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Nitrous acid (HONO) and the nitrite ion represent a particularly important conjugate pair of trace species
with regard to heterogeneous behavior within the bulk, and on the surface, of aqueous atmospheric
dispersions: this role results from their chemical reactivity, photolysis pathways, solubility, and ambient
concentration levels. The actual ratio of NO HONO in solution is determined by the pH and the nitrous
acid dissociation constantKg) which is generally quoted in the literature as 3.27 at 298 K. However there
is much disagreement in published works as to the exact value, which should be used in model calculations
relevant to the atmosphere. Furthermore even though the nitrite ion is known to absorb solar radiation in the
300-400 nm region and represents a dominant soure®sf radicals in surface seawater, large variations
in the measured molar decadic absorption coefficient®r nitrite ions (and agueous HONO) are evident in
the literature. In the current study, using a Yuis spectrometric approach with careful baseline subtraction,
the relevant values for the nitrite ion were determined to be 8®.08 M~ cm™ for the n7* transitions

at 290 nm and 22.% 0.22 M1 cm™* at 354 nm. For HONO, the wavelength maximum for the strongest
vibronic band in solution was found at 372 nm withewalue of 60.52+ 0.6 M~ cm™%. Using the Hendersen
Hasselbalch equation and the above data, a value af 2.4 is therefore reported here for thi€ of nitrous
acid. A Newton-Gauss method was then employed to solve a set of nonlinear equations defining the chemical
speciation model for HONO in solution using an algorithm written in FORTRAN 90. A model based on a
simple one-step protonation worked well for intermediate pHs3)6but departed from the experimental
observations in highly acidic media. A two-step equilibrium model involving the nitroacidium igDNE",

gave a much closer fit in the very acidic region, while having little or no effect on the-pBigction of the
profile.

Introduction The environmental sources of nitrite ions in solution are not
) ) ) ) _ fully understood. Certainly, they are a product of the oxidation

Aqueous dispersions of particles play a major role in of ‘nitrogen-containing organic matter, and therefore, their
atmospheric chemistry because a number of their physicochem,resence in water is very often an indication of recent microbial

ical features are of direct relevance to our understanding of contaminatiork Also, dissolved nitrogen dioxide gas produces
compositional change in the troposphere. These include solubiI-NOZ— as indicated in reactions 2 and 3 below

ity measurements, the nature of the gas/liquid/solid interface,

and the precise relationship between gas-phase components and NO, -+ NO.. .+ H.O— 2NO.” + 2H" @)
their dissolved counterparts in aqueous aerosols. For these @ 2(aq) © 172 2

reasons, laboratory studies of the kinetics, thermodynamics, and
accommodation of a variety of heterogeneous systems relevant
to the atmosphere have become increasingly sophisticated and n .
accurate over the past decade. One of their central roles is inThe rate coefficients of reactions 2 and 3 have been. measured
determining the contribution of so-called “missing” chemical 0 be 3x 10° M™* s and 1x 10° M™* s™, respectively.

intermediates and pathways for trace species in computationalT €Y clearly proceed far too slowly to contribute to the removal
models of the atmosphere. of gas-phase nitrogen oxides or to lead to an increase in

. . . . cloudwater acidificatiof. Hence under ambient conditions,
Predictive understanding of the reactive pathways available Lo .
aqueous nitrite ions have been detected in both cloud and fog

within the bulk and on the surface of atmospheric dispersions ;
X . droplets at concentrations below 1 M.
has been little studied because our knowledge of heterogeneous : _
In sulfur-polluted urban environments, aqueous nitrite con-

ransformation rrently reli n mpri f .
transformations currently relies on a database comprised o centrations of up to several hundreil have been observéd.

measurements made for few chemicals on a limited number of ;" . . ;
. . . L This phenomenon has been attributed in part to reaction 4 shown
interfaces. Nitrous acid (HONO) and the nitrite ion represent a below

particularly important conjugate pair of trace species in this
regard due to their reactivity? solubility and ambient levels
in the atmospherg?

