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ABSTRACT
Atmospheric aerosols consist of submicron-sized particles occurring

-3 .
5 cm ~ and mass concentrations

at number concentrations of the order of 10
of the order of 100 ug m-3. These aerosols, when occurring in urban areas,
consist of aqueous solutions of sulfate, nitrate, ammonium, organic con-
stituents, and certain metals. This thesis is a contribution toward our
ability to describe mathematically the formation and growth of such atmo-
spheric aerosols. Since a substantial fraction of the mass of urban aero-
sols consists of sulfate, nitrate, ammonium and water {Stelson and Seinfeld,
1981), the description of the dynamics of such an aerosol is an fmportant
place to initiate the development of aerosol models. The size and composi-
tion distribution of atmospheric aerosols are governed by a combination of
thermodynamics and kinetics. A detailed treatment of the thermodynamics of
the atmospheric sulfate/nitrate/ammonium/water system is presented. Based
on this treatment, models are developed to predict the equilibrium quantity,
composition, state, and size of the aerosol given gas phase properties.
Aerosol kinetics are approached by solution of the General Dynamic Equation
for the aerosol sized distribution using the sectional method of Gelbard

and Seinfeld. In the most general kinetic model presented, the evolution

of the size and composition of an atmospheric sulfate aerosol is predicted
under power plant plume conditions. Users manuals for the computer codes

comprising the models developed here are given in the Appendix.
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INTRODUCTION



Introduction

1  Background

Several mathematical models have been developed to describe aerosol
dynamics and chemistry based on a theoretical description of the governing
processes. These models are summarized in Table 1. They may be grouped
in four main categories:

(1) Models that describe the evolution of the aerosols size distri-

bution by coagulation and condensation of one or more gaseous species

(2) Models that describe aerosol growth by condensation of one or

more gaseous species

(3) Models that describe the evolution of the aerosols size and

chemical composition by coagulation and condensation of one or more'

gaseous species and by aerosol-phase chemical reaction.

(4) Models that describe the thermodynamic equilibrium of the aero-

sol with the surrounding gas phase.

Models that describe aerosol dyanmics are based in one form or another
on the solution of the General Dynamic Equation {GDE) that includes coagu-
lation, condensatiog, and nucleation for a continuous size distribution.

For the aerosol number distribution, n{v,t) the GDE is expressed as follows

\ )
anlet) o 2o, )+ 3 g’ B(v=¥,¥)n(v-7,t)n(¥,t) &

- S B tn(@.0) @ + 3y

where v is the aerosol volume or mass, t the time, 8 the coagulation coeffi-
cient and J the nucleation rate. The first term on the right hand side
represents condensation, the second and third terms represent coagulation,

and the last term represents nucleation.



Table 1

Summary of some recently developed aerosol models

Model

Size Distribution

Coagulation

Condensation/Evaporation

New Particle
Formation

Rerosol Chemistry
and Thermodynamics

Middleton and Brock
{1976}; Middleton and
Kiang (1978)

Getbard and Seinfeld
(1978,1979)

Tsang and Brock (1982a,
1982b); Brock (1983)

Gelbard, Tambour and
Seinfeld (1980} ;
Gelbard and Seinfeld

{1980) Bassett, Gelbard

and Seinfeld (1981)
seigneur {1982}

Whitby (1978}

Eltgroth and Hobbs
(1979)

Continuous
representation

Continuous representa-
tion with discrete
representation of
motecular clusters

Cantinuous
representation

Continuous
representation

Sectional
representation

Trimodal representation

Trimodal log-normal
representation

Evaluation of integrals

Evaluation of integrals

Evaluation of integrals

Inter- and intra-
sectional coagulation

Inter and intra-
sectional coagulation

Parameterized

Inter- and intra-
modal coagulation

Growth law from H2504
3dnd H20 concentrations

Growth Taw from H2504
and H20 concentrations

Growth law from gas-
phase concentration

Growth law from H2504

concentration and
aergsol/gas-phase
eauilibrium

Growth law from H2504
(NH4)2504 and NH4N03
condensation

Parameterized

Growth Taw from HZS(]4
concentration

Classical nucleation
theory

Monomer balance theory

Monomer balance theory

None

Parameterized monomer
balance theory

Parameterized

Monomer balance theory

None

None

None

Aqueous chemistry
{sulfate) Bassett, Gelbard
and Seinfeid (1981)

None

None

None
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Let us now summarize the methods in Table 1 in terms of the categor-
ies given above.

(1) Models that describe the evolution of the aercsol size distri-
bution by coagulation and condensation of one or more gaseous species.

Models that describe the evolution of the aerosol size distribution
by coagulation and condensation are based on the solution of the GDE given
above. The solution of the GDE is difficult because both n and v vary
over several orders of magnitude. The numerical solution approaches have
generally followed one of two techniques, one based on the use of spline
or collocation methods, e.qg.

Middleton and Brock {1976)

Gelbard and Seinfeld (1978, 1979)

Middleton and Kiang (1979)

Suck and Brock (1979)

Tsang and Brock (1982a,b)
and the other based on dividing the size regime into sections, e.g.,

Gelbard, Tambour and Seinfeld (1980)

Gelbard and Seinfeld {(1980)

Seigneur (1982)

These two approaches have common roots. In fact, the sectional ap-
proach can be viewed as simply the first level of approximation in a hier-
archy of methods, such as splines or orthogonal collocation on finite ele-
ments. The above models work well for coaguiation processes, based on a
comparison of the numerical solutions with exact solutions. However, con-
densation, which is represented by the first term on the right hand side

of the GDE, leads to numerical difficulties. This is a result of the



first-order nature of the term, which is identical to the advection term
in transport-diffusion models. Brock (1982) has suggested the use of
recently developed finite-element techniques to minimize the numerical
diffusion that results from this term.

In a regional air quality simulation, the models summarized above
would have to be used at every grid point. As a result, the time required
to run such a model may become prohibitive. In an effort to avoid this
difficulty, whitby (1981, 1983) proposed a three-mode parameterization of
the coagulation, condensation and nucleation processes. Thus, Whitby's
model provides an approximate solution to the evolution of the aerosol
size distribution which requires less computer time to run.

(2) Models that describe aerosol growth by the condensation of one
or more gaseous species.

The second group of models neglects coagulation. Thus, they are
based, in essence, on solving

an{v) _ _ &
ot )Y

n(v) g¥«+ J(vo)

where growth, dv/dt, may occur by condensation of one or more species.
Most of the models developed have focused on sulfate and nitrate aerosols.
These include:

Orel and Seinfeld (1977)

Peterson and Seinfeld (1979, 1980)

Middleton, Kiang, and Mohnen (1980)

Brock (1382)

Saxena, Seigneur, and Peterson (1983)



Each of these models included agqueous-phase chemistry and thermodynamic
equilibrium in addition to growth by condensation of gaseous species.

