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INTRODUCTION 

Lewis (1) in 1900 was the first to observe the yellow 

afterg1ow resulting from the passage of an e1ectrical discharge 

through nitrogen and to identify its banded spectrum as that of 

nitrogen. 

In 1911 Strutt, later Lord Rayleigh (2), pub1ished the 

first in a series of papers on the chemical reactions of active 

nitrogen and the emission spectra associated with active nitrogen 

and its interaction with other substances. Metallic vapours, he 

found, were converted to the nitrides whereas various hydrocarbons, 

saturated, unsaturated and even substituted, yielded hydrogen 

cyanide with a concurrent emission of the CN spectrum. 

For a time considerable controversy existed regarding 

the influence of impurities in the production of the afterglow. 

Lewis (3), Warburg (4), Compte (5) and Tiede (6) maintained that 

s.mall amounts of either oxygen or water vapour were essential to 

emission. It was fina1ly shown be Strutt and Baker (7) and con­

firmed by Bonhoeffer and Kaminsky (8) and Herzberg (9), that these 

impurities achieved their effect by modifying the surface of the 

glass walls. 

The identity of the species responsib1e for the long-

1ived afterg1ow, the excitation of many spectral lines and the 



- 2-

chemical reactivity of active nitrogen was very largely in doubt 

during the next twenty years. Triatanic nitrogen, ionized nitrogen 

molecules, metastable molecules and atoms have all been oonsidered 

at various times. 

Trautz (10) proposed N3 in analogy to ozone. Ail attempts 

to freeze this out however failed and no peak at mass 42 was ever 

found in mass spectrometer studies (11). No evidence for the exis­

tence of 11nozone 11 can therefore be said to e.xist. 

Molecular nitrogen ions, suggested by Kaplan (12) and 

Mitra (13), cannot be reconciled with the fact that removal of 

charged particles did not affect either the afterglow or the chemical 

reactivity. Worley (14) was unable to detect the absorption linas of 

N~ in the afterglow and indeed Mitra himself (15) has changed his views. 

The great oomplexity of the many energy levels available to 

the nitrogen molecule prevented any ready identification of the 

different possible metastable states; even the currently accepted 

value for the dissociation energy was not deter.mined until 1944. 

Strutt ascribed the reactivity of the glowing gas to atomic 

nitrogen. Angerer (16), fran a study of the decey of the af'terglow 

intensity concluded that the emission resulted trom a bimolecular 

pro cess. Là. ter work by Koenig and Klinkman (17) and Kneser (18) 
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confirmed this and suggested that the afterglow decay was second order 

in the active species and first order in ordinary nitrogen. This 

evidence appeared to favour the recombination of atans as the source 

of the afterglow. 

Collisions of the second kind, i.e. ones in which excitation 

energy is gi ven up during collision, were postulated on theoretical 

grO'lUlds by Klein and Rosseland (10) in 1921. Ample experimental 

evidence for their occurence was soon found by Franck and Carlo (20). 

This led a number of investigators to propose electronically excited 

molecules as the active species in nitrogen. Saha and Sur (21) 

suggested metastable molecules of 8.5 e.v., Birge (22) favoured 

11.5 e.v. and Mulliken (23) 10.4 e.v. Willey and Rideal (24), on the 

basis of calorimetrie evidence argued for an energy content of only 

2 e.v. At first, Willey attributed the excitation of higher energy 

spectral lines to cumulative processes and chemiluminescence but 

later he concludèd that the excitation was due to a very s.mall con­

centration of atoms. 

In 1925 Sponer (25) revived interest in atamic nitrogen 

by drawing an analogy to the experimenta of Wood (26) and Bonhoeffer 

(27) with atomic hydrogen which they found persisted much beyond the 

discharge tube since the atoms could only recombine in the presence 

of a third body. This view was supported by Birge (28). Further 

evidence was obtained by Wrede (29) from the pressure differentia! 

across a porous plug. 
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Cario and Kaplan (.30) thought active nitrogen to be a 

mixture of metastable atoms in the ~ and ~ states which, in 

collisions of the second kind with molecules in the A state could 

give rise to high vibrational levels of the B state. The energies 
2 2 

of the D and P atoms, as determined b,y Compton and Boyce (31) gave 

support to this th eory sin ce they were of the appropria te vaJ.ue to 

account for the known populations of the various levels of the B state. 

Until this time the dissociation energy of nitrogen was 

still very uncertain. A number of approximations had been made on the 

basis of Birge-Sponer extrapolations. These estimates ranged fran 

11.9 e.v. by Birge and Sponer (32) through 9.1 e.v. by Herzberg (33) 

and 9.5 e.v. by Birge (34) to 8.4 e.v. by Turner and Samson (35). 

Fram sensitized fluorescence Gaviola (36) had deter.mined a value of 

9.8 e.v. and in two general critiques MUlliken (37) had advocated 

9.5 e.v. in 1929 and 9.1 e.v. in 1932. 

The afterglow of active nitrogen consists solely of the 

first positive bands of N2 and occurs principally fran the 

•l' li 6 3 Y , ll, 12 of the B 1T g state to the various levels of the 

A3I~ state. The energy of these triplet states relative to the 

singlet states was unknown until the discovery, in 1934, of the 

Vegard-Kaplan bands and their definite assignment to the transition 

A3 ~ + to -~'t"" + (.,8 .,9) 'u x-~g ~ , ~ • 
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At this very time however, when the position of the triplet 

states relative to the ground state was finally established, the 

spectroscopie climate in respect to the dissociation energy of 

nitrogen changed. A number of studies on the predissociation of the 

c3;r and the B3îf states by Kaplan (40), Herzberg and Sponer (41), 
u g 

Buttenbender and Herzberg (42) and Van der Ziel (43) led to a value of 

7.38 e.v •. for the dissociation energy of nitrogen. Acceptance of this 

value made it clearly impossible to attribute the afterglow to the re-

combination of ground state nitrogen atoms. This in turn gave support 

to mechanis.ms, for generation of the afterglow, that involved collisions 

of the second kind as proposed by Cario and Kaplan (.30), Cario (44) am 

Oldenberg (45). Meyerott (46) and Nicholls (47) suggested that a 

metastable a1ff state might be the main camponent of active nitrogen. 
g 

Gaydon (48), in 1944, proposed the value of 9.764 e.v. for 

D(N2) on the basis of a reinterpretation of predissociation data of 

Van der Ziel. A very canplete review of all the evidence may be found 

in his book on dissociation energies (49). Further evidence for this 

value bas since been reported by Kistiakowsky, Knight and Malin (5), 

Thomas, Gaydon and Brewer (51), Douglas (52) and Toennies and Greene (53). 

Considerable evidence has also been accumulated in the last 

decade that ground state atoms are the principal active species in 

active nitrogen. 
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Jackson and Schiff (11) found a large increase in the mass 

14 peak in a mass spectrameter on turning on the discharge. Two 

appearance potentials of 14.7 and 16.1 e.v. respectively were found 

for mass 14. The former is al.most certainly due to 4s atoms, the 

latter was tentatively ascribed to ln ions. Reinecke (54), who 

studied the influence of foreign gases, felt that their effect on 

the afterglow spectrum could be explained by assuming that B371 g 

molecules were formed by the recombination of two atoms in the 

presence of a third body. Heald and Beringer (55) observed the 

magnetic resonance spectrum of ground state a toms only in active 

nitrogen; they could not detect either 2n or 2P atoms. From a mass 

spectrometer study Berkowi tz, Chu pk a and Kistiakowsky (56) con­

cluded that 4s atoms are the principal component of active nitrogen. 

The,y estimated the concentration of metastable molecules to be 

negligible and identified only one appearance potential. at 14.8 e.v. 

G~don (49) first postulated the approach of two normal 

nitrogen atans along a 5 L curve followed by a radiationless trans-

ition, in the perturbing field of a third body, to the metastable 

B3 -rf state. This same explanation was favoured by Reinecke (54) 
g 

to account for the predissociation of the a11lg state. Radiation 

from the 5I: + state was detected by Herzféld and Broida (57) in the g 

products of a discharge through nitrogen frozen out at 4.2°K with 
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Liquid helium. From the kinetics of the a.fterglow Berkowitz et al. 

(56) concluded that the mechanism for the afterglow involved the steps: 

2 N (4S) + M - N2 (51:;) + M 

N2 (5ï:;) + M - N2 (B3Tig) + M 

Kistiakowsky and Warneck (58) studied the population distributions 

among the vibrational l.evels of tœ B state as a function of tempera­

ture and found that the extrapolated position of the 19000 cm-1 peak 

5~+ at 0°K coincided with the energy of the postulated L-g state. 

If only ground state atoms are present in significant 

amounts in active nitrogen, the number of electronically excited 

molecular states that need be considered is necessarily reduced to 

the following low lying states: w1l::lu, a•1Z:- 3.r- 3 ~ a1 rrg, u' u' u' 

Only estimates are available for the energies of the first 

four of these. Indeed, it is thought unlikely (60) that the 3~- and 
u 

wl L1 states would even be metastable and the lifetime of the arlz-
u u 

is not likely to be much greater than 10-4 sec. since the transition 

to the a1Tr is probably not very strongly forbidden. Theoretically 
g 

possible transitions of the 3 ~ to the s3rr state have not actually 
u g 

been observed. From the correlation rules, the only states to be ex-

pected from the recombination of two 4s atoms are the x1 _r+ AJL + 
g' u' 

5~ + and 7 'ï.. states (57). 
g 

Cario (44) and Oldenberg (45) have suggest ed that a1Tr 
g 

molecules might be formed from adjacent levels, especially the 6th., 
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of the B state. Li.chten (60) hOW'ever has recently measured a life­

time of 1. 7 x 10-4 sec. for a1rr molecules. This certainly precludes g 

an appreciable concentration of this state under the usual conditions 

of chemical reactions with active nitrogen. The even shorter 

radiative lifet:iJne (61) of the B state similarly prevents the accumu-

lation of these molecules. 

Fran the absence of the Vegard-Kaplan bands in absorption 

spectra, Herzberg (62) estimated a lifetime for the A3~ state of the 

order of 0.1 sec. or mare. Muschlitz and Goodman (63) in 1953 re­

ported a free space lifetime of the order of 2 x 10-4 sec. fran a 

molecular beam experiment. Their resulta have been criticized by 

Lichten (60) on the basis of the uncertainty in their vOltage 

calibration of the exciting electrons. He identifies the lifetime 

assigned by them to the A state wi th that of the slightly higher 

lying a
1

1fg state and sets a lower limit of 0.01 sec. to the life­

time of the A3 E + state. 
u 

Evans and Winkler (64) have suggested that molecules in 

the high vibrational levels of the ground state might be formed by 

collisional deactivation of molecules in the A state and that these 

could retain energies of the order of 5 to 6 e.v. over many collisions. 