2NO, g+ H,0—NO,” +NO;™ + 2H" (3)

2NOyoq+ HSO,” + H,0— 2NO, + 3H' + SO (4)

L i - Another source of nitrite ions is gas-to-liquid transfer of gaseous
HONO+ H,0==H;0" + NG; @) nitrous acid. HONO concentrations in the atmosphere vary
diurnally, as a result of daytime photolysis € 400 nm) to
*To whom correspondence should be addressed. NO and the hydroxyl radical, reaching maximum night-time
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values, which range from 0.5 ppbv in rural areas to 10 ppbvin  The methodology employed is based on a complementary
polluted urban environments. It has a variety of homogeneous, UV —vis spectroscopic and an optimization computer modeling
heterogeneous, and direct injection sources and a moderatelystudy of the HONO/N@~ conjugate pair in order to address
high Henry's law constant compared to other trace gabtesce many of the issues discussed above. Hence a precise value of
N(IIl) solution concentrations are highly susceptible to its level the acid-dissociation constant of nitrous ackLk)(has been

in the atmosphere. The importance of this source is governedobtained using two independent methods and the results
by the acidity of the water because at pH3 and at a mixing compared with the available literature data. Furthermore the
ratio of 1 ppbV of HONO, N(lll) eventual solution concentra- spectra were used to reevaluate the molar absorption coefficients
tions will be less than 0.4mol dm3. On the other hand, apH of the two species within the UVvis region. Finally, a

of 6 increases the N(Ill) concentration to Aol dnm 3. The computer program, written in Fortran 90, was applied to the
actual ratio of NQ:HONO in solution is determined by the equilibrium systems represented both by reaction 1 and the two-
pH and the nitrous acid dissociation constalig) (which is step process summarized by reaction 5 in order to model the
generally quoted in the literature as 51104 M at 298 K aqueous speciation.
(pKa = —log Ka = 3.27).

The nitrite ion absorbs solar radiation in the 380 nm Experimental and Computational Methodologies

region and can also be photolyzed to eventually form the  gpeciroscopic Measurements and Quantitative Determi-
hydroxyl radical. This particular pathway is known to be & pation of Aqueous SpeciesV—vis absorbance spectra were
dominant source obOH in surface seawafet and is also  (ocorded with a Hewlett-Packard 8453 diode-array spectropho-
important in dew water&' However, large variations in the  yometer. This is a single-beam instrument capable of acquiring
molar absorption coefficients for nitrite ions (and aqueous gpecira from 190 to 800 nm at a resolution of 1 nm and utilizes
HONO) are evident in the literature. two light sources: a deuterium arc lamp in the UV range
The hydroxyl radical, of course, represents one of the (consistent in the 196380 nm region) and a tungstehalogen
atmosphere’s most reactive compounds and determines thqamp in the visible spectrum (consistent in the 3800 nm
lifetime of many species in the troposphere. Therefore, given rggion). The absorbance measurement errors associated with
the above remarks, it is clearly important to incorporate an g ch g spectrometer ared.005.
agreed value for the nitrous acid dissociation constagtifito The pH values of the agueous solutions were measured to
relevant atmospheric models. Furthermore, since both nitrite ionsyithin 40.1 of a pH unit using a Pasco ScienceWorkshop pH
and HONO in solution can be photolyzed to produce hydroxyl Sensor, which consists of a gel-filled Ad\gCl electrode.
radicals, a precise knowledge of the molar absorption coef- Optimization Modeling of Aqueous lonic Solutions.Aque-
ficie_nts of thg acid and its_ conjugate species is also required 55 ionic solutions can be described by Debjiickel theory,
for inclusion in tropospheric models. _ which accounts for a full system development from a random
The whole range of environmental matrixes that can be gistripution of charges in highly dilute solutions through to a
termed “atmospheric waters” actually range in pH from 1.95 naitern of alternating positive and negative charges at slightly
to 7.7412714 and therefore, the chemical behavior of HONO in higher concentratior®. The basis for DebyeHiickel theory
highly acidic solution may be relevant to heterogeneous js founded in the long range Coulombic interactions between
tropospheric chemistry. It has been suggested that the nitroso¢narge carriers. In a dilute aqueous solution, the time-averaged
nium ion, NO", exists at pH= 1 and that weakly bound gistribution of solute species displays the existence of arrange-
complexes of NO with water, or even the nitrous acidium ion  ments of ions of the like charge polarity around an oppositely

(H2ONO"), exist below pH= 2.2 5% as follows: charged central ion. It is assumed that the individual ion activity
coefficients are not dependent on the properties of each ion and
HONO=—= HZONO+ =NO" + H,O (5) can be described by the mean ion activity coefficignt,
M

