and
(1/2Eq 4+ AE" 00 = 24 = 2 keal. /miole? then give the
estiinates of AE%g, 20.8 = 1 and 204 = 2.5
keal./mole, respectively.

These coniputations are sununarized in Table IV,
They arc all in agreement with Jolinston’s previous
estimate.

Using AE%y 21.0, the estimated AC, = —4
cal./mole degree, and the measurement AFf%g = 6.3
keal./mole, one obtains AH%;, = 21.3 keal./mole,
ASOJGQ = 327 c.u., AFO;;OO 11.5 kC’dl./anlL‘, .'.'3]]%0(;
= 216, AS%UQ = 33.6 eu., ]Cc,300 = 1.65 X 10~W
mole/liter.

We believe Ky to be good to £509, or about
0.21inlog K.  Translation of this value to 300°K.
with uncertainty of about 1 keal./mole in AZ{ in-
troduces an additional §A log K = SAIIY/4.57 A-
(1/7) = 0.25. Thus Ay is known to within a
factor of three or better and AF%;, to within 0.6
keal. /1nole.

The lieat of formmation of NOjy indicated by this
work is AM%(NO;) at 300°K. = 17.1 £ 1 kecal./
utole, based on the values 3.6 and 8.1 keal./mole for
N3O;5 and NO,, respectively.®® The standard cu-
tropy of NO; computed from tlie entropy data re-
ferred to above 18 S%w(NO;) = 68 &= 4e.u. A signifi-
cant part of the uncertainty in this entropy value
lics it the uncertainty in .S$%:,(N+0y), and we believe
our comprited values of S%(NOy) = 60 = 2 e,
and Cplu(NQ,) = 5,77 R arc as reliable as any.

The reeently published data of Ray and Ogg™
onn the thermodynamic  properties of  NaOy(g)
vield the values 16.6 £ 1 keal. /inole and 61 += 2
e for the standard Ireat of formution and entropy
of NO; at 300°K., lending support to our calculation
of the entropy of NOs.

Room Temperature Rate Constants Based on A.
—Relationships between K, and the bimolecular
rate constants B., ¢, f and g are available from
roomn temperature kinctics studies. These rela-
tionships arc prescited in Table V.

21.3 keal./mole aud AEY%, =

D) Seleered Valnes of Chemnical Therinodynamie Properties,”
National Bureau of Standards Cire, 500, 1952,

31 J. D. Ray and R. A. Ogy, Jr., J. Chem. Phys., 26, 984 (1957).
See also J. D). Ray, Thesis, Stanford University, 1955.

Other known or assnmed quantitics AlDy00, keal./niole
ACy 209 £ 1
ACp, AS%g 21.9 £ 1
(Eso — Ego)e, (Ee 4+ AE300 20.8 &1
(Eso — Eaoo)e, (V/2Eg + AE) a0 20,425
Johnstou (1951)3 20 =+ 3

" Best value” average 21.0£1

TABLE V
RELATIONSIIPS BETWEEN BIMOLECULAR RATE CONSTANTS

AND K.
Vaulue at Lact,
Quantity 300°K. kecal./mole  Sonrce

As = BoK,, sec.™! 0.29 21 £ 2 7d
eK., sec. ™! 4.1 X 10°% 24.7£0.1 9
fK., sec.™! 1.0 22 4 + 2 8
g/ K,, (mole/1)'/

sec. /2 19X 100 2442 3

These relationships, with the cxeeption of the value
of fK, which has been determined ouly recently,
were used by Johnston to deduce the valuesof K, B,
and e and their activation energies on the basis of
information on g, namely, the value £y = 8.1 = 2
keal./niole and the assumed pre-exponential factor
for g of 1 X 10°(mole/1.)~! sec.™!. Those results
are presented together with tlie ones deduced from
the present results on the dissociation equilibrium
in Table VI.

In Table VI, two entries appear for the pre-ex-
ponential factorsand activation energies of reactions
cand g. The first entries are deduced from K, and
the information in Table V and hence are local val-
ues near 300°K. The second entries represent the
Arrhenius equation relating the values of ¢ and g at
300°K. to those at 820°K. (equation 10). Allowing
a possible error of a factor of three in the ratio of
the constants at 820° to those at 300°K. leads to an
uncertainty in the activation energies of 1.0 kcal./
mole. The agreement among these values and
those based on the local measurements of the ac-
tivation energics near 300°K. (first entries) and
820°K. (Table IV) is striking. 'The upparent small
positive temperature coetlicient of these activation
cutergies is probably not significant.