This has been confirmed by Schwartz and Hertzfeld (65) and Lukasik 

and Young (66). The latter report lifetimes for excited vibrational 

levels of nitrogen of the order of 106 collisions. 
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REACTIONS OF ACTIVE NITROOEN 

Since 1945 a continuing study of the reactions of active 

nitrogen with various compounds, most of them organic, has been in 

progress in this laboratory. Since only the reaction with ethylene 

is pertinent to the present study, a brief review will suffies for 

much of the work done previously. 

The saturated hydrocarbons which were investigated include 

methane, ethane (67, 68), propane (69), cyclopropane (70), n-, iso­

and cyclobutane (71, 72) and neo- and cyclopentane (73, 74). The 

major, and sametimes the only nitrogenous product of these reactions 

was found to be hydrogen cyanide. Hydrogen was produced in all these 

reactions and with beth methane and ethane evidence was found for 

hydrogen atom reactions. 

The reactions of active nitrogen with unsaturated hydro­

carbons (75 - 78) were found, in general, to be faster than those with 

the corresponding saturated compounds. The reactant, present in lesser 

amount, was completely consumed. Hydrogen cyanide was the major pro­

duct but small amounts of cyanogen were also produced. The yield of 

the latter passed through a maximum when the flow rates of active 

nitrogen and the olefin were approximately equal. 

Methyl, ethyl, vinyl, propyl and isopropyl chlorides (79) 

were found to react in much the same way as the olefins, i.e. a fast 

reaction with complete consumption of the reactant not in excess. 

Hydrogen chloride and hydrogen cyanide were the principal products. 
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In the majority of the reactions the production of hydrogen 

cyanide reached a maximal or plateau value at a rather critical flow 

rate of the hydrocarbon at any one temperature. This plateau was 

generally found to increase with increase of temperature to a 

limiting value, above which further increase of temperature had little 

or no effect. 

In a recent paper Evans, Freeman ani Winkler (80) have 

reviewed these reactions and proposed a unified mechanism. Using as 

an example the reactions of propane, propylene and isopropyl chloride, 

they suggest that an identical canplex of the type 

CH3 - CH - CH2 ' / N 

is formed by the interaction of a nitrogen atom and the organic 

molecule. The authors suggest that the coulanb forces, caused by the 

interaction of the p-electrons of the carbon atom and the nitrogen 

atom, allow a very close approach of the latter without surmounting a 

large potential barrier. The loss of hydrogen or hydro~n chloride 

is facilitated by the simultaneous delocalization of the orbitals of 

the C-H and C-Cl bonds. The complex so formed may then decompose 

with the formation of HCN and a radicaJ. 

and this radical may then split off hydrogen or react further with 

active nitrogen. Both processes are probably very fast. The rate 

of formation, the energy content and therefore the lifetime of the 

com.plex are dependent on the parent canpound. Since the lifetime 
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has to be sufficient to allow the hydrogen shif'ts and spin changes 

involved, its stability will evidently influence the reaction rate. 

Forst, Evans and Winkler (81) have suggested that reaction 

of' this complex with a second nitrogen atom may l.ead to recombi.nation 

of' the nitrogen atoms. The extent of this catalytic recombination is 

a f'unction of the lif'etime of the complex. Since this quantity de­

creases wi th rising temperature, this may explain the variation in 

limiting hydrogen cyanide production with temperature. 

One reaction only, of' th ose studied in this laboratory, 

did not appear to admit of an explanation in terms of' nitrogen atoms. 

Freeman and Winkler (82) f'ound that ammonia, though it diminishes 

the intensity of the nitrogen af'terglow, does not extinguish it. 

The amount of' ammonia destrqyed by reaction with active nitrogen, 

which was apparently temperature independant, amounted to only one 

sixth of the hydrogen cyanide f'or.med in the reaction with ethylene 

under conditions of' complete reaction with active nitrogen. Never­

theless the reaction seems to be very fast since ail the ammonia is 

destroyed at flow rates below the critical value. The anmonia 

reaction appears to be trul.y unique; the analogous phosphorous 

compound, PH
3
, was destroyed at a rate equal to one half the active 

nitrogen flow rate (83), wbich suggested the mechanism 

--
The reaction of active nitrogen with nitric oxide, the 

subject of the present study, was f'irst investigated by strutt (84, 85). 
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He observed a greenish-yellow reaction !lame with a cantinuous 

spectrum when either NO or N02 were introduced into an active nitrogen 

stream. The appearance of this same !lame when ozone reacted with 

these oxides or when they were fed into a Bunsen Flame, led him to 

ascribe it to an excited N02 molecule. He proposed the mechanism 

2NO + N -

N02 + NO cold • trap 

on the basis of Which he ooncluded that the active nitrogen flow rate 

could be estimated by weighing the amount of N2o3 formed. He found 

the energy liberated by active nitrogen on a copper oxide gauze to be 

comparable with the beat liberated in the NO active nitrogen re-

action (86). 

Willey and Rideal (24) reacted NO with active nitrogen and 

measured the temperature rise when equilibrium was attained in a 

calorimeter surrounding the reaction vessel, By determining the 

electrical power necessary to achieve the same temperature rise in 

the absence of active nitrogen, they obtained a measure of the heat 

liberated by the reaction. Assaming that the reaction proceeded by 

the steps: 

* * N2 +NO - NO + N2 

* NO + NO - N2 + 02 

2NO + 02 
cold 
trap • 

2 N02 

they used the amount of N02 as a measure of the active nitrogen 

present. They ooncluded that active nitrogen had an "endothermicity" 
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of approximately 43 kcal. per mole, i.e. that the excited molecules 

to 'Which the activity was attributed carried excess energy to the 

extent of 43 kcal. per mole. 

Spealman and Rodebush (87) studied the reaction of NO and 

N02 with both active nitrogen and oxygen and explained their resulta 

in terms of the reactions: 

N + NO - N2 + 0 (1) 

N + N02 - 2 NO (2) 

N + N02 - N2 + 02 (3) 

0 +NO - N02 (4) 

0 + N02 
-. NO + 02 (5) 

They estimated their active nitrogen flow rate by measuring the NO 

produced from N02 by reaction (2) and assumed reaction (3) to be slow 

in comparisan. They observed a blue glow at low flow rates of both 

reactants and the greenish-yellow flame of excited N02 at higher flow 

rates. The green glow disappeared when a large excess of N02 was used 

but did not disappear a.t any flow rate of NO. 

The blue glow emitted when NO or N02 are introduced into an 

excess of active nitrogen is due to the (3 bands of nitric oxide (SS, 

S9). Kaufman and Kelso (90) made a study of the emission spectrum. of 

a discharge through N14o and N15o and measured the isotope shifts of 

the band heads. When N15o was introduced into active nitrogen, only 
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the j3 bands of N14o were observed. They concluded that the emission 

must be due to the reactions 

N + 0 ~ * NO NO + h.J 

KistiakowSky and Volpi (91) recently reported an investiga-

tion of the reactions of active nitrogen with NO and N02 with a mass 

spectrameter. Oxygen proved to be the anly measurable product of the 

reaction with NO; other oxides of nitrogen were not found. They pro-

posed the following reaction mechanisn 

N + NO ___. 
N2 + 0 (1) 

* (2) 0 +NO - N02 

* (3) N02 --+ NO+ 0 

* (4) N02 + M - N02 + M 

0 + N02 - NO+ 02 (5) 

At a sharply defined flow rate of NO, the effluent gas began to contain 

unreacted NO, which indicates that aJ.l the NO was destroyed as long as 

active nitrogen was in excess. Fran an estimate that their mass 

spectrometer could just have detected 0.02% NO, the.y determined a 

lower limit for the rate constant of reaction (1) of 4 x 1011 cc./~ole 

sec. 

Nitrous oxide and molecular nitrogen were both found among 

the products of the N02 reaction. When the N02 was in excess over 

active nitrogen both NO and N02 were also among the effluent gases; 

quantitative measurement of NO was not possible however because of the 

contribution of N02 to the mass 30 peak with the electron energy used. 
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The mole ratio of NO to N02 destroyed under the same conditions was 

uni ty wi thin 20% as detennined from the break in the ir effluent con­

centrations. The production of N20 showed a maximum equal to about 

10% of the active nitrogen flow rate when the inflowing N02 was 

approxim.ately one half the active nitrogen flow rate. It slowly rose 

again, from a minimum at equimolar concentrations of N02 and active 

nitrogen, to a value of approximately 30% of the active nitrogen flow 

rate when N02 was in tenfold excess. The concm tration of molecular 

o:xygen in the products rose linearly with N02 flow rate to a maximum 

at equimolar quantitites of N02 and active nitrogen and then declined 

slowly to sorne 80% of i ts maximum value • In a number of e:xperiments, 

where equimolar mixtures of NO and N02 were introduced into the re­

action vassel, the yield of N20 was found to be ver,r much reduced 

especiaJ..ly at low reactant flow rates. 

The authors attributed the maximum and minimum in the 

amount of N20 produced to a reaction mecha.nism involving 

N + N02 - N20 + 0 (6) 

0 + N02 - NO + 02 (5) 

N +NO ----... N2 + 0 (1) 

If the steady state concentration of atamic nitrogen is assumed to 

decrease linearly with increasing N02 flow rate, a maximum is indeed 

to be expected. Tœ ma.rked reduction in N20 fonnation from mixtures 

of NO and N02 was cited as evidence that reactions (1) and (5) were 
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raster than (6). The asymptotic tise of N20 yield at high N02 

concentrations was attributed to the preponderance of reactions 

( 5) and ( 6). The folladng reactions 

-
(7) 

(8) 

were also invoked, reaction (7) to account for the ratio of 02/NZO 

which was l.arger than unity and reaction (8) to account for the slow 

decrease in 02 yield beyond equimolar nitrogen atam-N02 mixtures. 

A suggested explanation for the rise in N20 formation fran 

mixtures of NO and N02 reacting with active nitrogen, involved the 

reaction of vibrationally excited NO molecules according to the 

mecha.niam 

0 

* NO + N02 -
(9) 

(10) 

Since atomic oxygen is procl.uced in these reactions of active 

nitrogen, a brief review of the reactions of oxygen atoms with NO and 

N02 would seem to be appropriate. 