In synthetic chemistry, kinetic studies have shown that several Ny, =-Al—————+ 1£2|n(1 +1.2V1) (6)
nitrosation reactions carried out using HONO in highly acidic 1+ 1241 '

solution proceed via formation of @NO*, which acts as the  whereAx is the Debye-Huckel parameter

nitrosating agent’~1° Hence a number of ab initio calculations 12 o a1

on the nitrous acidium ion have been performed,. For A= (113)(2tNAd/M)) " (e/4me, D, T) (1)
example, Nguyen and Hegarty used theoretical methods to
determine the most likely protonation site on HONGDf the

two oxygen atoms, protonation at the central oxygen was found
to produce a more stable isomer than at the terminal oxygen.
In a more recent study, Francisco corroborated the earlier
findings and also calculated the vibrational frequencies of the
different isomers of the ODNO" ion.??

The general aim of the current study was to explore the role
of acidity in atmospheric water, which is central to understand-
ing both reactive uptake at the interface and reaction mechanism
within, say, an aerosol droplet. To achieve this aim, it is
important that reliable data on fundamental values such as the
dissociation constant for nitrous acid is known with some 1,
precision. The main target of the computational work performed I= EZZ' m
for very low pH solution values was to determine any potential '
involvement of the nitrous acidium ion,,®NO", in hetero- (m andz are the molalities and charges of all ionic species in
geneous processing relevant to the troposphere. solution).

In dilute aqueous solution, the time-averaged distribution of
solute species can be formulated on the basis of arrangements
of ions with like charge polarity clustering around an oppositely
charged central ion. This overall distribution is termed the “ionic
atmosphere” of the central ion. Electrostatic interaction between
the central ion and its ionic atmosphere leads to a lowering in
the energy which can be identified with the deviation of Gibbs
free energy from that of an ideal solution. As described by
Debye and Hakel, this description leads to a low concentration
S‘“Iimiting law” in which the basic variable is ionic strength,
defined as

(8)
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Optimization techniques are widely used in fields of engi-
neering and design, though they have been infrequently applied
to chemical systems. In essence, they use well-established
numerical methods to solve a set of equations that describe a
system. These methods of analysis are usually iterative and
subsequently require the use of computational techniques. A
Newton-Gauss method was employed in this study to solve a
set of nonlinear equations defining the chemical speciation
model for HONO in solution using an algorithm written in
FORTRAN 90.

The first model considered only the simple protonation step,
nitrite ion to nitrous acid.

Therefore, four variables were includeded: [HONO], [ND
[H*], and [OH"]. Four equations were solved in the model to
evaluate these quantities using the experimentally determined
nitrous acid dissociation constamtj and the ionic product of 2.6
water Ky,) as the limiting parameters. The equations consist of 31
a mass balance of N(lII) '

Absorbance

3.7
N(Il) = [NO, ], — [HONO],,=0 (9) 38
3
a charge balance 4.1
2
- - - 5.1
[H] aqJr + [Na]aq+ - [OH]aq - [NOZ ]aq - [CI ]aq= 0 0

T T T T
250 300 350 400 450

(10) Wavwvelength / nm
. o Figure 1. UV—visible spectra of 0.03M NaN©Qand HCI solutions
the dissociation of water (at various pH values).
Ky = [OH 144 [H+]aqyﬂ:2=0 (11) representations of the mole fraction .of HONO vs pH for
comparison between model and experimental results.
and the dissociation of nitrous acid Results and Discussion
_ - + 2_ Electronic Absorption Spectra of Aqueous Nitrite lons and
Ka [HONO]aq [NO, ]aJH ]aq re =0 (12) Nitrous Acid. UV —vis spectra of NaN@dissolved in aqueous

] o o . solution (concentration range, 0-60.06 M) were recorded. The
where y is the mean ionic activity coefficient. The N(IIl)  nitrite jon displays three distinct regions of absorption: two
concentration is the input variable and the program calculatesyeak, broad bands with maxima at 354 and 290 nm and one
the pH of the system for a range of added HCI concentrations. yery strong band with a maximum below 250 nm. These bands
The results can then be displayed in the form of a graph of pH are labeled 1, 2, and 3 in Figure 1. It was not possible to
vs acid added. determine thé.max Of the shortest wavelength band in the current

This model was then modified to consider the possible second experiments because the spectrometer was not flushed with
protonation step, nitrous acid to nitrous acidium ion. The nitrogen gas. However, Strickler and Kasha previously have
introduction of the HONO" ion simply increases the number recorded aqueous NO spectra under appropriate conditions
of variables from four to five, whereas a second equilibrium and assign a wavelength maximum of 210 nm for this featre.