When coagulation can be neglected, a considerable simplification
results. This is because the presence of coagulation imposes limitations
on the method to be used. For example, in the sectional approach, there
is the geometric constraint which Timits the number of sections that can
be used. When coagulation can be neglected, these problems will not arise.
Then, in general, there will be no major difficulties in simulating gas-to-
particle conversion and aerosol-phase chemical reactions in a multi-compo-
nent system.

(3) Models that describe the evolution of the aerosol size and chemi-
cal composition by coagulation and condensation of one or more gaseous spe-
cjes and by aerosol-phase chemical reaction.

The only model that combines size distribution evolution by coagula-
tion and condensation with aerosol-phase chemical reaction is that of
Bassett, Gelbard and Seinfeld (1981) which is Chapter 6 of this thesis.
The model was developed specifically to simulate plume aerosols, where
both coagulation and aerosoi-phase chemistry might be expected to be of
importance. The model is based on the sectional approach to sclving the
GDE. It also jncludes some simple aerosol thermodynamics. This model
demonstrates the way in which type {1) and (4) models can be combined to
produce a complete model of an aerosol. However, further work is required,
especially in the incorporation of more sophisticated thermodynamics.

(4) Models that describe the thermodynamic equilibrium of the aero-

sol with the surrounding gas phase.



It has become apparent that thermodynamic equilibrium plays a key
role in determining the quantity and composition of atmospheric aerosols
(Stelson, Friedlander, and Seinfeld, 1979; Stelson and Seinfeld, 1982a,b,c).
The models in category {1) assume that condensation is essentially irrever-
sible. That is, no account is taken of equilibrium processes. However,
the concentration of water, a major component in many aerosols, is deter-
mined by equilibrium. Thus, it is clear that proper prediction of particle
size for these aerosols requires that equilibrium be taken into account.
Models 1in categories (2) and (3) have attempted to do this by continually
adjusting the particle size so that equilibrium is maintained.

In Chapter 3 we present a model that predicts the quantity, composi-
tion and physical state (1iquid or solid) of a sulfate/nitrate/ammonium/
water aerosol at equilibrium given the total concentrations, present, and
the temperature and relative humidity. Thus, this model provides informa-~
tion that is fundamentally different from models directed towards describ-
ing the evolving size distributions. This model can then be incorporated
into those of classes (1) and (2) to provide a complete description of

aerosol behavior.



2 Overview of this Work

The models discussed in the previous section may be broken down into
two broad areas, thermodynamic models and kinetic models. This work con-
tains contributions to both of these areas.

Chapters 2, 3 and 4 discuss the development of a detailed thermodynamic
model for the atmospheric sulfate/nitrate/ammonium/water system. The first
step in this development is the determination of correlations for the chemi-
cal potentials of the various species involved. Chemical potentials for
several of these species had been available previously (Stelson and Seinfeld
1982a,b,c). In Chapter 2, correlations are developed for the remaining
species. In addition, the results obtained using these correlations are
checked against experimental data.

The next step in the model development is the construction of a computer
program to calculate the equilibrium of the system. The construction of
such a code is detailed in Chapter 3. The code developed here uses the ex-
pressions for the chemical potential developed previously. It accepts as
inputs the total concentrations of the various components, as well as the
temperature and relative humidity. Using these, the program then calcu-
lates the total amount of aerosol present, its composition, and physical
state (solid or liquid).

In the course of developing a temperature-dependent model, it was
necessary to develop correlations for the dependence of the chemical poten-
tials on temperature. These are presented in an appendix.

Chapter 4 describes the development of a generalized code to handle
the case where the effect of particle curvature on vapor pressure, the so-

called Kelvin effect, is important. Using this code, it is possible to
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explain quantitatively for the first time the observation that nitrate
tends to be found in Targer particles than sulfate (Appel et al., 1878).

The next two chapters, Chapters § and 6 describe a study of aerosol
kinetics. Chapter 5 deals with growth by gas-to-particle, condensation
or intra-particle chemical reaction, when coagulation is negligible.

Thus, for this case, the GDE becomes

d
anlest) o2 (n(v,t) )

Thus, in this case, the GDE is linear, so that the method of characteristics
may be used to solve it. As a result of this study, it is shown that one
can use the evolution of an aerosol distribution to infer the mechanism of
sulfate production.

Chapter 6 describes a model for the evolution of an aerosol size and
chemical composition by coagulation and condensation of one or more gaseous
species and by aerosol-phase chemical reaction. Thus, it fits into cate-
gory (3) of Section 1. This model uses the sectional method. In addition,
it also includes & simplified thermodynamic calculation. Future work would
involve inclusion of more sophisticated thermodynamic data into such a
model.

During the course of this study, two large computer codes were devel-
oped to predict the thermodynamics of the atmospheric sulfate/nitrate/
ammonium/water system. Users manuals for these codes are presented in
Appendices A and B. These manuals are for the codes described in Chapters 3

and 4, respectively.
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INTRODUCTION

Knowledge of the thermodynamic equilibrium properties of agueous solu-
tions is required in virtually any calculation associated with particle and
droplet acidification. For example, prediction of the equilibrium vapor
pressures of dissolved solutes and water is necessary when predicting the rate
of uptake of pollutant gases into cloud and rain drops and aerosol particles.
In addition, evidence indicates that atmospheric aerosols and small droplets
are frequently in chemical equilibrium with the local surrounding air. In such
a situation, given the ambient gaseous concentrations of pollutant species,
and the temperature and relative humidity, it is desired to determine the
physical state (liquid or solid) and the chemical composition of the particle
or drop in equilibrium with the air.

To motivate the material to be presented in this chapter, consider for
a moment predicting the rate of uptake of a species i into an atmospheric
particle of radius r. The rate of change of the mass of species i in a particle
or droplet due to transfer of that species to or from the vapor phase can be

expressed as

12
gt = filrey ey

)

where piw and pis are the partial pressures of species i far from the particle
and just above the particle surface, respectively, and fi(r)is a function of
particle size that depends on the mechanism of transport of i from the bulk
gas to the particle surface (e.g. molecular or turbulent diffusion depending
on the particle size).