Indirect measurements of the rate constants of the reaction 

NO + 0 + M - N02 + M (1) 

by Kau:tman, Gerri and Bowman (92) and Fard and Endow (93) gave values 

of 6 x 101 5 and 1.8 x 1016 cc.2/mole2 sec. respectively. Assuming that 

the light intensity due to the reaction 
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NO + 0 - (2) 

is proportional to the atomic oxygen concentration, Kau.tman (94) has 

recentl.y determined a value for the rate constant of reaction (1) of 

2 x 1016 cc.2/mo1e2 sec. with argon ar mo1ecular nitrogen as the third 

body. This is in excellent agreement with the value of 2.15 x 1016 

cc.2/mole sec. found from an isotherma1 calorimetry study (95). 

Ford and Endow ( 93) calcula. ted a rate constant for the 

reaction 

(3) 

of 2.1 x 1o12 cc./mole sec. Kaufman (94) found a 1ower limit of 

1oll cc./mo1e sec. for reaction (3) ldl.i1e Kistiakowsky and Kydd (96) 

set a 1ower limit of 10l2 cc./mo1e sec. 

It follows from these data that, in the jressure range of 1 to 

3 mm., where active nitrogen reactions are usually studied, reaction (3) 

is some 500 tizœ s :raster than reaction (1). This was experimentally con­

finned (97) by mass spectrameter etudies; the ratio of NO to N02, in 

the presence of excess oxygen atams, was found to reach a value between 

30 and 200 when ei ther NO or N02 were introduced into atomic ozygen. 

Kaufman (94) has recently made use of the Elllission reaction (2) 1 

which occurs as long as atomic oxygen is present, to measure its concen­

tration. When an amount of N02, equal to the amount of oxygen atans is 

added, the latter are presumab1y al1 removed by reaction (3) and the 

abrupt di sappearance of the green afterglow indicates the "end point" of 
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tha titration. It has been found however (95) that the oxygen atan 

concentration, measured by this technique, was only 85% of the value 

indicated by the heat given up at a silver wire on which the atoms 

reeombined. In addition, reaction (2) apreared to be incompletely 

suppressed since a certain amount of radiation was still visible when 

an excess of N02 was introduced into the atomic oxygen stream. 

THE PRESENT FROBLEM 

In previous etudies in this laboratory i t ha.s frequentJ.y 

been assumed tha.t active nitrogen concentrations could be taken to 

correspond to the essential.ly constant (within 10%) limiting amount 

of hydrogen cyanide produced in the reactions of active nitrogen with 

both unsubstituted and substituted hydrocarbons at elevated temperature. 

The constancy of the limi ting yields are especially evident with fast 

reactions su ch as tho se of ethylene and methyl chloride. The author 

has found, for example, that the flowrate of active nitrogen, deter-

mined from the hydrogen cyanide yield fran these two reactions, was 

* identical within the limits of experimental error. 

Wrede gauge measurements of the concentration of atornic 

nitrogen (67, 75) were also in good agreement with the values deduced 

fran hydrogen cyanide formation. 

* These data were obtained during ~rk that was p:-eliminary to 
the investigation reported in this thesis. 
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On the other hand, the concentration o:f active nitrogen 

indicated by the amount of amnonia destroyed proved to be exceptionally 

law and strongly suggested in fact, that amnonia reacted with only one 

of two (or more) chemically active species in active nitrogen. 

Since earlier work by other investigators (85, 24, 87) had 

indicated that the extent of the active nitrogen NO reaction rnight be 

used as a œasure of the concentration of the :former, it was decided 

that the reactions of active nitrogen with oxides of nitrogen should 

be reinvestigated with the equipnent and procedures used in this 

laboratory in an ef:fort to resolve the apparent discrepanc.y between 

the estimates of active nitrogen concentrations based on the hydre­

carbon and ammonia reactions. 
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EXPERIMENTAL 

MATERIALS 

Nitric oxide was obtained from the Matheson Co. It contained 

N2 , N20, N2o3 
and NO as impurities. Nitrogen was pum.ped off while the 

nitric oxide was kept at liquid nitrogen temJ:erature. N203 and N02 were 

removed by two distillations from a frozen pentane bath at -l30°C. 

Finally, the nitric o:x:tde was allc:Med to warm to its zœlting point and 

the gas bled off slowly so that the distillation occurred under 

appro:x:l.mately equilibrium conditions. Infra-red analysis of the product 

showed it to contain no traces of higher oxides and, fran the very 

intense band at 2240 cm-1 , to oontain less than 0.3% nitrous oxide. 

Nitrogen dioxide was prepared by treating purified nitric 

oxide with an excess of o.xygen di stilled from liquid o.xygen. When the 

deep blue colour of N2o3 was no longer visible in the condensed 

material, the excess o.xygen was pumped off. Halocarbon stopcock grease, 

conta.ining no hydrogen, was used in all parts of the system in contact 

w.i. th the nitrogen dio:x:l.de. The ni trogen dioxide was norma.lly kept 

frozen, when not in use, to prevent photochemical decomposition. Fre­

quent checks were made far the presence of N2o3 and, whenever necessar.y, 

the oxidation was repeated. 

Ethylene, 99% pure, was obtained fran the Ohio Chemical Co., 

and further purified by degassing at -196°C1 followed by two bulb to 

bulb distillations from which only the middle fractions were used. 
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Commercial anhydrous ammonia was obtained fran Canadian 

Industries Ltd., and twice vacuum distilled. 

Dry-pumped nitrogen, 99.7% pure, was obtained from Linde 

Air Products Co. Mass spectrometrie analysis confirmed that it 

contained less than 0.2% oxygen and only a trace of argon. It was 

passed over copper turnings at 350°C and through a cold trap prior 

to use. 

APPARATUS 

The apparatus was essentially similar to that used in 

previous investigations of active nitrogen reactions in this labora­

tory. 

A line drawing of the apJ;B.ratus is shawn in Figure 1. 

Nitrogen, from a cylinder, passed through a simple dibutyl phthalate 

manostat, through a tube containing copper turnings maintained at 

350-375°C by a furnace A, through a trap surrounded b.Y liquid nitrogen 

or a dry-ice acetone mixture and finally through the drawn-out 

capillary of the flowmeter B. The flow rate through this capillary 

was determined fran the rate of evacuation of a known volume and the 

flow head œ asured by the manameter ~. 

Fran the flowneter, the nitrogen passed into the ends of the 

V-shaped discharge tube c, made of 25 nm. tubing with a distance of 

52 cm. between the aluminum electrodes, then out through the center, 



- 22 -

through 12 cm. of 18 mm. tubing into a 300 cc. spherical reaction 

vessel which could be surrounded by a furnace and which wa.s provided 

with a thermocouple well and an inlet for reactant. A second reaction 

vessel, Figure 2, consisted of 140 an. of 18 mm. tubing, connected 

immediately below the center of the discharge tube through a con­

striction. Into the side of this tube, at different distances down­

stream., were placed 6 reactan t inlets; by a system of stopcocks the 

reactant could be admitted through any one of these. The entire 

reaction tube was wrapped with glass tape and nichrome wire, arranged 

so that the space between any two inlets could be raised to the de­

sired temperature. The inner walls of the discharge tube and both 

reaction vessels were poisoned with 5% metaphosphoric acid to reduce 

heterogeneous atom recombination. 

Ethylene, ammonia and nitric axide flow rates were deter.mined 

from the pressure drop in a calibrated volume over a kno~ time, assuming 

the gases to be ideal. Different flow rates of reactant were obtained 

by varying the pressure, measured by manometer M2, across the capillary 

flowmeter D. During any one experiment, this flow he ad w as kept 

constant by lea.king in gas from the calibrated volume E through the 

needle valve F. A ballast volume G in this line provided an adequate 

time constant for the system. 

Beeause nitrogen dioxide is pirtially dim.erized under the 

experimental conditions, the calibrated volume was not used in the 

nitrogen dioxide flow system and the gas was piSSed directly from a 
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FIGURE 1 

DIAGRAM OF APPJRATUS 
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FIGURE 2 

SECOND REACTION VESSEL 

(long tube) 
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large storage bulb, through a needle valve, to the flowmeter • . A series 

of experimenta were made without a discharge through the nitrogen, to 

establish the relation between pressure across the flowmeter and flow 

rate of nitrogen dioxide. The flow rate proved to be a nearly linear 

function of pressure, reproducible to within better than 2%. 

Before each experiment with nitric oxide or nitrogen dioxide 

the trap H was surrounded with liquid ni trogen, which was then boiled 

at reduced pressure until the nitrogen reached its freezing point at 

-210°C., with an equilibrium vapour pressure of 10 cm. During the 

twenty minutes of pumping prior to an ex}:eriment, an appreciable 

fraction of tœ nitrogen froze and only about one third was lost by 

evaporation. A series of experiments, in the absence of active 

nitrogen, established that nitric oxide could be trapped quantitatively 

in this manner. At flow rates where active nitrogen was in excess of 

either nitric oxide or nitrogen dioxide, ozone formation occurred in 

the cold trap; when this had been confirmed by an explosion, a small 

coil, -wound from two feet of silver wire, was pl.aced a.head of the trap. 

Ozone fonnation was completely eliminated by this deviee, presumably by 

catalyzing the recombmation of oxygen atoms, without in a1y other wa:y 

affecting the behaviour of the s,ystem. 

During experimenta with ethylene, the trap H was simply 

immersed in liquid nitrogen. The products of interest in this study, 

hydrogen cyanide and cyanogen, were quantitatively removed from the gas 

stream. Similarly, excess reactant from the ammonia reaction was all 

retained in such a trap. 
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The discharge circuit is shown in Figure 3. A half-wave 

rectifier, usi.ng two 866-A tubes in pa.rallel, ch arged the capacitor C 

until at the breakdo'Wl'l voltage of the gas in the discharge tube, the 

capacitor discharged very quickly and the cycle was repeated. The 

capacitance of C could be varied to control the energy input and a 

variable resistance R controlled the time constant of the circuit. 

The rate at which C became charged could also be controlled by the 

autotransfonner in the primary of the plate transformer. Voltage 

regulated power and line isolation were provided by two Sola constant 

voltage transformera. 