step leads to a second acid dissociation constag) peing
introduced. The mass balance of N(IIl) then becomes

N(Ill) — [NO, ], — [HONO],, — [H,ONO'],;=0 (13)

_]aq ]aq

and the charge balance is similarly altered

[Hl., + [Nal,," + [H,ONO'],,— [OH],; — [NO, 14—
[Cl ]oq=0 (14)

The dissociation of water and the dissociation of nitrous acid
remain unchanged but a fifth equation must be introduced to

describe the new equilibrium

Kgy [H,ONO'],, — [HONO],JH"],,= 0 (15)

The general consensus in the literature reports is that the
weaker bands can be classified asnt*, whereas the strong
peak ist — zz* in nature?4~2” However the Rirogen OF Noxygen
identities of the parent nonbonding orbital (n) for the weak bands
have been a matter of dispudfa-urthermore, some studies have
classified the 210 nm absorption as an electron-transfer transition
between the ion and the solvent rather than- 7*.24

The pH values of the above nitrite ion solutions were adjusted
from 6 to 1.5 using both 80O, and HCI (in separate experi-
ments). Above pH 5, the solutions contain mosty90%) nitrite
ion. The addition of acid affects the (NIlIl) speciation by
converting NQ~ to HONQ,q) as shown in eq 16

NO,” + H0" = HONO+ H,0 (16)
This is clearly evidenced in the spectra displayed in Figure 1
by an observed decrease in the-nz* absorption centered at
290 nm. Itis also of note that the broad band at 354 nm becomes

A variety of plots result from the treatment and include graphical more structured as acidity increases.
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TABLE 1: Aqueous HONO Vibronic Structure in 300 —400 TABLE 2: Comparison of € Values for the Aqueous Nitrite
nm Region lon n — &* Transitions
A cm?t cmtgap error e/Mtem?
387 25840 290 nm 354 nm ref
312 26882 1042 139 8.84:+ 0.06 22.93t 0.16 Zu3
358 27933 1051 150 :
22.840.09 Fische¥*
346 28902 969 162
335 29851 949 173 8.16+ 0.08 3511 0.22 \(,:\Llﬁgaer:itud
326 30675 824 183 ' ' ’ ' y
317 31546 871 194 . . o
309 32363 817 204 However, to fully quantify th_ese_ absorptions, it is clearly
301 33223 860 215 necessary to remove the contribution of N@om the spectra.
292 34247 1024 228 Arakaki et al. have lowered the pH of a series of nitrite ion

solutions to 1.1 by adding sulfuric actéisuch solutions contain

Adopting the literature value for HONO of &g = 3.277 >99% HONO at this pH. A simple calibration plot (as in the
then at pH= 1.5 the 0.03M solution shown in Figure 1 would  case of nitrite ion) then yields the molar absorption coefficient
be expected to contaifil% NG, ion. Therefore, this low-pH  data as long as the simple nitrite ion/nitrous acid equilibrium
mixture can be regarded as a baseline sample of aqueous nitroughown in reaction 1 is actually maintained. If a second
acid. Nine distinguishable features can be identified in aqueousequilibrium step becomes necessary to fully explain the
solutior?® within the ca. 306-400 nm I’egion and their pOSitionS Chemistry at low pH €2), as discussed above’ an overestimation
are summarized in Table 1. Their origin is associated with of the concentration of nitrous acid in solution would result.
hydrogen-bonded mixtures of the cis and trans isomers, which  |n the current study, a more rigorous quantitative method than
exist in the gas-phase. that employed by Arakaki was developed. A NQreference

An error of+1 nm (as a result of instrumental limitations) is spectrum was obtained by adding base (NaOH) to a 0.02 M
associated with each peak but the resultant SpeCtra CIearIyNOZ* solution to reach pH: 10 value. The resultant Spectrum
indicate a progression associated with theQistretching mode  \yas subtracted from each of the N(lll) solution spectra with

of electronically excited HONO, as previously discus3ed? the 290-300 nm region set as baseline because HONO has no
Quantitation of the Nitrite lon and Nitrous Acid Com- absorbance between these limits. Such a procedure removes the

ponents from the UV—vis Spectra. The molar absorption  NO,~ contributions from the spectra and leaves only those

coefficients €) of aqueous nitrite ions in the range 27400 belonging to HONO.