The partial pressure of component i in equilibrium with a particle of

radius r is given by



16

(ZOVi)
p; = pS exp gy
ig 1s rRT

where p?s is the partial pressure of species i over a solution having a flat
surface and having the composition of the particle. For particles of radius
larger than about 1 um, the Kelvin correction for curvature effects on vapor
pressure is negligible and p; = p? .

s s
The vapor pressure p? depends on the composition of the solution, m

1’
Myseves Moo Therefore, tosca1cu1ate the rate of uptake of each of n dissolv-
ing species it is necessary to know how the equilibrium vapor pressure of
each species depends on the composition of the mixture.

We noted above that atmospheric particles and drops are frequently in
chemical equilibrium with the surrounding air. In connection with this state-
ment, let us estimate the characteristic time 7 for approach to equilibrium

of a particle of radius 1 ym. If the particle consists of a single component,

then the characteristic time for growth of a particle of such size is

. _oreRT
3DMZpi -P; }

S

Let us take the particle density p=1g cm'3, the diffusivity of the trans-
ferring species, D = 0.14 cm2 sec'l, the value for 502 in air at room tempera-
ture, M = 98, the molecular weight of sulfuric acid, and pim~piS = 1 ppm.
Based on these values, t = 6 sec. The time scale over which other phenomena
influencing the particle, such as transport or chemical reaction, occur will
generally be on the order of minutes or hours. Thus, most small particles

may be assumed to be at equilibrium with the local ambient air. This assump-

tion will hold regardless of the presence of chemical reactions in the gas

phase or in the particle.
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For a particle or droplet at equilibrium with its surroundings,

Py

o

= p1 (m.l ,mz,.-., mn)
3
i=1,2,...,n
and the particle composition, indicated here by the n masses, My sMoseens M
must obey these n relations. Generally, ¥ will be known either from meas-

urements or gas-phase model predictions. Tﬁus, the equilibrium condition
may be viewed as n simultaneous algebraic egquations for the n compositions.
In virtually all atmospheric situations the component that contributes most
to the total particle mass is water. Consequently, determination of the
amount of water associated with a particle is a critical part of calculating
its equilibrium composition (and size). Another important inference from the
equilibrium conditions is the physical state of the particle. For example,
ammonium nitrate exists as a solid at low relative humidities and as an aqueous
solution at high relative humidities. In fact, in a multicomponent system
some components may exist in solution whereas others may be in solid form

at a given relative humidity.

In short, the ability to calculate the equilibrium properties of mix-
tures characteristic of atmospheric particles and droplets is essential to
predicting rates of growth {and acidification). Unfortunately, the calcu-
lation of equilibrium properties is frequently not straightforward because
the solutions typical of atmospheric particles and droplets often lie in
the concentration range where solutions are strongly nonideal. For example,
Stelson and Seinfeld® have shown that Los Angeles aerosols consist of con-
centrated solutions in the range 8 to 26 molar.

This chapter summarizes the results of a comprehensive effort aimed at
providing a basis for determining the equilibrium properties of atmospheric
droplets and aerosols. We begin the chapter with a concise review of nonideal

solution theory.
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Four principal components of atmospheric particles and drops are sul-
fates, nitrates, ammonia and water. The relative amounts of these species
will, of course, vary, however valuable insight into the equilibrium behavior
of such solutions can be gained by considering three idealized cases. This
chapter will focus on the following three cases.

The first case is one in which the solution consists of nitric acid,
ammonium nitrate and water. The presence of ammonium nitrate in atmospheric
aerosols has been confirmed by a number of investigators. Doyle et al?
and Stelson et al2 have inferred the existence of an equilibrium between
ammonium nitrate precursors, ammonia and nitric acid, and solid particulate
ammonium nitrate. Using the ambient ammonia and nitric acid data of Spicer*
at West Covina, CA, Stelson et al.® showed that the measured and predicted
concentration products, [NH3][HNO3], were in essential agreement. Doyle et
al.? demonstrated the same phenomenon at Riverside, CA based on FT-IR
ammonia and nitric acid measurements. Thus, the case of an ammonium nitrate,
nitric acid, water system is one with practical importance in its own right
as well as serving as an approximation for the situation when nitrates dominate
sulfates.

Case two is that in which there is an abundance of ammonium and where the
ammonium ion can be assumed to be the only cation present. The solution is
treated as containing only ammonium sulfate, ammonium nitrate, and water.
This system is of great practical interest, since, for typical urban situa-
tions, the ammonium concentration is often greater than that of unneutral-
ized protons.

The final case is one devoid of nitrate, namely containing ammonium sul-
fate, sulfuric acid and water. This situation is of interest in power plant

and smelter plumes where sulfates dominate nitrates.
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REVIEW OF NONIDEAL SOLUTION THERMODYNAMICS

Consider the chemical equilibrium in a closed system at constant temper-
ature T and pressure p. The condition for equilibrium is that the total Gibbs
free energy of the system G is a minimum. That is, dG must be non-negative

for any possible change in the system,
0 < dG = - SAT + Vdp +2_ v dn, (1)
i

where uy = (BG/a“i)T,p is the chemical potential of the ith component. At

constant T and p,
d = -Zuidni >0 (2)

Consider the process Aj - Ak’ where Aj and Ak denote components j and k,
respectively, representing either a chemical reaction or a phase change. If do

moles undergo the transformation,
ds = - uj(-da) - uk(da) >0
= (u5 - ylda >0 (3)

Since da may be positive or negative, the inequality holds only if “j = Y-

In a similar manner, for a chemical reaction of the form,

r, —%5 P
%: vi A ..§vk A, (8)

where vg and vi are the stoichiometric coefficients of the reactants and prod-

ucts, respectively, the equilibrium condition is

Zj:v; U3 *25 "E Hy (5)
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Note that both G and n, are extensive properties, whereas My is inten-
sive, i.e. if the number of moles of all components in the system is multiplied
by a factor o, G and n; each increase by a factor of o, while Y does not change.

Consider (2) in the case dni = n; da.  Then
dG = - (z:ni ui)da (6)
i

Integrate (6) with respect to o from o = 0 to © = 1 noting that the u; are con-
stant along the path to obtain
G = "TZn.i Ui (7)
Take the differential of (7),
d6 = - 20 n.du, - 2u,dny (8)
1 i

Subtracting (8) from (2) gives
Z_:nidui =0 (9)

known as the Gibbs-Duhem equation.

Having derived conditions for the equilibrium of a system in terms of the
chemical potentials bys it is now necessary to relate the U to the composition
of the system. Consider first the determination of the chemical potential of
a gas phase component. At a total pressure of one atmosphere, the gas phase

can be taken as ideal. The chemical potential of an ideal gas is

U

)
;U *RT ﬂn(pi/po) {10)

where Po is customarily taken as one atmosphere, and Ps is the partial pres-

sure of component 1.