At the start of each experiment with the spherical reaction 

vessel, the discharge was turned on and the temperature at a thermo­

couple well in the active nitrogen stream allowed to reach a steady 

value. Equal temperatures were assumed to œan equal concentrations 

of active nitrogen. The discharge frequency throughout these ex­

perimenta was held at 12 nashes per second as detennined with an 

oscilloscope which recorded the voltage on a voltage divider across 

the capacitor c. The stepwise charging rate of the half-wave recti­

fier provided a convenient time base. Unfortunately the voltage 

d.ivider appeared to reduce the long term stability of the discharge 

rate and was disconnected during most of the experimente. An improved 

method was used with the secorrl long tube reaction vessel. A type 929 

phototube was placed near the discharge tube, the pulse caused by each 

discharge being recorded by a Brush recording oscillograph. The dis­

charge frequency wa.s held at 20 flashes per second duri.ng these later 

experimenta. 
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FIGURE 3 

DIAGRAM OF DISCHARGE CIRCUIT 
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ANALYSIS 

The analytical procedure used by Willey and Rideal (24) 

assumed that al.l of the oxygen fonned in the acti. ve nitrogen NO reaction 

combined with excess nitric oxide in the cold trap to produce N02• An 

attempt was made to apply their method in the present study; but after 

repeated checks of the method with known amounts of nitric oxide and 

oxygen, it was necessary to conclude that the method was incapable of 

reproducible results. 

Considerable time was spent in efforts to develop a satis­

factory modification of the method. In outline, the approach was to 

sample the effluent gases Wi.th a 1 liter bulb which had been evacuated 

before the experiment and to oxidize the nitrogen oxides to nitric acid 

via the cycle 

2NO + 02 - 2N02 

2N02 + H20 - HNO; + HN02 

2HN02 - H20 + NO + N02 

The nitric acid formed was then taken up in base and determined by back 

titration. After many refinements of the technique, it was finally 

possible to obtain between 85 and 100% of the theoretical yield of 

ni tric a cid, but better accuracy could not be achieved. Similar ex­

perimente with ammonia and care.f'ul checking of each step showed that 
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the difficulty was due to incomplete oxidation to nitric acid. 

The method finally used consisted of the following. The 

products of the nitric axide reaction, condensed in the cold trap 

during an experiment, were distilled into a bulb of kno~ volume J 

to which was attached a manometer M4• An excess of oxygen was ad­

mitted and the mixture altemately expanded and oondensed to insure 

complete oxidation of any unreacted nitric oxide. The nitrogen 

dioxide was then frozen out, any excess oxygen pumped off, the 

nitrogen dioxide expanded and its pressure measured at 25°C. 

Pressure concentration relations for nitrogen dioxide were obtained 

from Verhoek and Daniele (98). Several experimenta with a known 

quanti ty of pure ni tric oxide showed tha t the method was capable of 

analytical data wi thin !2% of the absolu te amount of NO taken. 

The products of the nitrogen dioxide reaction were dis-

tilled into this sam.e bulb J • A kno~ p-essure of oxygen P]. was 

ad.mitted, ail nitric oxide in the mixture oxidized and the pressure 

p2 measured. Unreacted oxygen was then pumped off while the other 

products were kept at liquid nitrogen temperature and the pressure p
3 

determined. The partial pressure of nitr.ic oxide could then be obtained 

from the expression 

~0 = 2 (P]_ + p3 - p2) 

Finally the gases were again condensed and the bulb surrounded with a 

dry ica-acetone bath. Nitrous oxide was pumped off and the pressure of 
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nitrogen dioxide p
4 

measured. The partial pressure of nitrous oxide 

was given by p.3-p4, while p4 gave the sum of nitric oxide and unreacted 

nitrogen dioxide. All pressure measurements were made at 25°C. 

To determine the hydrogen c.yanide produced in the ethylene 

reaction, the products were distilled fran the cold trap into a removable 

absorber oontaining 15 ml. of distilled water and frozen with liquid 

nitrogen. A layer of carbon tetrachloride frozen around the products 

trap during the distillation and rapid warming of the water in the 

absorber after the distillation, prevented polymerization of the 

}lydrogen cyanide. The trap was then opened to the atmosphere and the 

nydrogen cyanide determined argentimetrical~ according to the Liebig­

Deniges method (99). Cyanogen was determined according to the method 

of Wallis and Rhodes (100); details of the method may be found in a 

thesis by Klassen (74). 

Unreacted ammonia was determined b,y distilling it into a 

removable absorber containing a known amount of 0.1 N acid and back 

titra ting with base. 



- 31 -

RESULTS 

NITRIC onDE 

When nitric oxide wae introd.uced into the active nitrogen 

stream in very small quantities, a purple-blue glow became mixed with 

the yellow Lewis-Rayleigh afterglow immediately below the nitric 

oxide inlet. The blue afterglowwas very long-lived and, in the 

absence of a cold trap in the line, could be seen to the pump. 

The "coexistence11 of the yellow and blue afterglows could be very 

convincingly demonstrated b.Y placing a coil of silver wire in the 

gas stream. The silver completely quenched the blue glow but left 

yellow afterglow to extend beyond it, apparently unaffected. On in­

creasing the now rate of nitric oxide, the blue glow became more 

intense while the yellow glow diminished un til i t could no longer be 

discerned beyond the silver wire. A further increase in the ni tric 

oxide flow rate brought about an abrupt change. The region of blue 

glow contracted to but a few millimeters below the reactant inlet and 

was then replaced by a yellow-green afterglow. This green glow was 

equally as long-lived as the blue, and could also be quenched b.Y a 

cold trap or a silver wire. still larger flow rates of nitric oxide 

caused the blue layer to be reduced to a thin 11disk 11 which never com­

pletely disappeared. 

It was found that, at any flow rate of nitric oxide in­

sufficient to cause the green afterglow, only ozone could be condensed 
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in the cold trap. The silver wire ahead of the trap prevented ozone 

formation but no measurable quantities of nitrogen œcides were re­

covered. At flow rates where the green afterglow was produced, nitric 

oxide and ni trogen dioxide were both recovered. No ni trous o:xide was 

recovered at any flow rate of nitric axide. 

NI'IROGEN DIO:XIDE 

As with nitric oxi.de, low flow rates of nitrogen dioxide, 

admitted to the active nitrogen stream, caused a blue glow which be­

came more intense with increasing nitrogen dioxide flow rate. An 

abrupt transition again took place to the yellow-green afterglow, with 

only a thin layer of the blue glow persisting between the yellow 

nitrogen afterglow and the green glow. Further increase in the reactant 

flow caused the green afterglow also to be reduced suddenly tc a thin, 

barely visible layer beyond which point no glow was visible. The ratio 

of the ni trogen dioxide flow rate at which the green glow "eut off" to 

the nitrogen dioxide flow rate at which the green glow appeared, was 

deter.mined at three different energy inputs to the discharge tube. 

This ratio was found to be 1.8 reproducible to within 0.1. 

At flow rates of nitrogen dioxide where only the blue after­

glow could be seen, nitrous oxide was the only condensible product; 

the silver wire was placed ahead of the products trap to prevent ozone 

formation. In the region of the green afterglow and beyond, nitric 

oxide and nitrogen dioxide were recovered as well as nitrous oxi.de. 
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EFFEC'l' OF PCWER INPUT 

The flow rate of molecular nitrogen, in these experimenta 

with the spherical reaction vassel, was 180 micro-moles per second. 

With the discharge rate maintained at 12 flashes per second, the 

pressure in the reaction vassel was 1.67 mm. Variations in this 

pressure did not exceed 0.05: mm. when reactant was admitted. 

The amount of nitric oxide destroyed was determined for 

each of five different energy inputs to the discharge tube. The 

energy input was varied over a range of 16 to 1 by changing the 

capacitance in the discharge circuit; 0.25, 0.50, 1.0, 2.0 and 

4.0 microfarads were the actual values used. '!he results are shown 

in Table I and Figure 4. It must be pointed out that any ni trogen 

dioxide recovered was considered equivalent to the same amount of 

nitric oxide recovered. 

The maximal amounts of hydrogen cyanide produced in the 

active nitrogen-etnylene reaction were determined under the same 

conditions as those used for measuring the destruction of nitric 

oxide. All determinations were made in the range of 300° to 400•C 

where hydrogen cyanide yields were independant of temperature. The 

results are shawn in Table II and Figure 5. The rate of cyanogen 

production was measured in a series ar experimenta with 2 microfarads 

in the discharge circuit with the results shown in Table III. The rate 

of cyanogen production, under conditions of limiting hydrogen cyanide 

production, was 0.1 micr~oles per second and thus equivalent to 0.2 
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TABLE I 

REACTION OF ACTIVE NI'IROGEN WITH NI'IRIC OllDE 

Capacitance Temp. NO Flow Rate NO destroyed 
~fd oc (moleLsec.~ ~moleLsecJ 

0.25 400 10.9 x 10-6 2.7 x 10-6 

400 11.0 2.9 
400 15.9 3.4 
400 19.9 3.5 
400 23.9 3.3 

0.50 400 21.4 6.8 
400 25.4 7.0 
400 30.0 7.4 
400 34.2 7.8 

1.0 400 21.0 11.0 
400 30.0 11.8 
400 34.8 12.0 

2.0 300 21.0 15.6 
300 30.0 16.0 

31.0 16.0 
400 34.5 16.0 

4.0 400 24.4 21.1 
400 28.6 21.9 
400 33.0 21.3 
400 33.5 21.6 
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FIGURE 4 

NO Flow Rate vs NO destroyed 
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TABLE II 

REACTIOO OF ACTIVE NI'lROOEN WITH ETHYLENE 

Capacitance Temp. c2H4 Flow Rate HCN produced 

Jif'd oc (mole/sec,) (mole/sec.) 
> 

0,25 400 4.S x lo-6 2.2 x 10-6 
400 9.8 2,1 
400 10.1 l,S 
400 24.1 2.3 

0.50 400 13.7 4.1 
400 15.4 4.3 
400 24.3 4.2 

1.0 400 10,1 7.8 
400 17,1 7.8 
400 24.2 7.9 

2.0 400 2,0 3.0 
300 3.6 5.9 
300 6.6 9.1 
300 6.9 10.1 
300 10.3 10.7 
300 10.3 10.6 
300 13.7 10.9 
300 17.1 11.2 
300 20.6 11.3 
440 24.2 11.5 
440 27.8 ll.1 
440 33.4 11.2 

4.0 400 6.6 9.5 
400 10,0 11.9 
400 13.3 12.8 
400 13.7 12,8 
400 16.9 13.3 
400 17.1 14.7 
400 17.1 14.8 
400 20,2 13.9 
400 23.6 14.5 
400 33.0 14.1 
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TABLE LII 

REACTION OF ACTIVE NITROGEN WI'IH ET!fYLb:NE 

Capacitance Temp. C2H4 Flow Rate C2N2 produced 
tdd oc 

' 
(mole/sec.) (mole/sec.) 