nm were evaluated for the series of NOconcentrations Hence molar absorption coefficients over the entire wave-

outlined above at pH= 5. length range can be evaluated for nitrous acid simply by plotting

Figure 2 shows a plot of absorbance vs concentration at 290apsorbance vs [HONO]. This method simply assumes [HONO]
and 354 nm. Clearly, Beer’s law is obeyed over the concentra- js equal to [N(I1)] — [NO,] in the pH region 6-3 and is not
tion range 0.020.06 M. The plOt giVeS values of 8.16 and 22.10 Subject to the speciation pr0b|ems discussed above.
M~1cm™1 for the molar abSOI’ption coefficients at 290 and 354 Using the above Beer's law procedures/ya“]es for HONO
nm respectively. A maximum error of 1% is associated with  and NG~ can be calculated from the spectra over the full range
the € values. 270-400 nm, and these data are displayed in Table 3. The

Table 2 provides a comparison between the available literaturemaximum molar absorption coefficient for HONO was found
data for the relevant molar absorption coefficients and the at 372 nm, which is in close agreement with most literature
current study. Agreement between the four studies appears veryajues although the magnitude ofor HONO varies in these
close although when error estimates are included, there is, forstydies as summarized in Table 4. Good agreement with the
example, a possible 10% deviation between the current studygas-phase value (for the second vibronic band) of HONO is
and that of Wetters. Clearly, more data sets need to be acquireGound for the results of the current study. A small but expected
in order to establish the values with more precision. shift in the vibronic bands is observed: the actual absorbance

As discussed above, the nitrous acid spectrum consists ofmaximum in the gas-phase being measured at 368 i (
several vibronic features in the 36@00 nm region which  116.5 M2 cm1). Although this figure is larger than all solution
become increasingly prominent as pH is reduced below 5. yvalues reported, it is of the same magnitddehe solution
spectra are therefore clearly similar to the gas-phase counterpart.

141 However it should be noted that the spectra obtained by both
121 Arakaki et al. and Fischer and Warnétkvere obtained from
y =22.101 - 0.0417 highly acidified nitrite ion solutions and, therefore, subject to
1 R? = 0.9987 the possible source of quantitation error mentioned above.
@ 354nm The molar absorption coefficient of total N(Ill) at a pH value
g 0.8 4 290 nm (enqmy,2) can be determined from thevalues for both N@"
g 06 and HONO, using the following formula:
-]
° 04 | EnQ, 2 = fHNoszNoz,/l + fNOZ-eNOZ-,A 17)
02| y =8.1607x - 0.0063 wherefino, andfyo,~ are the fractions of HN@and NG~ at
Ré =0.9995 a certain pH anduno,, andeno,~, are the molar absorption
0 : : : : . : coefficients at a wavelengtii,
0 001 002 003 004 005 006 007 The K, of HONO is most often quoted as 3.2%7hut values
concentration / mol I in the literature ranging from 2.3 to 5.22have been reported.

Figure 2. Plot of absorbance vs concentration for nitrite ion solutions  Therefore, the Ka was reevaluated from the new set of data
and evaluation ot. obtained in this work.
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TABLE 3: N(lll) Molar Absorption Coefficient Data

Alnm eNozf,ﬂ. GHNoz,l Alnm GNOZ’,/I EHNoz,l Alnm éNozf,/l éHNoz,/‘{

270
271
272
273
274
275
276
277
278
279
280
281
282
283
284
285
286
287
288
289
290
291
292
293
294
295
296
297
298
299
300
301
302
303
304
305
306
307
308
309
310
311
312
313

6.46
6.59
6.70
6.83
6.94
7.05
7.16
7.26
7.35
7.45
7.54
7.62
7.70
17.77
7.83
7.89
7.95
7.99
8.04
8.08
8.13
8.16
8.18
8.21
8.22
8.27
8.29
8.29
8.33
8.36
8.35
8.40
8.43
8.46
8.50
8.56
8.61
8.66
8.72
8.82
8.89
8.97
9.08
9.18

2.98
2.55
2.15
1.81
151
1.24
1.00
0.81
0.64
0.50
0.37
0.28
0.19
0.12
0.07
0.03
0.00
0.00
0.00
0.00
0.02
0.06
0.10
0.16
0.24
0.31
0.40
0.51
0.64
0.78
0.96
1.12
131
1.50
1.69
1.95
2.23
2.53
2.86
3.17
3.48
3.81
4.20
4.67