One conclusion that can be drawn is that the
collisionn and sterie factor int reaction g is comparable
to the recombination rate Be and is an order of
nragnitude greater than the correspouding property
of reaction e. This is unexplained, sinee reactions ¢
and g are very similar processes and shonld lave
similar activated complexes.  Reaction 1 1s of a dif-
ferent type from reactions ¢ and g, since only one
N-O boud is broken, an N-O bond rather tlian an
0O-0 bond is forined, and two molecules rather thau
three emerge. Its pre-exponential factor is a factor
of ten greater than that of reaction g.

Another approximate check on the values of X,
and g at 300°K. can be obtained from the optical
densities due to NO; absorption in the N.O, cata-
lyzed decomposition of ozone. Sprenger'® lias
reported the product exo,[NO;] at the wave length
of maxitmum absorption, 660-664 my, together with
the other conditions of his experiments. Using the
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TasLE VI

RaTeE CoNSTANTS BASED oN K

Johnston (1951)

Value at act,
Quantity 300°K. kcal./mole
K. (mole/l.) 0.6 X 101 20 =+ 3
B (mole/1.)"! sec.™! 4 X 10° 1 *£4
e, (mole/1.) " sec. ! 7 X 108 5 =£3
f, (mole/1,) ! sec, ! =21 x 10 .
g, (mole/1.) ~! sec.™! 1 X 108 8.1 %2

values of the constants proposed here, one can calcu-
late the appropriate extinction coefficient as 1200
(mole/1.) ! em.~! near 300°K. The crude estimate
derived from the present work is 3000 =+ 1000
(mole/1.) ! cm.~! near 600°K.

The present results are in substantial agreement
with the 1951 estimates of Johnston.® The preci-
sion of the present values is considerably greater.
The information on reaction h is of course not af-
fected by the present results. The value of the
rate constant for the process

NO; 4 NOCI —> NO, + NO,Cl  (reaction i)
which has been found* in the N,O; catalyzed oxida-
tion of NOC1 by O; can be revised. Its value at 40°
is computed to be 2.3 X 10* (mole/1.) " Lsec. ™1

Other Rates and Equilibria.—From the thermo-
dynamic properties of NO; deduced here and the
rate constants of reactions e, f, g, h and i, one can
compute the equilibrium relationships and the re-
verse reaction rate constants. This is done in
Table VII.

The reverse rate constant e_; recently has been
measured by Ray and Ogg,*! who report the value
6.6 X 10! (mole/1.) ~? sec. ™!, which is in good agree-
ment with the value computed here. The thermo-
dynamic properties of NO.Cl used in the computa-
tions about reaction i were taken from that work.
The other reverse reactions are inherently very
slow and probably never will be observed at room
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Value at Present status Eact,
300°K. Pre.exponential kecal,/mole
1.65 X 10~ 3.3 X 105 21.0 £ 1
1.8 X 10° 1.8 X 10° 0.0=x2.5
2.5 X 108 1.3 X 108 3.731
1.66 X 108 3.941
6 X 109 6 X 10 1.4x£2.5
1.3 X 10¢ 3.1 X 10° 6.0 2.5
1.95 X 10° 7.141
TagBLE VII
EQUILIBRIUM AND REVERSE RATE CONSTANTS
Re. AH?,
ac- keal./ ASO, Liqet
tion mole e.u. Ki00°K. ka0 (rev.) (rev.)
e 5 39 7 X 108 3 X 10! 0
mole/l.  (mole/l.) "2 sec.™!
f —23 5 3 X 107 2 X 1078 23
(mole/1.) ! sec. !
g —18 44 2 X 102 7 X 10718 25
mole/l.  (mole/L.) 2 sec. ™!
h —25 -5 1 X 10¥7 4 X 10w 32
(mole/1.) ~t see. !
i —19 1 1 X108 2x107° 25%

(mole/1.) "t sec. !
@ 40°, E;is estimated as 6 kcal./mole.

temperature. The role of the reactions f_i and ¢
in the decomposition of NO; near 700°K. has been
discussed elsewhere.?2
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