2.0 400 1.9 x 10-6 0.15 x 10-6 

400 3.6 0.225 
400 4.9 0.225 
400 6.6 0.17 
400 8.3 0.17 
400 10.2 0.11 
400 13.8 o.1o 
400 28.0 o.o8 
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FIGURE 5 
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FIGURE 6 

NO de stroyed and HCN produced :!,!à 
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TABLE IV 

Capacitance NO destroyed HCN produced Ratio NO 
pfd (mole/sec.) (mole/sec.) miN 

> 

0.25 3.2 x 10-6 2.1 x lo-6 1.52 

0.50 7.2 4.2 1.71 

1.0 11.6 7.8 1.49 

2.0 15.9 11.3 1.41 

4.0 21.5 14.2 1.51 
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micro-moles per second of hydrogen cyanide. Since this was wi thin the 

experimental error of the hydrogen cyanide determination, the contri­

bution of cyanogen wae neglected. 

A canparison of the amount of nitric oxide destroyed and the 

amount of hydrogen cyanide produced as a function of the capacitance 

in the discharge circuit is shown in Figure 6. As may be seen in 

Table IV, the ratio of nitric axide destroyed to hydrogen cyanide 

produced was, within the limita of experimental error, constant over 

a wide range of active nitrogen flow rates. 

COMPARISON OF THE NO, N02, NH3 AND C2H4 REACTIONS. 

With a molecular nitrogen flowrate of 170 micro-moles per 

second and a discharge rate of 20 flashes per second, the pressure 

in the second long tube reaction vessel was 1.90 mm. :hall variations, 

of the order of 0.05 mm., at different reactant inlets, were attributed 

to turbulence caused by the inlets themselves. 

In Table V and Figure 7 are shown the amounts of nitric 

oxide destrqyed at each inlet of the reaction tube. Where no temp­

erature is indicated, the walls of the reaction tube were not heated 

and the temperature not measured. Fran other etudies in this laboratory 

with a similar reaction tube,* it has been found that, in the absence 

of reactant, the temperature of the gas stream ranges from approximately 

* Private conmunication fran Dr. R. Back 
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l00 41 C at the top to sane .40° C at the bottom inlet. No change in the 

amount of nitric oxide destroyed was observed over the range fran 100• 

to 370°C at the first · inlet. 

The amounts of ammonia destroyed at different distances dawn­

stream are shown in Table VI and Figure 8. The reaction tube was not 

heated during these experimenta. 

Table VII and Figure 9 show the maximal hydrogen cyanide 

production at the different inlets of the reaction tube. Ail these 

experimente were made with the walls immediately below the reactant 

inlet heated to 300•C or higher. 

The resu.lts of experimente wi th ni trogen dioxide at the 

first reactant inlet, with an unheated reaction tube and with the tube 

heated to 300•C, are shawn in Table VIII and Figures 10, 11 and 12. 

Figure 13 shOHs the amounts of nitric oxide and ammonia 

destroyed, and of hydrogen cyanide produced as functions of distance 

below the first reactant inlet. The ratio of nitric oxide destroyed 

to hydrogen cyanide produced, given in Table IX, appeared to increase 

with distance from the discharge tube. However the change was slight 

and of the same order of magnitude as the experimental uncertainty. 

The ratio of nitric oxide destroyed to hydrogen cyanide 

formed was also studied briefly as a function of pressure, at the first 

inlet only. At a pressure of 0.9 mm., one half the nonnal operating 
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TABLE V 

RE.AC'I'ION OF ACTIVE NI'IROGEN WITH NITRIC OXIDE 

Distance below Temp. NO Flow Rate NO destroyed 
1st Inlet - cm, oc (mole/sec.) Mole/sec,) 

0 23,8 x 10 -6 19.3 x 10 -6 

300 23,8 18.0 
300 28,1 18,6 

28.3 18.1 
28.4 18.3 
29,0 18.7 

300 32.7 18,6 
300 32,8 18.7 
370 33.4 18.9 
300 37.8 19,0 

19,8 14.9 
24.2 14.2 
29,2 14.8 

40 15.1 11.3 
19.9 11.5 
23.8 10.9 

60 15.6 9.9 
19.5 9.4 
24.0 9.4 

80 15.6 8.6 
19.5 8.9 

120 15.1 6.7 
19.7 7.1 
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FIGURE 7 

NO Flow Rate !! NO de stroyed 

0 0 cm. below lst inlet 

6 0 cm • (300•C) 

• 20 cm • 

• 40 cm. 

'V 60 cm • 

• 80 cm. 

0 120 cm. 
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TABlE VI 

REACTION OF ACTIVE NITROGEN WITH AMMONIA 

Distance below NH3 Flow Rate NH3 de stroyed 
lst Inlet - an. (mole/sec.) (mole/sec.) 

0 10.2 x 10-6 2.4 x 10-6 
16.8 2.3 

20 10.0 1.7 
16.6 1.4 

10.3 0.9 
16.2 0.9 

120 6.9 0.4 
10.0 0.4 
15.0 o.6 
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TABLE VII 

REACTION OF AC'l'IVE NITROGEN WITH ETHYLENE 

Distance below Temp. C2H4 Flow Rate HCN produced 
lst Inlet - cm. •C (mole/sec.) (mole/sec.) 

0 300 12.2 x 10-6 13.5 x 10-6 

300 13.5 13.9 
300 15.7 14.1 
300 19.4 13.9 

20 310 11.9 10.5 
360 15.3 10.4 

350 9.8 8.2 
390 13.8 8.3 

60 340 8.4 7.0 
325 11.8 7.0 

80 300 8.1 6.1 
320 11.8 6.3 

120 380 8.5 4.7 
300 11.8 4.5 



- 47 -

FIGURE 8 

Nlf:3 Flow Rate .!.! NH3 destroyed 

0 0 cm. below lat inlet 

e 20 an. 

A 40 cm. 

0 120 cm. 

FIGURE 9 

C2H4 Flow Rate !! HCN produced 
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TABLE VIII 

REACTION OF ACTIVE NITROOEN WITH NITROC..EN DIOXIDE. 

N02 NO N02 NO + N02 N20 N-o.xides N20 +Loss 02 
Temp. Flow Rate recovered recovered recovered produced losa N-oxides produced 

oc mole/sec.:. moleLsec. moleLsec. mo1eLsec. moleLsec. mo1eLsec. moleLsec . mo1eLsec. 

300 7.6xlo-6 - - -- o.lxlo-6 2.5xl0-6 5.0xlo-6 7.5xl0-6 6.3xlo-6 t; 
300 12.5 -- -- 0.2 3.3 9.3 12.3 11.3 
300 17.6 1.9 2.3 4.1 3.6 9.9 13.5 12.5 

17.6 2.0 1.1 3.1 4.8 9.7 14.5 13.1 
300 23.0 3.9 4.7 8.6 4.3 10.1 14.4 14.2 
300 23.0 4.7 4.8 9.5 4.3 9.2 13.5 13.7 
300 28.8 6.3 8.7 15.0 4.5 9.3 13.8 14.7 

28.8 8.2 6.5 14.7 4.8 9.3 14.1 15.8 
34.2 8.2 11.6 19.8 4.4 10.0 14.4 16.3 
34.2 9.9 10.3 20.2 4.6 9.4 14.0 16.6 
39.9 10.8 15.6 26.4 4.9 8.6 13.5 16.5 
45.5 11.7 19.0 30.7 5.2 9.1 14.3 18.1 
45.5 11.9 19.9 31.8 4.9 8.8 13.7 17.2 

300 45.5 12.6 19.5 32.1 5.2 8.2 13.4 17.1 
51.0 13.0 23.2 36.2 5.2 9.6 14.8 18.7 
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FIGURE 10 

6 N02 recovered 

e N02 recovered (300°C) 

0 NO + N02 rec 1d 

\1 NO + N02 rec'd (300°C) 
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FIGURE ll 

N02 Flow Rate !! 

() N2o produced 

\7 N2o produced (Joooc) 

tt N20 + N oxides lost 

~ N20 + N oxides lost (JOO•C) 
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FIGURE 12 

N02 Flow Rate ~ 

• NO recovered 

\7 NO recovered (3oooc) 

0 02 produced 

6. 02 prod.uced {.300oC) 
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FIGURE 13 

Distance below lst Inlet !! 

0 NO destroyed 

(] HCN produced 

\1 NH
3 

destroyed 
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TABLE IX 

Distance below NO destroyed HCN produced Ratio NO 
lst. Inlet - cm. (mole/sec.) (mole/sec.) HCN 

0 18.7 x lo-6 13.9 x lo-6 1.35 

20 14.6 10.5 1.39 

40 11.2 8.3 1.36 

(:jJ 9.6 7.0 1.37 

00 8.7 6.2 1.40 

120 6.9 4.6 1.50 
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pressure, the admission of reactant sensibly altered the total pressure 

and the ratio of 1.4 which was measured is probably of doubtful sig-

nit'icance. The ratio was also determined at a total pressure of .3.8 mm. 

which was al.most twice normal, and a value of 1. 7.3 found. Experimenta 

at still higher pressures were unfortunately not possible owing to the 

difficulties of obtaining a stable discharge in this region. 

The characteristic emission spectra observed when these two 

axides of nitrogen were present in concentrations less than and greater 

than that of the active nitrogen, suggested a possible method of de-

termining rate constants for the reactions. 

The (3 bands of NO in these systems are known (90) to be due 

to the reaction 

* N+O-NO- NO + hv 

Their appearance in any portion of the apparatus is theret'ore an in-

dication that nitrogen ato.ms are present in that portion. This blue 

glow was visible below the reactant inlet at all flowrates of NO or 

N02• However the yellow-green glow due to 

-
was visible only when inflowing NO or N0

2 
were in excess of the active 

nitrogen, i.e. when unreacted oxides were present. This simultaneous 

appearance of the green glow with the recover,y of reactant was con-

finned many times and might serve as a 11titration11 for active nitrogen 

analogous to the titration of o.xygen atoms with N02 proposed by 
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Kaufm.an (94). It would appear therefore that the process leading to 

* emission .fran N02 is slower than the reactions o.f ni trogen atoms with 

either NO or N02 and does not occur in the presence o.f atamic nitrogen. 