314
315
316
317
318
319
320
321
322
323
324
325
326
327
328
329
330
331
332
333
334
335
336
337
338
339
340
341
342
343
344
345
346
347
348
349
350
351
352
353
354
355
356
357

9.30

9.43

9.59

9.75

9.92
10.12
10.33
10.55
10.79
11.06
11.36
11.65
11.96
12.28
12.63
13.00
13.39
13.75
14.15
14.56
15.00
15.42
15.91
16.34
16.81
17.23
17.72
18.18
18.61
19.04
19.47
19.89
20.14
20.65
20.90
21.09
21.41
21.59
21.86
21.96
21.97
22.10
22.02
21.95

5.19

5.76

6.34

6.86

7.35

7.83

8.37

9.04

9.90
10.92
11.98
12.95
13.70
14.26
14.76
15.37
16.28
17.53
19.21
21.12
22.94
24.34
25.07
25.25
25.20
25.42
26.25
27.82
30.19
33.20
36.35
39.08
40.70
40.76
39.58
37.93
36.67
36.49
37.59
40.06
43.67
48.02
52.26
55.53

358
359
360
361
362
363
364
365
366
367
368
369
370
371
372
373
374
375
376
377
378
379
380
381
382
383
384
385
386
387
388
389
390
391
392
393
394
395
396
397
398
399
400

21.66
21.60
21.49
21.19
20.98
20.55
20.10
19.82
19.23
18.86
18.19
17.43
16.88
16.18
15.48
14.79
14.02
13.23
12.47
11.85
11.04
10.35
9.61
8.92
8.18
7.51
6.86
6.23
5.61
5.02
4.51
4.03
3.53
3.04
2.64
2.29
2.01
1.68
1.38
1.11
0.91
0.77
0.61

57.05
56.47
53.79
49.68
4551
42.38
40.95
41.28
43.20
46.28
50.20
54.47
58.23
60.46
60.52
57.82
52.40
45.78
39.39
34.18
30.69
28.87
28.42
29.09
30.50
32.28
34.18
35.74
36.53
36.09
34.06
30.59
25.99
20.87
16.06
11.97

8.86

6.39

4.66

3.38

2.50

1.87

1.44

TABLE 4: Comparison of € Values for the Second Vibronic
Band of Aqueous HONO

e/M~1cm-1

ref

TABLE 5: Comparative Summary of the pK, Values for

51.90+ 0.50
74.14
43.25
60.52+ 0.60

Arakaki et ald

Graedel and Weschigr
Fischer and Warnetk
current study

HONO
pKa using HCI Ka using SO,
[NO; )/molL™*  method1l method2 methodl method 2
0.02 3.1 2.9 2.8 2.9
0.03 3.2 25 3.0 2.8
0.04 3.2 2.8 3.0 2.8
0.06 3.2 2.4 3.1 2.9
average 3201 27+02 3.0+01 28+0.1

Determination of the pK, Value for Nitrous Acid. The
spectroscopic determination of thKgof weak acids described
by Albert and Serjeant is applied héfeThis method (termed
method 1 in Table 5) involves the measurement of the individual performed by Gomes and Borg€&dJsing the Albert and Serjent
spectra of pure acidic solutions of HONO and the pure ionic, treatment, they reported a value of 2.2, which represents the
NO,™, species. The so-called “analytical wavelength”, i.e., the lowest published value. The other data originate from earlier

J. Phys. Chem. &

wavelength at which the two spectra show the greatest absor-
bance difference, is used in the following formula to evaluate
pKa:

A—A
pK,=pH+ Iogm (18)

whereA,, Ay, andA are the absorbance values at the analytical
wavelength of the spectrum for the pure ionic species, the pure
molecular species, and the sample solution respectively.

Although this relationship is merely a rearrangement of the
Hendersor-Hasselbalch equation, it is subject to the same
problems of HONO concentration overestimation discussed
above. Hence an alternate method of spectral analysis was
applied (termed method 2 in Table 5). In this approach, the
more rigorous baseline subtraction approach described in the
previous section was used to evaluate the concentrations of
nitrite ion and nitrous acid in solution at each pH.