21

An ideal liguid solution may be defined as one in which

o]
PRI P RT g&n m. (11)

where m; is the molality (moles of i/kg of water) of component i¥ The assump-
tions underlying the ideal solution are of two types. The first is that the
energy of interaction of all molecules is the same, whereas the second is that
the solute does not dissociate. The systems of interest in atmospheric par-
ticles and droplets, consisting of concentrated electrolyte solutions, do not

obey the assumptions of an ideal solution.

Activity Coefficients

To account for nonideality due to different energies of interaction, it

is customary to define

_ 0
PRSP RT an Y (12)

where the activity coefficient Y; accounts for intermolecular forces. Methods
of calculating the ¥; will be discussed shortly. Equation {12) is sometimes

expressed in terms of the activity a; = y; m; as
o= uY 4 RT an a. (13)
i i i

Before proceeding further, it is necessary to discuss the convention used

to define p? . First consider the solvent, in this case water. For water,

u? is chosen so that a, = 1 for pure water, i.e.

a, = 1 as Xy ™ 1 (18)

where X is the mole fraction of water. For water the symbol u? will be
0

.f:

replaced by u:, the standard Gibbs free energy of formation of water, AG
‘ W

*Henceforth, m; will denote the molality of species i in solution.
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Now consider the reference chemical potential for each of the solutes,
u: . Although there are several conventions on defining u; s the one to
be used here is that the activity coefficient of component i equals unity as

the solution approaches infinite dilution,

.+ 0all j (15)

y1.=1ast

There are two items to note about the convention. First, all solutes
must become infinitely dilute simultaneously. Second, and most important,
u; does not correspond to a physically attainable state. For this reason, it
is customary to use for it a different symbol, u:-

Having discussed nonideality due to intermolecular forces, it is now
possible to treat nonidealities due to dissociation. When a solute dissociates,
the total activity is the sum of the activities of the products of dissociation.

For an ammonium nitrate solution, for example, assuming total dissociation, the

chemical potential of NH4NO3 is

+ RT 2n ( (16)

Yyt Yo~ ot Tno-
NH NO NH4 NOS)

*
UNH,NO. T HNH,NO 3

473 4773
For ammonium sulfate, assuming total dissociation,
* 2 2
u =y + RT n {yps Yen2- Myps Mea2-]  (17)
(NH,),S0, ~ F(NH,),S0, ( NH} TS0Z™ TNHj $03 )
Because of the form of these expressions, the only guantity that can be
measured experimentally is the product of the activity coefficients. Thus, it

is convenient to introduce the mean activity coefficient Y,» defined as the
geometric mean of the activity coefficients, e.g. for NH4N05'Y§ = YNHZYNog while
for (MH,),50,, v = YSHZ Ys02--

A correlation for the mean activity coefficient in dilute one-component

systems is
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Iy, = — /T (18)

where I is the ionic strength,
1y 2
1~2213 zm, (19)

and where z; is the charge on an ion of type i, z, and z_ being the charges
on the positive and negative ions. The quantity A is a constant for each sol-
vent at a given temperature, equal to 1.17625 for water at 298 K. The con-
stant b depends on the size of the ions. When b = 0, (18) is called the Debye-
Huckel limiting law. Although (18) represents data well at low ionic strengths,
it is necessary to add additional terms in I to correlate data at higher jonic
strengths,

Alz,z |VT

¢ny, = - —————+ Z(XQI (20)
- 1+bvT 2

Here, b and the o  are empirical constants.

'3
Finally, it is possible to use the Gibbs-Duhem equation (9) to calculate
the water activity of a one-solute (binary) solution. Let v, and v_ be the
numbers of moles of cations and anions produced by the dissociation of one
mole of solvent and v = vyt v be the total number of moles produced. Letm
be the molality of the solution and N and n be the numbers of moles of water

and solute present. Then (9) becomes
0= N dlnaw +un dln(yiv+m) +vn dQn(yiv_m) (21)
On a basis of 1 kg of water,

- n, dana = wm deny, + wm den m (22)
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Integrating with respect to m from zero to m gives

WM ) va

w [ (23)
gna, = - —x m'diny, - —=m 23
LT * 08

where Mw is the molecular weight of water. The water activity a, is related

to the relative humidity RH in percent by

RH = 100 a, (24)

Experimental values of a, are commonly tabulated in terms of the molal osmotic
coefficient ¢, defined by

103

vaw

¢ = - i a, {25)

Thus, (23} can be expressed in terms of ¢ as

m
¢ =14 % f m'diny, (26)
b

Activity Coefficients for Multicomponent Solutions

Having found the chemical potential for the case of a binary solutions, we
now proceed to the general case of a multicomponent solution. A rigorous theory
would include the effects of all possible interactions, for example not only
solvent-solute interactions but also all interactions between ion pairs, ion
triplets, etc. The expression could then be truncated when the interaction
effects become sufficiently small. The drawback of this approach is that even
for solutions containing only a few electrolytes, the number of parameters that
must be known as functions of ionic strength is large. Furthermore, most of
these parameters cannot be measured directly. As a new ion is added to a sys-
tem, all the parameters need to be redetermined. Thus, we must generally resort
to empirically based approaches that do not involve as many unknown parameters

as the rigorous theory.
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In the approach we will follow, the Bronstead principle of specific inter-
action will be used. Physically, the principle is based on considering only
interactions between pairs of oppositely charged ions. Ions with charges of
similar sign repel each other, and because of their mutual repulsion, the
distances between them are greater than those between ions of opposite sign.
Based on this assumption , Kusik and Meissner’proposed the following empirical

mixing rule for activity coefficients in multicomponent systems,

Z2 (21*22 ‘ 2ty ‘ -1
- o {3
Mg Tz, M\ Tz e T\ Tz N e e 1

* ] [m Z1+ZZ)Z n yS, +m 73" i W ye, + I']
272, L1\ 2 N Yy T3\ Y32 e

where the odd and even subscripts refer to cations and anions, respectively,

(27)

Y?j is the mean activity coefficient for a binary solution containing only
ions 1 and j, and m, is the molality of species i. Note that the only empirical

data required for this approach are binary solution activity coefficients.