This in turn means that essentially all the active nitrogen reaction 

occurs in the region where the j3 bands o.f NO are visible. A measure 

o.f the reaction time is therefore possible from the length of this re-

gion and the linear velocity of the gas in the reaction tube. 

If we assume a bimolecular reaction mechanism and integrate 

the rate expression on the assumption of complete lateral mixing and 

negligible axial mixing, we obtain the expression 

where: 

1 
k = 

k = second order rate constant 

t = reaction time 

initial concentration o.f active nitrogen and reactants 

concentration o.f active nitrogen and reactants after 
time t 

The demarcation between the region o.f blue glow and those of 

* yellow nitrogen afterglow and green N02 glow, proved to be quite sharp. 

The length of the blue region along the axis of the reaction tube could 

easily be measured in a darkened room. It was found to be a few milli-

meters long. The resulta are listed in detail in Table X together with 
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TABLE X 

5gCQND OHDER RA1E CONSTANTS 

Ni tric Ox:ide 
Reaction 

Active Nitro-
~en Flow Rate 
_molesLsec. 2 

18.7 x 10-6 

18.7 x 10 -6 

Nitric Oxide Length of 
Flow Rate Blue Zone 

~molesLsec.l mm! 

20 x lo-6 4 

40 x 10-6 
3 

Collision Number 2.0 x 1ol4 cc./mo1e sec. 

Nitrogen Dioxide 
Reaction 

Active Nitro- Nitràgen Di- Length of 
~en Flow Rate oxide Flow R Blue Zone 
_molesLsec.l ~molesLsec.l mm. 

14.0 x lo-6 18 x 10-6 2 

14.0 x 10 -6 28 x 10-6 
1.5 

Collision Number 2.6 x 1014 cc./mole sec. 

-6 1 Total flowrate .. 200 x 10 moles sec. 

Total pressure = 2.2 mm. 

Temperature = 5Q0°K 

Linear velocity = 16 meters/sec. 

Reaction 
Time 
sec. 

2.5 x 10-4 

1.9 x 10-4 

Reaction 
Time 
sec. 

1.2 x lo-4 

1.0 x 10 -4 

Rate Constant 
Second order 
~cc.Lmole sec.l 

4.0 x lol-2 

1.2 x 1012 

Rate Constant 
Second order 
~cc.Lmole sec.l 

5.3 x 1012 

4.5 x 10
12 



- 57-

values for any other data used in the calculation of rate constants. 

A temperature of 500°K was assmned on the basie of thermo-

couple measurements obtained at similar flow rates of reactants in 

the spherical reaction vessel. The linear velocity of the gases was 

calculated from the cross section of the reaction tube and the 

volume flow but no correction was attempted for a possible velocity 

gradient between the center of the tube and the walls. The assmnp-

tion of complete radial mixing was probably not entirely valid since 

the time of diffusion of a reactant molecule from the inlet to the 

wall was of the same order of magnitude as the reaction time. Since 

it was also asStmJ.ed, in the calculation, that reaction was only 90% 

complete in the time measured, the values obtained for the rate 

constants should be regarded only as lower limita. Collision 

numbers were calculated fran kinetic theory in the usual way, 
0 0 

assuming collision diameters of 2.98 A for nitrogen atans (75), 3.4 A 
0 

for nitric o.xide (101) and 5 A for nitrogen dioxide. 
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DISCUSSI<li 

Certainly the most striking fact revealed qy the present 

study was that nitric oxide wae deetroyed by reaction with active 

nitrogen in significantly larger amounts than hydrogen cyanide was 

fonned from the reaction with ethylene for conditions of maximal 

hydrogen cyanide production. 

The reaction, at high temperature, of active nitrogen with 

excess ethylene has been considered, up to the present time, to 

"clean up 11 nitrogen atome and, in the absence of significa.."l.t quanti­

ties of any other nitrogenous products, the hydrogen cyanide formed, 

together wi th a small amount o:r cyanogen, have been taken as a measure 

of the concentration of nitrogen atoms. 

A good deal of evidence supports this view. The ethylene 

reaction itself has the characteristics of a fast reaction, i.e. a 

plot of hydrogen cyanide formed versus flow rate of ethylene, shows 

that when active nitrogen is in excess, nearly all the carbon of the 

ethylene molecule is converted to hydrogen cyanide while, 'When ethylene 

is in excess, a maximal or plateau value of hydrogen cyanide formation 

is reached, which is thereafter independant of the ethylene flow rate. 

Moreover, a comparison of the maximal amount of hydrogen cyanide 

formed from ethylene with that formed from such diverse reactants as 
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propane (69), isobutane (71) 1 cyclopentane (74) 1 methyl and dimethyl 

acetylene (102) and methyl chloride (103) shows i t to be the same, 

within the limits of experimental error, when all the se reactions 

occur und er conditions such that hydrogen cyanide formation is in­

dependent of temperature as weil as reactant flow rate. 

The lower concentration of active nitrogen indicated by the 

yield of hydrogen cyanide from ethylene, as canpared wi th tha t inferred 

from the decomposition of nitric oxide, might be ascribed to loss of 

nitrogen atoms by recombination catalyzed by ethylene, for which evi­

dence exista (81). The steps leading to loss of activity in active 

nitrogen through such recombination are probably 

N + C2H4 - (NC2H4) (1) 

N + (NC2H4) ~ N2 + C2H4 (2) 

The existence of an appreciable steady state concentration of reactant­

nitrogen atom camplex would effectively remove the three boqy restriction 

on the recombination of atoms. A mechanism of this type w.i.ll evidently 

depend on the lifetime of the complex, a quantity which should in tum 

decrease with increasing temperature. This seemed to be confir.med by 

an increase in plateau values of hydrogen cyanide production to maximal 

values with increase of temperature. However the plateau value for 

hydrogen cyanide production fran ethylene was temperature independant 

in the temperature range from 250° to 450•C Which strongly suggests 

that in this temperature range no significant catalytic recombination 

occurs. 
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Losa of activity could also result, of course, if products 

of the reaction, rather than the reactant itself, catalyzed the recam­

bination of nitrogen atoms. · Methyl radicale resulting from the active 

nitrogen-ethylene reaction 

(3) 

will probably not be important in this respect; the nitrogen atom­

radical. canplex is very unlikely to have an appreciable lifetime since 

unlike reaction (3), the reaction 

-HCN+2H (4) 

is spin allowed. The presence of hydrogen atoms from reaction (4) might 

lead to consumption of active nitrogen without hydrogen cyanide produc­

tion if NH radicale, and ultimately perhaps ammonia, were formed but re­

mained undetected owing to destruction by active nitrogen. However, in 

a study of the reaction of active nitrogen with methane (68), the addition 

of atamic hydrogen was actually found to increase the rate of hydrogen 

cyanide production, presumably by increasing the concentration of methyl 

radicale by the reaction 

H + - + H (5) 

Moreover, the fast reaction of bydrogen atoms with ethylene to yield 

ethyl radicale should be strongly favoured with excess ethylene, and 

effectively remove hydrogen atome from the system. Ethyl radicale should 

also react rapidly with active nitrogen to produce hydrogen cyanide. 

Hydrogen cyanide, as a product of the active nitrogen-ethylene 

reaction, might catalyze recambination of nitrogen atome, causing losa of 
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active nitrogen by the process 

N + HCN - (6) 

(7) 

However, such hydrogen cyanide catalyzed recombination of nitrogen atams 

should be come lesa important at very large flow rates of ethylene, where-

as the optimal formation of hydrogen cyanide was une qui vocally shawn to 

be independent of ethylene flow rate. Hence, under such optimal conditions, 

only a negligible amount of product catalysis seems admissible. This has 

been substantiated in experimenta where hydrogen cyanide was introduced 

into active nitrogen together with a hydrocarbon (104). 

On the whole, therefore, it seems reasanable to asswme that the 

optimal production of hydrogen c,yanide from ethylene does correspond to 

the concentration of a species in active nitrogen that is capable of 

reaction with ethylene. 

THE NITRIC OXIDE REACTION 

The principal process in the reaction of active nitrogen with 

nitric oxide is undoubtedly 

N + NO - * N2 + 0 + 75 kcal. (8) 

Emission of a blue colour, corresponding to the (3 bands of NO, known 

(89, 90) to be due to the reactions 

* 

N + 0 + M --. NO(B2-rr) + M 

NO(X2 1T) + hv 

(9) 

(10) 

Values for the heats of formation, together with their sources, 
used to calculate the heat of reaction for this and subsequent 
reactions may be found in the appendix 
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could be seen when NO was admitted to active nitrogen. The presence 

of oxygen atoms in the products has been observed mass spectrometrically 

(91). In the present study, their presence was indicated by a green 

emission in the presence of excess NO which undoubtedly resulted from 

the reaction of NO with atomic oxygen, and by formation of ozone in the 

cold trap in the absence of unreacted NO. 

An alternative to reaction (8) is 

N(4s) + No(2 Tr) - N2o(1 Z ) + 114.5 kcal. (11) 

However this reaction is spin forbidden and must indeed be very much 

slower than the spin allowed reaction (8) because N20 was not recovered 

at any flow rate of NO. The failure to find N20 among the products of 

the NO reaction cannot be attributed to destruction by atomic nitrogen 

or oxygen since KistiakowSky and Volpi (91) found no evidence that N20 

reacted with either axygen or nitrogen atoms at temperatures up to 200°C. 

Kaufman (105) has confir.med that N2o is not destroyed by active nitrogen 

and a brief series of experimenta at .300°C during the present study 

showed that less than 5% of the N20 reacted. 

The difference between the amount of hydrogen cyanide produced 

from ethylene and the amount of nitric oxide destroyed could conceivably 

have been due to same processes other than reaction (8). 

One possibility that might be suggested is a chain mechanism 

involving reaction of the collision complex of NO and a nitrogen atom 
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N + NO - NNO (12) 

NO + NNO ----- N2 + 02 + N (13) 

NNO - N2 + 0 (14) 

The collision complex would probably be very similar to a highly ex-

cited N20 molecule with energy available to it to the extent of 134 

kcal. minus its beat of formation. Hence it should deccmpose quite 

easily by reaction (14) which is only 39 kcal. endothermic for a ground 

state N2o molecule. An appreciable lifetime for the complexwould 

therefore appear to be very unlikely. Reactions (12) and (13) may be 

regarded as equivalent to the exothermic over-all reaction 

2NO 

and therefore superficially plausible. However, such a mechanism can-

not be reconciled with the obaerved plateau value of NO destroyed, in-

dependently of NO flow rate since the rates of disappearance of the 

complex by the chain carrying step, reaction (13), and by the chain 

breaking step, reaction (14), are obviously different functions of the 

NO concentration. 