A more conventional formulation of the Hendersddas-
selbalch eq 19 is then used to calculate tKg yalue. For this
method, only spectra in the pH range & are required

A]
pH = pK, + Iogﬁ (19)
where A" refers to the ionic species, NQ and HA to the
molecular acid, HONO.

The principal source of error in the experiment was encoun-
tered in the measurement oftktoncentration. The pH meter
employed reports values t80.1 of a pH unit. Since the errors
associated with the spectroscopic absorbance measurements are
very small in comparison, the calculatedjvalues are assumed
to contain an error oft0.1.

The results obtained from the two methods are summarized
in Table 5. Independent experiments using HC| an8®j for
acidification of the nitrite ion are included but show no
significant difference. The first point of note regarding the results
is that there is no variation ofify value as a function of nitrite
ion concentration. The use of concentration data in studies of
this type is, of course, acceptable only in the case of ap-
propriately dilute solutions. Generally when the amounts of
species in solution are increased, concentrations must be
corrected with appropriate activity coefficients. However as the
concentrations utilized in this study lead to reproducilig p
values, the omission of activity coefficients would appear to
be justified. This point is further elaborated upon in the
following discussion of the numerical modeling of the system.

A second point to be noted is that th€ values determined
using the Albert method (method 1) are consistently higher than
those from the method developed in this study (method 2). It is
obvious from the HenderserHasselbalch equation (equation
18) that the [, is dependent on the numerical value of the
quotient, [NQ)/[HONO]. Overestimations of the HONO
concentration will decrease this quotient and increase the
calculated value for theKy. Thus the lower values obtained
using method 2 are probably a more accurate determination of
the dissociation constant from the spectra. Hence, a value of
2.8+ 0.1 is reported here for the dissociation constant of nitrous
acid.

As mentioned earlier, the published literature contains values
for the Kz of HONO which range from 2.30 to 5.22. The only
previous spectroscopid{p determination appears to have been
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Figure 4. pH vs [HCI] modeling graph for a 0.03M NaNGolution
potentiometric and conductivity experiments. Although the value Using a range oflg, values to compare with current experimental study.
obtained in the current study (2.8) is outside the error limit of
Gomes and Borges, the two spectroscopic determinations are
similar enough to call into question the commonly quoted of this magnitude is similar to the experimental error, and
literature values of 3:23.313 therefore, it is not surprising that the omission of activity

Numerical Modeling Studies: The One Step Equilibrium coefficients does not affect the reproducibility of the measured
Process. The initially modeled system consisted of four results. To further illustrate this point, it was determined that
variables: [HONO], [NQ], [H*] and [OH]. Four equations ~ with much more highly concentrated NaN&olution (0.1 M)
were solved in the model to evaluate these quantities using thethan used in the experiments, the deviation from ideality
experimentally determined nitrous acid dissociation conskajt ( becomes considerably more pronounced: here the difference
and the ionic product of wateK(,) as the limiting parameters. ~ between the two systems exceeded 0.5 of a pH unit in some

To keep the model free from unnecessary complication, it regions of the profile.
was written to account for the addition of a strong monoprotic ~ The most useful feature of the model is its application to the
acid to the N(Ill) solution. Clearly, at a highly acidic pH, the verification of the experimentally measuretjvalue. Again,
formation of bisulfate ions (HS©) may be expected to occur  simply by altering the K, value line of code in the program,
(pKa HSO;~ = 1.92) when sulfuric acid is used as thé sburce. the response of pH to acid added can be investigated using a
For the model to function accurately, two additional variables range of acid dissociation constants. Figure 4 shows the model
(sulfate and bisulfate ions) and two new equations (the sulfate output for three differentlg, values utilizing a 0.03 M NaN©®
mass balance and the dissociation of bisulfate ion) would needsolution along with the experimental results obtained in the
to be included. Therefore, the devised program is best appliedcurrent study shown for comparison. For this concentration, the
to the acidic condition when HCI is added to the nitrite ion pKa value of 2.8 fits the experimental values well in the pH
solutions (i, for HCI = —6.233%) and the results discussed region 6-3. The K, value of 2.2 (as determined by Gomes
below refer to this system. It should be pointed out that the and Borges) is not a good fit for the model and underestimates
experimentallydetermined values ofify obtained in this study ~ the pH over the entire range. The commonly quoted literature
when SOy is used as the Hsource are not devalued because Vvalue of 3.27 on the other hand consistently predicts a higher
the calculations depend only upon pH and N(lIl) concentrations, pH than is observed in this study. Although this comparison
and not on the quantities of acid in solution. Finally in the does not provide independent verification of the experimental
relatively highly concentrated solutions under investigation in values reported in this study, it does show that the calculated
this study, any escape of HONO from the liquid to the gas- value of 2.8 is a better fit than any value above 3. Therefore,
phase will have a negligible effect on bulk concentrations (due the treatment of spectral data devised in this study (method 2)
to its Henry’s law constant). Therefore, this step has not been would appear to more accurately determine the acid dissociation
included in the model. constant than the Albert and Serjgnapproach (method 1),

The numerical model was then used to demonstrate the effectwhich is used most often in the literature.