Having found the solute activity coefficients, the water activity follows

from the Gibbs-Duhem equation,

2
m, . visZ.Zs A+
ma =3 M v; 242 [z 5 (z1 Zk) m,

W i3 I Zi+zj J oy 2 wik
even
2
z.+2 m
+z; z(‘]zk)«l—k—ﬁna; ]
k ki
odd




26

where a; is the binary water activity for electrolyte pair, i, Jj, mij is

id
the molality of this electrolyte, Vij is the number of moles of ions each mole

of ij dissociates into, and m is the total molality of ijon k.
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THERMODYNAMICS OF THE ATMOSPHERIC AMMONIUM NITRATE, NITRIC ACID, AMMONIA SYSTEM

Relative Humidity and pH Dependence of the Vapor Pressure of Ammonium Nitrate -

Nitric Acid Solutions at 25°C®*

Ammonia-Nitric Acid Equilibrium Product Over Solid and Aqueous Ammonium Nitrate

Below 62% relative humidity at 25°C, ammonium nitrate should be
present as a solid and above this value it should be in solution. * Recent
available free energy data for the NH3-HN03-H20 system are given in Table 1,
from which the equilibrium constants for the NH3-HN03-H20 system in Table 2 can
be calculated. The eguilibrium constants in Table 2 are thermodynamic equili-
brium constants where pressure is referenced to one atmosphere and agueous
solute concentration to unit molality.

For ammonium nitrate at 25°C below 62% relative humidity, the equilibrium

product is Kl’ Above 62% the equifibrium product is given by

PN pnno zYNH NO mNH4mNO3

2 2
= Ky(v,) m (29)
2" Y+ NHNO" NHNO,

where p... .D = the partial pressures of ammonia and nitric acid; v, -
NH3 HN 03 NH4
Yo, the molal activity coefficients of the NH4 and N03 ions; mNH s Myg.»

3 3
mNH NO, = the molalities of NH4, NO and NH,NO, and (v Dy O = the mean molal

3

act1v1ty coefficient for NH4N03 Using the NH4N03 solut1on activity coefficient
datz from Hamer and Wu® , the equilibrium product can be calculated as a func-
tion of NH4N03 molality. The relative humidity, R.H., over the solution can

be calculated as a function of NH4N03 molality from the molal osmotic coeffi-

cients in Hamer and Wu' ,

*A1though recent work of Tang® dindicates ammonium nitrate does not exhibit
traditional deliquescence but is hygroscopic at relative humidities greater
than about 30%, we will assume ammonium nitrate deliquesces at 62% relative
humidity for the purpose of this work.
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Table 1. Free Energy Data for the NH3—HNO3~H20 System at 298 K

1

Species ‘ " AG/RKT Reference
N, (9) - 1,977 8
HNO4(g) - 8,903 9
NH,NOS(c, 1V) -22,220 8
NH,NO(aq. m = 1) -22,940 10
NOj(ag, m = 1) -13,410 8
H (ag, m = 1) 0 8
NHy(agq, m = 1) - 9,558 8
Hy0(1) -28,530 8
NH, - H,0(ac) -31,730 10

OH (ag, m = 1) -18,325 8
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Table 2. Equilibrium Constants for the NHB-HNOB—HZO System at 298 K

Reaction Equitlibrium Constant*,+
-17
1. NHNO(c,IV) 2 NH(g) + HNO,(g) 3.03x 10
2. NHNO,(aq) 2 NHy(g) + HNO,(g) 2.71 x 10718
3. NOj(aq) + H'(aq) 2 HNO4(g) 2.72 x 1077
-2
4, NH3‘H20(aq): HZO(Q) + NH3(g) 1.65 x 10
+ - 4
5, NH4(aq) + OH (aq) 2 NH3~H20(aq) 5.37 x 10
6. H'(aq) + OH (aq) 7 H,0(2) 9.79 x 10'3

*Values calculated from the free energy data of Table 1. The equilibrium
constants listed here can be tested for internal consistency in two ways.
First, K, should equal K£K4K /KG‘ Based on the values given, K. K,K./K. =

?8 5 -?8 5747376

2.46x107°° vs. K2 = 2.71x10°'°, an error of 9.2%. Second, K1 should equal

K2 aNH4N03’ where aNH4N03 = saturated ammonium nitrate solution activity.
Using the value of a of Kamer and Wu , K, = 3.14x10""7
NH4NO3 1

-17

, which

agrees well with K] = 3.03x10 as calculated and given here.

+The differences between the values for reactions 4-6 and those of Tang
are < 6%. A 21% difference exists between the equilibrium constant
used for reaction 3 by Tang®! and the value here.
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R.H. = 100 a, = 100 exp (-3.6031 x 1072 '“NH4N03¢m)' (30)

where ¢m = the molal osmotic coefficient at mNH4N03’ Since the equilibrium
product and the relative humidity over solution are both solely dependent on
"NH4NO3’ the equilibrium product - mNH4N03 functionality can be replaced by a
function relating the equilibrium product directly to the relative humidity, as
in Figure 1. Note that the product, pNH3pHNO3’ is expressed inum‘tsof‘(ppb)2 in
Fig. 1 for convenience in atmospheric applications. The effect of non-ideality
can be examined by assuming ¢n and (Yz)NH4N03 are unity. (See the curve labelled
ideal solution in Fig. 1). The ideal solution curve ends at "NH4N03 = 25,954,
saturated NH4NO3 solution at 25°C, which shows the jdeal solution approach
grossly mispredicts the deliquiescence relative humidity.

The solid NH4N03 vapor pressure product calculated using a Teast squares
fit of the data of Brandner, et 21.22 and the thermodynamic prediction of
Stelson et al.® are also shown in Fig. 1. The new solid vapor pressure product
prediction and the non-ideal NH4N03 solution curve at saturation join closely,
indicating the improved quality of this prediction for the NH4N03 solid vapor

pressure product at 25°C over that of Stelson et all

Ammonium Nitrate-Nitric Acid Mixtures.
Consider now a solution containing both ammonium nitrate and nitric acid.
Let 1, 2, and 3 denote the H+. NOB and NH; ions, respectively. Then, by equa-

tions (27} and {28)

= 13X 1-x
Iy =T Yt Ny, (31)
= 1 _2:_{ o
n Y32 =3 £n YEZ + 5 an Y35 (32)
in a_=xn a; + (1-x) &n a; (33)

12 14
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where x = m]/mz. Using these equations we will now show how the partial pres-
sures of nitric acid and ammonia over the solution are calculated.
The nitric acid partial pressure is determined from the equilibrium of

reaction 3 in Table 2,
_ 2
Phnog = K3 Y12 MM (34)