Another possible alternative to reaction (8) to explain the 

difference between the amount of hydrogen cyanide produced from etnylene 

and the amount of NO decomposed might be an energy transfer from 11hot 11 

oxygen atams to nitric oxide by the mechanism 

* {8) N + NO - N2 + 0 

* * (16) 0 + NO - NO + 0 

No* + NO - N2 + 02 (17) 
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* For reaction (17) to be thermoneutral, the NO molecule would require 

43 kcal. o:f excess energy. Su.f':ficient energy is ava.ilable :fran reaction 

(8) to produce an oxygen atan in the excited 1n state which lies approxi-

mately 45 kcal. above the ground state. Actually, this reaction is spin 

:forbidden and the energy is more likely to exist as translational energy 

o:f a normal 3p atom•, in which case equipartition o:f momentum would 

leave some 47.7 kcal. with the oxygen atom. Destruction of NO by energy 

rich atams, especially i:f their energy is translational, should become 

less important at higher pressures where the likelihood o:f collisional 

deactivation is increased. Since the ratio o:f NO destroyed to hydrogen 

cyanide formed was, in :fact, :found to increase with pressure, it does 

not appear that 11hot 11 oxygen atoms can be responsible :for the relatively 

greater extent o:f reaction with NO. 

A difference between the maximal amount of hydrogen c,yanide 

produced :from ethylene and the amount of NO decomposed would be readily 

explained if, in addition to atomic nitrogen with which both ethylene 

and NO can react, there is a second species present in active nitrogen 

which is capable of decanposing NO but is not capable of producing 

hydrogen cyanide :from ethylene. I:f, as suggested previously (82), this 

second species is an excited molecule o:f suf:ficient energy, destruction 

of NO might occur by 

* N2 + NO - (18) 

Only two species of excited molecules have lifetimes sufficiently long 

to allow the accumulation o:f a signi:ficant concentration; these are 
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molecules in the A32- + state, the em product of the yellow afterglow, 
u 

and vibrationally excited ground state molecules (64). 

Decomposition of NO by electronically excited nitrogen mole-

cules seems quite plausible. Vibrational levels of the A state are kno'Wll 

up to \}-= 16. Any of the levels with v> 2 will have sufficient energy 

(6.49 e.v.) to cause dissociation of NO. Since molecules in the A state 

are formed by radiation from the B state, the population distribution 

will be weighted in favour of the lower vibration&! levels of the A state. 

This in turn will favour successful collisions of the second kind with 

NO since the dissociation energy of NO is very nearly the same of the 

energy of the A state molecules (107, lOS). It may be noted that, if 

the N2 is in the AJ':i.. + state, reaction (18) conserves spin. 
u 

The radiative half life of the A state is now recognized (60) 

to be of the order of 0.1 sec., which is approximately equal to the time 

required for the active nitrogen to travel the length of the long reaction 

tube and considerably longer than the 0.02 sec. needed to pass from the 

discharge tube to the reaction vessel when the long reaction tube is not 

used. The rate constant for the gas phase (hamogeneous) recombination of 

nitrogen atoms determined by Berkowitz et aJ... (56), and confirmed by a 

different method in this laboratory (108), leads to a concentration of 

molecules in the A state of the right order of magnitude to account for 

the excess of NO destroyed over HCN fo~ed from etnylene under conditions 

of complete reaction. Since the extent of dissociation in the discharge 
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tube was not known, a rigorous treatment is unfortunately not possible, 

it is also not lmown how effective nonnal nitrogen molecules are in the 

deactivation of the triplet state. 

Ground state vibrationally excited nitrogen molecules could 

be produced in considerable quantities in the discharge tube b,y 

collisions of the second kind, as well as by the crossing-over of 

A?~+ molecules into the adjacent levels of the ground state in the 
u 

perturbing field of a normal molecule. Vibrational levels of nitrogen 

molecules in the il :2. + state have been observed up to ~ = 27 (llO). 
g 

The 27th level lies 6.6 e.v. (152 kcal.) above ground and the 26th 

level at 6.33 e.v. Since the bond strength of nitric axide D(NO), 

is 6.49 e.v. (149 kcal.) only those molecules in the highest ob-

served vibrational level would appear to have sufficient energy to 

cause the dissociation of NO. 

Assuming that the half-life of a vibrational level of ground 

state ni trogen is of the order of 106 collisions (66) and knowing that 

a molecule will suf'fer some 107 collisions per second under the ex-

perimental conditions, a half-life for a given level of 0.1 seconds as 

obtained. This value is the same as the probable half-life of the 

electronically excited molecule so that vibrationally excited nitrogen 

is equally probable by this criterion. 

It does not seem possible, tram the present study, to come to 

any definite conclusion about the relative importance that electronically 
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excited and ground state vibrationally excited molecules might have in 

decomposing NO. The experimente which were made with different power 

inputs to the discharge showed that the ratio of nitric oxide destroyed 

to hydrogen cyanide produced from ethylene was essentially constant. 

This could constitute an argument against electronically excited mole-

cules as the second active species. The formation of molecules in the 

A state is due to the recombination of atoms and therefore dependent on 

the second power of the atom concentration. Since lower concentrations 

of these at the reaction vessel presumably correspond to lower concen-

trations in the discharge tube, the rate of formation of A state mole-

cules should decrease more sharply with decrease of atom concentration 

than the loss of activity by first order surface recombination of atams 

* on the wall. It is true however that hamogeneous recombination will 

be most important during the very short time interval immediately 

following the discharge so that the ratio, which was determined after 

a time much larger than this interval, would not be sufficiently sensi-

tive to rule out electronically excited molecules as the second species. 

If the resulta with nitric oxide seem to favour vibrationally 

excited molecules as a second possible species in active nitrogen, the 

behaviour with ammonia suggests that electronically excited molecules 

are more influential. It will be recalled that the reaction of active 

nitrogen with ammonia resulted in about 20% as much destruction of 

ammonia as hydrogen cyanide production from ethylene under optimal 

* The partial pressure of atomic nitrogen was not sufficiently low 
at any time that the surface recombination might also became 
second order. 
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conditions. If the destruction of ammonia is attributed to excited 

molecules only, its extent ought to correspond to one hal! the 

difference between the active nitrogen concentration indicated by NO 

destruction and hydrogen cyanide formation respectively, since the 

dissociation of each NO molecule would involve the formation of a 

nitrogen atam which would further react with NO by reaction (8). 

This was true at the first reactant inlet but farther down the reaction 

tube, the agreement was less good. Uncertainties in the determination 

of such small quantities by difference were probably sufficient to 

account for the discrepancy. 

The lower bond strength of the hydrogena in ammonia would 

allow reaction of vibrationally excited ground state molecules with 

l) < 27. This should tend to increase the amount of aJIDllonia destroyed 

and ma.ke it larger than twice the difference between NO destroyed and 

hydrogen cyanide produced. Since this was not observed, electronically 

rather than vibrationally excited molecules appear to be the preferred 

possible second species. 

THE NITROGEN DIOXIDE REACTION 

The reaction of active nitrogen with nitrogen dioxide was 

found to lead to the formati on of a considerable quantity of nitrous 

oxide. This was alm.ost certainly formed by the reaction 

- (19) 

Since N20 is known to be almost completely unreactive toward both acti ve 

nitrogen and atcmic o.xygen, the amount of it found among the r eaction 
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products may safely be considered a true measure of the extent to which 

reaction (19) occurs. 

When N02 was introduced into active nitrogen at flow ratés 

less than 14.0 micro~oles/sec., no oxide of nitrogen other than N20 

was recovered. At flow rates la.rger than 14.0 micro-moles/sec. NO and 

N02 were also found among the products. However the N20 , at all times, 

amounted to only a fraction of the N02 which was not recovered as 

either NO or N02• A portion of the N02 must therefore have been con­

verted into non-condensible products. This would seem to indicate 

that, together with reaction (19), there occurred the over-all reaction 

represented by 

N + N02 - (2)) 

Reaction (20) might take place by a more complicated mechanism 

than that indicated by the overall equation. One possibility is the 

sequence 

0 + N02 

ll + NO 

-
-

NO + 02 + 47 kcal. 

N2 + 0 + 75 kcal. 

(21) 

(8) 

It is not possible to detennine fran the products whether this is the 

actual mechanism. However, this scheme would seem to imply that com­

petition for active nitrogen occurs between reactions (19) and (8), so 

that in the presence of a large excess of N02, reaction (19) ought to 

be favoured. Actually the yield of N2Û reached a plateau value almost 

as soon as the flow rate of N02 was sufficient to destrqy all active 
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nitrogen. This suggests that no competition for active nitrogen did 

occur between reaction (19) and a reaction such as (8) involving a 

substance other than N02• It must be admitted though, that this is 

not a very sensitive criterion since only about one third of the N02 

which reacts is converted to N2o. 

Examination of the data for production of atamic oxygen in 

the system reveals that reactions (19) and (20) are not adequate to 

explain ail the experimental results. The green afterglow fran ex-

cited N02 molecules, formed by the reaction of atomic oxygen with 

ni tric oxide 

0 + NO (23) 

became visible when the flow rate of N02 exceeded 14 micro~oles/sec. 

and persisted the length of the reaction tube until quenched ~ either 

a silver wire or a cold trap. When the flow rate of N02 was further 

increased to 25 micr~Qles/sec., this green glow was rather suddenly 

reduced to only a thin 11lqer11 • This may be taken to mean ( 94) that 

at this point all, or nearly all oxygen atoms had been consumed by the 

reaction 

(21) 

which, under the experimental conditions is very much faster (93) than 

the three body process 

0 + NO + M - N02 + M (24) 

Since no NO or N02 were recovered at a flow rate of N02 smaller than 

14.0 micro~oles/sec., it may be concluded that the minimum flow rate of 
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atomic oxygen was equal to the difference of il micro-mbles/sec., 

between the flow rate of N02 where the green glow first appeared and 

* where it disappeared. A flow rate of atomic o:xygen of 11 micro-

moles/sec. can evidently not be accounted for b,y a mechanism involving 

only reactions (19) and (20) since the maximum number of oxygen atams 

produced in this mannar cannot exceed the flow rate of N20 which was 

never larger than 4.9 micr~oles/sec. 