(or otherwise) of activity coefficients on the system. In the Simple modeling graphs of pH vs [HCI] are not the only
Experimental Section, it was concluded that changes in the output that the program provides. The model can also be
magnitude ofy. with nitrite ion concentration did not alter the  configured to display how the equilibrium concentrations of the
outcome of the calculations for the current experimental species in solution vary with pH. A plot of HONO mole fraction
determination of the Ig, significantly. This can be confirmed  vs pH represents the most efficient way to average all of the
by inspection of the numerical model output because, by use experimental runs because the total N(lll) concentration is not
of the Pitzer equation, it can be used to calculate the activities then a factor. It is apparent in Figure 5 that the model works
of the species in solution. Alternatively, it can be configured to quite well for intermediate pHs (63) but departs from the
ignore activity coefficients and treat the system as ideal. For experimental observations in highly acidic media. Possible
example, with the addition of HCI to a 0.03 M NaN®olution reasons for this divergence are discussed below.

using the experimentally determined value of 2.8 for the = Numerical Modeling Studies: Two-Step Equilibrium
dissociation constant it is found that as the pH decreases belowProcessesAs discussed above the behavior of nitrous acid under
4, the variation from ideality becomes apparent but remains highly acidic condition has been explored both experimentally
small. Even at its maximum, the difference between the systemsand theoretically by a diversity of researchers. Using a numerical
is less than 0.2 of a pH unit as shown in Figure 3. A deviation modeling approach, the plausibility of a second protonation step,
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Figure 5. Mole fraction of HONO vs pH comparison for model and  reaches pHv 2.4. As the pH decreases further, the fraction of
experimental results. H,ONOT increases until at pi 1.5, it becomes the principal
- species in solution.
6 - Conclusion
X
5 : The spectra of the N(Ill) compounds, nitrite ion (W®and
r nitrous acid (HONO) were recorded from 200 to 400 nm. The
4 ——one-step addition of mineral acid to the N(Ill) solutions to lower the pH
In. — twostep was found to increase the mole fraction of HONO at the expense
31 *_experimental of NO,~. Using the change in speciation with respect to pH
5 and a careful spectral subtraction procedure, the acid dissociation
constant K,) of nitrous acid was evaluated as 1x610~2 mol
1 dm=3 (pK, = 2.8 & 0.1), which is somewhat lower than the
currently accepted literature value. The spectra also allowed
0 ; ' ' ' ' ' ' ' determination of the molar absorption coefficients of the two
0 001 002 003 004 005 006 007 008 species in the UV vis region. Nitrite ions were shown to display
tHen a maximum absorbance at 354 nen<{ 22.1+ 0.22 ML cmr ),
Figure 6. Model comparisons between one-step and two-step systemswhereas that of nitrous acid occurs at 372 rm=(60.5+ 0.60
for HONO. M~1 cm™1). The above findings may have important bearings

as in reaction 20, can be examined and then compared with the”" hydro>.<yl radical S Olution chemistry and photochemistry.
available experimental measurements Nume_ncal modeling was used to investigate the p(_JSS|bIe
protonation of HONO at pH values below 3 to form the nitrous
acidium ion (HONO'), a species which is generally not
included in atmospheric models. Two equilibria did indeed fit

Il th derlvi hemi is b ed by th the full data better than a one-step process. Hence the acid
Overall the underlying chemistry is best summarized by the tWo- gisqciation constant for the doubly protonated ion was calcu-

HONO + H,0" = H,ONO" + H,0 (20)

step reaction shown as reaction 5 lated to be 2x 1072 mol dm3 (pK, = 1.7). Its potential
_He e N partiqipatior} in highly. acidic atmospheric waters may initiate
NO, ==HONO==H,0ONO (21) reactions with halide ions.
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