Using equation (31) and the value for K3 determined from the thermodynamic

data in Table 1,

14x 1-x

2 .
p = 272(v,) {v,) xm (in ppb) (35)
HNO +/H,NO4 Y2 NH N0, " O,

By specifying s mN03’ and mNH4’ the ionic strength is determined by I =
mN03 = mNH4 + My and only (yt)H,NO3 needs to be evaluated to calculate DHNO3'
The jonic strength functional dependence of (Yi)H,NOB must be calculated by
an indirect method which is different from the usual experimental activity
coefficient determination methods, vapor pressure, freezing point depression
or electrochemical, since nitric acid does not totally dissociate in water.
The degree of dissociation of nitric acid in water as a function of acid

concentration can be determined using the approach of HSgfeldt®?, in which the

dissociation of nitric acid is represented by three equilibria;

HNO,(H,0)5(aq) » H'(ag) + NO3(aq) + 3H,0(2)

B [HN03(H20)3]
Ka R - 3
{H"}1{NO3}{H,0}

HNO, (H,0) (2q) 7 H'(aq) + NO3(aq) + H,0(2)

[HNO3(H20)]
K = v
{H"}{NO3} {H30)
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+ -
HNO;(ag) 2 H'(ag) + NO,(aq)
[HN03]
K .
€ H'mo3)
where [ ] represents molar concentration and { } refers to the activity. K

K 3

a’
, and k_are 3.63 x 1072, 8.13 x 107 and 1.66 x 107, respectivelyi®.
Hogfeldt®® assumes the molar activity coefficients of the undissociated aqueous
nitrate species to be unity. When converting to a molal basis, the undissociated
nitric acid species molal activity coefficient, Yu is not unity, but rather is

given by

1000d

Yy T (10000 ) (36)
3

where d and d0 are the nitric acid solution and pure water densities in g ml'l,
respectively, MHNO = the molecular weight of nitric acid, and mg = stoichio-

3
metric nitric acid molality. Using HOgfeldt's equilibria and equation (36),

the fraction of nitric acid that is dissociated, o, can be calculated from

2
doysmS

_ 3
a=1- (Kaaw + Kbaw + Kc) (37)

u
where y. = the stoichiometric molal nitric acid activity coefficient. The dis-
sociation of nitric acid can be calculated using the stoichiometric molal nitric
acid activity and water activity data fit of Hamer and Wu’ , pure water density
and nitric acid molecular weight of Weast®®, and the nitric acid solution density
interpolation formula of Granzhan and Laktionoval®. The dissociation calculated
from equation (37) is compared to the dissociation data of Krawetz'® and

Redlich, et al.7 in Fig. 2. The agreement, especially with the data of

Redlich et al.?” , is good.
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The total nitric acid dissociation constant can be expressed in terms of
Ka’ Kb and KC by

KN SR S (38)

3
Kaaw+Kbaw+KC

Using Hogfeldt's*® equilibrium constants and noting that a = 1.0 at infinite
dilution, KN = 22.4, which compares favorably with values of 15.4, 20.0 and
26.8 from Davis and De Bruin'®, Redlich et al.'” and Young et al.?® |
respectively.

The mean molal ionic activity coefficients for the K" and NO% ions,

(Yi)H’NO3, can be found from
Crdy o, = Vs/o (39)

Using equations (36), (37) and (39), (Y+)H No. can be calculated as a function
*'H,NO4

of ionic strength. The maximum jonic strength is about 8.3 m and occurs

between 17 and 21 stoichiometric nitric acid molality. The mean molal jonic

activity coefficient polynomial regression up to 7.5 m is

‘ 21.17625 /T ) -1
““(Yt)H,NOB e +2.260 x 107 I
- 4.722 x 107212
+1.656 x 107213 - 2.396 x 107317
+1.386 x 107415, (40)

where the standard deviation is 20.0022. Although (y+)H NO should also be a
+"H,NO4
function of the undissociated nitric acid concentration, the effect of undis-

sociated nitric acid will be shown to be negligible up to 7.0 ionic strength.
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Ammonia Partial Pressure.
Now we may use the results of the previous section to find the partial

pressure of ammonia over the solution. Dividing equation (29) by (34) gives

2
K, Yo, M
R e (a1)
NHy Ky 2 my
Y12

Using equations {31) and (32) and the values for the equilibrium constants

from Table 2 gives
‘Y . B
PNH. = 9.05x10 ¥ — —= (in ppb) (42)

where K2 has been replaced by K5K4K3/K6.

Variation of Ammonia and Nitric Acid Partial Pressures as a Function of pH

The variation of the ammonia and nitric acid partial pressures as a func-
tion of pH can be evaluated using the expression for (Y+)NH NO from Hamer
R S
and Wu’ and equations (35),(40) and (42). The water activity of the NH4N03-

HNO; solution (aw)MIX’ is given by

= (101X oy1=x 74y
(3, )m1x (aw)H,NO3(aw)NH4N03, (43

where the superscript © denotes activities in a binary solution and where

(('i;)H,N03 is obtained from equation (40) and the Gibbs-Duhem relationship®. The

variation of pNH3 and pHNO3 with pH is shown inFig. 3 fora relative humidity of 94.5%.
The product of the ammonia and nitric acid partial pressures calculated

from equations (35) and (42) as a function of relative humidity is compared

to the equilibrium product calculated using ammonium nitrate activities in

Fig. 1. By comparing the curves labelled K-M solution and non-ideal NH4NO3

solution, the agreement is shown to be good. The major source of disagreement

between the K-M solution and the non-ideal NH4NO3 solution curves is the 9.2%
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difference between K5K4K3/K6 and KZ' The insensitivity of pNHspHN03 to pH can
be seen in the range of relative humidity variation by multiplying equations

(35) and (42},

2-X 2 . 2
Pau Py = 2-86(v2)% v (Y2 (1-x)mq  (in ppb°)
NHPHNO 5 21,00, Y N o NO,

(44)

As the relative humidity decreases, the maximum x, which occurs at pH = 1,
becomes smaller. Thus, the difference between an acidic ammonium nitrate
solution (pH > 1) and a pure ammonium nitrate solution partial pressure product

decreases with relative humidity.

Effect of Neglecting Undissociated Nitric Acid and lon-Pairing

In developing quantitative expressions for the ammonia and nitric acid
partial pressures, two assumptions were invoked. First, the effect of undis-
sociated nitric acid on the (yt)H’NOB,ionic strength functionality is small,
below 7.0 m. Second, ion-pairing of NHZ and NO% ions has a minimal effect On
the ammonia partial pressures predicted. Equation (44) requires as x -+ 0,
the solute activity approaches (Yi)§H4N03m§H4N03' Similarly, equation (31)
requires YHYN03 to approach (Yt)s,N03 as x = 1. Inherent in equations (31)
and (44) are the correct 1imits but neither equation gives insight into the
effect of these two assumptions. This effect will be examined in this section.