It becomes necessary therefore to postulate another reaction 

to produce o:xygen atoms. The most plausible one would seem to be 

- N2 + 2 0 + 4 kcal. (25) 

If all the N02 destroyed by active nitrogen (14.0 micr~oles/sec.), 

apart from that converted to N20 (4.9 micr~oles/sec.), were to react 

by (25), an atomic oxygen flow rate of at least 18 micr~oles/sec. 

would result. Since this is considerably in excess of the value of 11 

micro-moles/sec. indicated by tttitration" to the disappearance of the 

green glow, it would be necessary for reaction (25) to occur to only a 

limited extent of about 3 micr~oles/sec. destruction of N02• 

* At first glanee, the above argument m.ight seem to be invalidated 
by the fact that same N02 was recovered before the N02 flow rate 
reached the value of 25 micro-moles/se~. However, the presence 
of N02 may be accounted for by the reaction of molecular oxygen 
with nitric oxide on the surface of the cold trap. This was ex­
perimentally verified b.y passing moleeular oxygen and NO through 
a trap at -210•C. The reaction must occur in the cold trap 
because the gas phase oxidation of NO, as calculated from the 
rate constants of Bodenstein (109), is too slow to play an im­
portant part. 
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There remains to be considered the formation of NO since it 

was found among the reaction products in considerable quantity. A plot 

of the sum of NO and N02 recovered versus flow rate of No2 proved to be 

a straight line wi th a slope of uni ty, whi ch extrapolated to 14.0 

micro~oles/sec. of N02 at zero recover.y of these oxides. The most 

plausible interpretation of this would seem to be tha t, up to this 

flow rate of 14 micr~oles/sec., all the N02 reacts with active nitrogen 

and beyond this all the excess is recovered with a portion converted to 

NO, presumably by reaction with oxygen atome generated in the active 

nitrogen reaction. 

According to this interpretation, the recovery of NO should 

be linear in N02 flow rate, with a slope of unity, until it reaches a 

value equal to the flow rate of oxygen atoms. Beyond this point the 

amount of NO recovered should be a constant. In fact, recovery of N02 

started simultaneously with recovery of NO and the amount of the latter 

in the reaction products increased more slowly than this to approach a 

limiting value of approximately 14 micr~oles/sec. at high flow rates 

of N02• This behaviour may be explained if we take into account reaction 

between molecular oxygen and NO on the walls of the trap, 

- (26) 

in competition with the r eaction (probably on the wall also) 

NO + N02 - (27) 

The formation of N2o3 was evident from its dark blue colour which could 
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be clearly discerned in the trap. The fact that the ratio of NO to N02 

recovered proved to be less accurately reproducible than the sum of the 

two, would seem to be consistent with the proposed heterogeneous reactions. 

The amount of NO recovered appeared to extrapolate to a limiting 

value of approximately 14 micro-moles/sec. If this much NO is to be 

attributed to the reaction of oxygen atoms with N02 by reaction (21), 

the flow rate of atomic oxygen must also have been 14 micr~oles/sec. 

This is appreciably in excess of the value of 11 micro-moles/sec. de-

tennined by 11titration11 to the disappearance of the green af'terglow. 

It is possible however, that only 85% of the true atomic oxygen flow 

rate is given by this method, in which case the oxygen atom flow rate 

of 14 micro-moles/ sec • , de ri ved from the am01..mt of NO f onned, would 

come within the experimental error (p. 18). 

The amount of N02 destroyed by active nitrogen was 14.0 micro­

* moles/sec. whereas the amount of NO destroyed under identical conditions 

was 18.7 micro-moles/sec. If the reaction 

- 2 NO (28) 

had consumed 2.35 of the 14.0 micro-moles/sec. of N02, thereby forming 

4.7 micro-moles/sec. of NO which was also destroyed by active nitrogen, 

the total destruction of N02 and NO would have been the same as that 

observed in the NO reaction. However, it would be remarkably fortuitous 

that reaction (28) should have occurred to just the extent necessary 

* It will be recalled that only N20 was recovered at N02 flow 
rates lesa than 14.0 micro-moles/sec. 
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for the amount of N02 destroyed to coincide almost exactly with the 

amount of hydrogen cyanide formed from ethylene under optimal condi­

tions, 13.9 micro-moles/sec. While reaction (28) cannot be ruled out 

on this ground alone, an alternative and perhaps more attractive pos-

sibility is that N02 is partially decamposed by excited nitrogen mole­

cules according to the reaction 

- + NO + 0 (29) 

This would be more in Une with the earlier discu.ssion where it was 

assumed that the difference between the hydrogen cyanide formed from 

ethylene and the amount of NO destroyed by the same concentration of 

active nitrogen was due to destruction of some NO by excited nitrogen 

molecules which were not capable of forming hydrogen c.yanide from 

ethylene. Reaction (29) requires only same 71 kcal. of excess energy 

on the part of the nitrogen molecules to be thermoneutral, a condition 

they should easily meet if they are capable of dissociating the 149 kcal. 

bond in NO. According to the recent observations of Kaufman (105), 

they might also be quenched to a certain extent by the N20 which is 

fonned in the reaction of N02 with nitrogen atoms. It is possible, 

especially in the region where the N02 is only in slight excess over 

the nitrogen atans, that same decomposition of NO occurs ~ energy 

rich nitrogen molecules but the extent of such decomposition might 

weil be wi thin the limita of experimental error. 

The resulta of this study of the active nitrogen - N02 

reaction di ffer, in a number of ways, from those reported by Kist ia­

kowsky and Vol pi ( 91). Perhaps the most obvious point of difference 
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is the much larger yield of N20 that was obtained during the present 

work. Part of this difference is probably due to the difficulty, 

mentionned by these authors, of obtaining reliable maas spectrameter 

data in the presence of N02 (see also 97). An additional complica­

tion might have been introduced by the uncertain contribution of co2 

to the mass 44 peak. In an earlier pa.per (56), this apparently led 

to the erroneous identification of N20 as a major product of the re­

action between active nitrogen and NO. Since no measurement of either 

atomic oxygen or NO was possible with the maas spectrometer, a more 

detailed comparison is probably not warranted. Also, the present 

study was made with a concentration of active nitrogen almost ten 

times that used by KistiakowSky and Volpi, and this might have con­

tributed to differences in the resulta of the two investigations. 
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SUMMARY AND CONTRIBUTIOOS TO KNCMLEDGE 

1. The reaction of active nitrogen with nitric oxide was studied over 

a wide range of flow rates of both nitric o:xide and active nitrogen. 

It is suggested that nitric oxide was destroyed principally by the 

reaction 

N + NO - N2 + 0 

Nitrous oxide was not recovered among the reaction products which 

is considered evidence that the spin forbidden reaction 

N + NO - N20 

effectively did not occur. 

2. The am.ount of nitric oxide destroyed by active nitrogen was compared 

with the maximal amount of hydrogen cyanide for.med by reaction with 

ethylene under identical conditions at each of a number of flow rates 

of active nitrogen. These were obtained by varying the power input 

to the discharge tube over a range of 16 to 1 with a resulting range 

of active nitrogen flow rates of 10 to 1. The amount of nitric oxièe 

destroyed was found to be larger than the amount of hydrogen cyanide 

formed by a factor of 1.5 which remained essentially constant indepen­

dently of concentration of active nitrogen. 

3. The amounts of nitric axide and ammonia destroyed by active nitrogen 

were compared wi th the maximal amount of hydrogen cyanide formed from 

ethylene at different distances from the discharge tube. Slightly 
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more than half the active nitrogen decayed over the total distance 

involved. The ratio of nitric oxide destroyed to hydrogen cyanide 

formed was approximately 1.4 and varied but little with distance. 

The amount of ammonia destroyed equalled about one sixth of the 

hydrogen cyanide yield. The shape of the active ni trogen concen-

tration versus distance curve indicated by these three reactants 

proved to be almost identical. 

4. The ratio of nitric oxide destroyed to hydrogen cyanide for.med was 

determined at three points over a pressure range of 4 to 1. The 

ratio increased slowly with pressure. 

5. The reaction of active nitrogen with ethylene was reviewed in detail 

on the basis of this and previous work. It is concluded that the 

maximal hydrogen cyanide yield from this reaction is a measure of 

the concentration of nitrogen atoms in active nitrogen. 

6. The reaction of active nitrogen with nitric oxide was reviewed and 

various explanations examined that might account for the excess of 

nitric axide destroyed over hydrogen cyanide. It is proposed that 

the difference is due to the reaction of excited nitrogen molecules 

by 

* N2 + NO - N2 + N + 0 

Arguments are advanced to show that both nitrogen molecules in the 

AJ~+ state and vibrationally excited molecules in the ground state 
u 

with Y ~ 27 could be the second active species and that this second 

species is probably responsible for the destruction of ammonia 
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when ammonia is introduced into active nitrogen. 

?. The reaction of active nitrogen with nitrogen dioxide was studied 

over a range of N02 flow rates. The presence of nitrous oxide among 

the products is attributed to the reaction 

N + + 0 

The reactions 

N + + 

N + + 

are proposed to account for the loss of a fraction of the N02 which 

was not recovered as any oxide of nitrogen, and to explain an oxygen 

atom flow rate in excess of the flow rate of N2o. It is suggested 

that formation of nitric oxide, which was also found among the products, 

is due to the oxygen atom reaction 

0 + NO + 

lt is possible that the reaction 

N + 2 NO 

occurred, but analysis of the results indicates that a more probable 

reaction is partial decomposition of nitrogen dioxide by excited 

nitrogen molecules 

* ~+~-~+~+0 

8. On the basis of the band spectra emitted when NO and N02 were pFesent 

in lesser and greater amounts than active nitrogen, reaction times 

were estimated and lower limita proposed for the second order rate 

constants of the reactions of NO and N02 with active nitrogen. 
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APPENDIX 

TABlE X 

STANPARD HEATS OF FORMATION OF GASEOOS SUBSTANCES AT 25°0 

Ll H
0 

f 
Substance kcal/mo1e Reference 

H 52.09 (i) 

N 112.5 (48) 

0 59.16 (i) 

NO 21.60 (i) 

N02 8.09 (i) 

N20 19.49 (i) 

NHJ 11.04 (i) 

NH2 41 (ii) 

NH 77 (ii) 

(i) Selected Values of Chemical Therm~amic Properties 
Circular 500 of the National Bureau of Standards (1952) 

(ii) Altshul1er, A.P., J. Chem. Phys., ~' 1947 (1954) 
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