The ammonium to hydrogen ion activity coefficient ratio, in a mixture,
YNH4/YH’ can be evaluated from mean molal activity coefficients of an ammoniated

salt NH4X and the acid with the same univalent ion, HX, provided the acid com-

pletely dissociates. The activity coefficients of the two species are given by
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_ 2-x o X
N YgxT Tz A Yhgx 2 B Yiix (45)
n = l:5~2n NP S I Wy
THx T Tz M T T2 Yhx (46)
where x = mH/mX. Subtracting these two equations yields
{3
NH X L TNHX
n = 5 AN ——a— 47
Yk 2 Yhy (47)

. 2
Then, since vy = vy Y s €tC.,
NH4X NH4 X

¥
NH4 )

[}
Yy YHX

YNH, X[ YR\
SN ( 4) (48)

[~
YH

Thus, if the approach is correct, the right hand side of equation (48) should
be identical for all anions. This hypothesis was tested with five different anions,
c1, NOS, 1", Br and CIOZ (see Fig. 4). The assumption that HC1, HBr, HI
and HCIO4 totally dissociated in solutions below 7m or saturation is appropri-
ate since the dissociation constants are very large, > 107 2921, 1t s in-
correct to assume that HNO3 completely dissociates, so the NO; curve was cal-
culated using (Yi)H,NO3 as previously derived.
Lee and Wilmshurst®? have shown that a 5 m NH,C1 solution forms ion-
pairs. The observed mean molal activity coefficient,(yi)NHAX, must be cor-

rected as follows??!,
(Yi)NHqX
(Yt)NH4x TTIe (49)

where (Yi)NH4X = the corrected mean molal activity coefficient for salt NH,X

4
and 6 = the fraction of NH4 and X ions forming ion-pairs. Equation (5) assumes
the ion-pairs are symmetric®® . Also, the ionic strength would be corrected to

(l-e)mNH X The net effect of ion-pairing on the curves in Fig. 4 is not
4
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obvious since the NH4X mean molal activity coefficient would increase and the
ionic strength would decrease. Using density data of Pearce and Pumplin?®,

a 5-M NH4CT solution is approximately 6.25 m. The NH4C1—HC1 ammonium to hydro-
gen ion activity coefficient ratio is used to represent YNH4/YH to 7.0 m.

Thus, some NH4C1 ion-pairing must be present above 6.25 m. From (48)

AT 2
4
v =l ——1 [¥5 (50)
(NH4N03) (YH ) ( HN03)

Thus, (50) allows Y§H4NO3 to be calculated independent of ammonium nitrate
data.

With (29), (40) (48) and (50) and replacing K, by K5K4K3/K6, the effect
of jon-pairing and the undissociated nitric acid can be ascertained. We refer
the reader to the curve labelled non-ideal solution in Fig. 1. The water activ-
ity was calculated from (30). The agreement between the non-ideal, non-ideal
NH4NO3, and K-M solution curves supports the assumptions of neglecting both the
influence of undissociated nitric acid on the mean molal activity coefficient
of dissociated nitric acid (Yi)H,N03’ and the presence of jon-pairing in cal-
culating YNH4/YH’ By comparing the K-M and non-ideal solution curves, the maxi-
mum possible error in the individual partial pressures can be ascertained as
about 30%.

Assuming YHNO, = (Yi)ﬁ,N03 and (48) holds, the YHYNO3 product and the
YNH4/YH ratio calculated cannot be used for calculating the individual partial
pressures of ammonia and nitric acid because YHYNO3 goes to the wrong limit
as x - 0 and YNH4/YH goes to the wrong limit as x -+ 1. Even though these
expressions cannot be used for the individual partial pressures, they can be
multiplied together to check the ammonia-nitric acid partial pressure product
calculated from (28) and (44) and the possible significance of ion-pairing and

the undissociated nitric acid in calculating (Y+)H NO..*
+'H,NO4
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Discussion

This approach gives theoretical justification for the results of Forrest
et al.%®> and Appel et al.2®. As the relative humidity approaches 100%, the
equilibrium vapor pressure product sharply decreases by several orders of mag-
nitude. At 98% relative humidity and 25°C, the mass concentration of NH3 plus
HNO3 (equimolar basis) in the gas in equilibrium with an aqueous ammonium
nitrate solution is about 1.9 ug m'3 vs. 17.9 ug m"3 needed if ammonium nitrate
is present as a solid. Thus, the observation?® that greatest ammonium nitrate
filter losses occurred at relative humidities below 60%, and no losses occurred
at 100% relative humidity, and the observations®® that nitrate aerosol is pres-
ent even though the equilibrium product of ammonia and nitric acid is much

less than the solid equilibrium product are consistent with this work.

The ammonia-nitric acidequilibrium product relative humidity functionality
does not significantly change when the pH is varied between 1 and 7. The in-
sensitivity of the ammonia-nitric acid equilibrium product with pH variation
results from the ammonia-nitric acid equilibrium product being dominantly
dependent on ionic strength. As the pH decreases below 1, the approach used
in this work is not applicable since the role of undissociated nitric acid
becomes significant and similarly for high pH undissociated dissolved ammonia
would appear. From the electroneutrality balance and the average aerosol
water data in Stelson and Seinfeld ! , a range of possible mass distribution
averaged pH's between 2 and 12 is calculable for several locations in the Los
Angeles Basin. Since the atmospheric aerosol is often a mixture of acidic and
basic particles, a distribution of aerosol pH would exist, the basic particles
existing predominantly in the coarse mode (> 1 um) and the acidic particles in
the fine mode (< 1 um). Thus, these results have limited applicability to the

possible range of existing ambient aerosol acidity.
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Qualitatively, the result of adding an unreactive solute on the vapor
pressure product-relative humidity curve can be discussed. The unreactive
solute would Tower the water vapor pressure but would not affect the ammonia-
nitric acid vapor pressure product. Thus, the resulting situation would be a
measured vapor pressure product and relative humidity location lying below the
NH4NO3 non-ideal vapor pressure product-relative humidity curve in Fig. 1.

The presence of a saturated ammonium nitrate solution around a solid
ammonium nitrate aerosol core can be examined. Since the saturated solution
must be in equilibirum with solid ammonium nitrate, the vapor pressure product
must be the same over the saturated solution as for the solid ammonium nitrate.
Thus, the presence of a saturated aqueous layer around a solid ammonium nitrate
core at relative humidities below 62% would not affect the equilibrium vapor

pressure product prediction.
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THERMODYNAMICS OF THE ATMOSPHERIC AMMONIUM NITRATE, AMMONIUM SULFATE, WATER
SYSTEM **

Now we consider the second system, the atmospheric ammonium nitrate,
ammonium sulfate, water system. Since the ammonium, nitrate and sulfate ions
occur in particles of similar size, a thermodynamic study of the interaction
between ammonium nitrate and ammonium sulfate provides a foundation for under-
standing atmospheric processes involving these species.

The relative humidity of air in equilibrium with a saturated solution of
ammonium sulfate is relatively high, eighty percent. Thus, for a given situa-
tion, it is important to consider whether or not a solid phase is present. If
a solid phase is present, it is further necessary to determine which species
it contains. This question will be dealt with in the following section. We

will then proceed to discuss the thermodynamics of the aqueous phase.

NH4N03'(NH4)2504’H20 Phase Diagram

The NH4N03—(NH4)2504-H20 phase diagram can be constructed from the data
in Silcock 27 and Emons and Hahn 28 and is shown in Figure 5. The
phase diagram shows several interesting items. By equating chemical potentials
at eutonic points, E1 and EZ’ the NH4NO3 chemical potential can be shown to be
constant along the solubility curve between pure NH4NO3 in water and E3 and in
the regions I, I & II, II, II & IIl, 11l and III & IV. If the NH4N03 chemical
potential is constant throughout these regions, then the NH4NO3 dissociation
constant must be invariant. Similarly, the (NH4)ZSO4 chemical potential must
be constant along the solubility curve between pure (NH4)2504 in water and E1
and in the vregions IV, III1 & IV, I1I, I1 & III, IT7 and 1 & 11. If the chemi-
cal form of the aqueous solutes is the same along the solubility curve between
El and E3)then'by equating chemical potentials and by using the Gibbs-Duhem
equation, the solution relative humidity should be constant. In Table 3, rela-

tive humidity measurements of saturated agueous NH4N03—(NH4)ZSO4 solutions
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from Emons and Hahn®® are shown. Their data show that the relative humidity
varies between El and E3. indicating a new dissolved species must be formed.
Finally, Figure 5 illustrates a problem when attempting to describe multi-
component aqueous mixtures up to saturation. Since (NH4)2504 precipitates at

a Tower ionic strength than NH4NO3, there is a problem in describing the region
of the phase diagram where the ionic strength is greater than the maximum

ionic strength of the least soluble species. For the NH4N03-(NH4)ZSO4-H20
system, this region lies between the solubility curve and the dashed line in

Fig. 5. In the next section, this problem will be discussed in more detail.

Estimation of the Water Activity and the NH4N03 Dissociation Constant

Equations {27) and (28) can be used to estimate the water activity and
the solute activity coefficients for the NH4N03-(NH4)2504»H20 system. The
NH4NO3 activity, 312’ is given by

- o+8Y 0 3-3¢ o
£ 2y, = S5 Ay, 4 vy, {51)

+Ln(%‘£)ﬂz

where ygz. yg4 = the activity coefficients of NH4N03 or (NH4)2504 alone in
water at 1, Y = the ionic strength fraction of NH4N033

_ "NH‘;!;O}
+3m
TNH NG, T(NH,) S0,

(52)

and I = the total solution ionic strength. The (NH4)2504 activity, a;,, is

- o . 12-3Y 0
An a14 2Y &n Y12 + i in Y14

+ tn (2+1)2 %;1) 1. (53)
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From equation (28), the water activity can be calculated as

2+Y 2+Y
ena =1=~1Yana® +{=)](1-Y) an a°
w ( 3 } Wio ( 2 ) Wig
YMwI
- €000 (1-Y) (54)

where a° , a°
Y120 Y14
tions at I, and Mw = the molecular weight of water.

= the water activities of NH4NO3 or (NH4)2504 aqueous solu-

Equations (51), (53) and (54) can be used to evaluate the activities up to
an ionic strength of 17.5 molal, the solubility of (NH4)2504 in water at 25°C.
Expressions for the ionic strength dependences of the NH4NO3 activity coeffi-
cient and water activity were obtained from Hamer and Wu’ . The expressions
used for the (NH4)2504 activity coefficient and water activity ionic strength
dependences were based on the isopiestic measurements of Wishaw and Stokes?’.
The solution osmotic coefficients were calculated using the method outlined
in Staples and Nuttall®® and referenced to the ionic strength dependence of
the NaC% osmotic coefficient of Hamer and Wu’ . The more recent NaCg expres-
sion of Gibbard et al.3! was not used since it is in good agreement with the
work of Hamer and Wu’ . The resulting (NH4)2504 osmotic coefficient data were
fit to a polynomial and, with the Gibbs-Duhem equation, the following jonic

strength dependence for the (NH4)2504 activity was obtained,

e y3, = 2235251 _ g 360410721 + 7.635x107 312
1+1.02/T
- 3.307x10°%13 + 5.783x107614 (55)
where the standard deviation of the original regression was 7.55x10'4. Stin

unresolved is how to predict the activity coefficient of (NH4)ZSO4 in the

region of the phase diagram between the dashed 1ine and the solubility curve.
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The activity coefficient of (NH4)2504 at ionic strengths greater than
its solubility in water can be approximated four ways from existing data.
First, Emons and Hahn2® . measured the water activity along the solubility
curve for the NH,NO5-(NH,),S0,-H,0 system. From equatton (54), the data of
Emons and Hahn?2® and the NH4NO3 water activity fonic strength dependence,
the hypothetical (NH4)2504 water activity can be calculated to 26.0 molal,
the solubility of NH4N03 in water. By using the Gibbs-Duhem equation, the
(NH4)2504 activity coefficient can be obtained. Second, the dissolved ammoni-
um sulfate activity must be constant along the solubility curve between (NH4)2SO4
in pure water and El‘ Thus, the hypothetical (NH4)2504 activity coefficient
jonic strength dependence can be calculated from the solubility data in
Silcock?”, the NH4NO3 activity coefficient ionic strength dependence, the activity
of a saturated aqueous (NH4)2504 solution and equation (53). Third, the (NH4)2504
activity coefficient data below 17.5 molal can be linearly extrapolated to
higher ionic strengths. Fourth, equation (55 ) could be used above 17.5 molal.

The results of the four techniques were compared. The second method ex-
hibits a higher ionic strength dependence than the other three. The first
method results scattered about the predictions of the third and fourth with
neither method showing better agreement. Thus, equation (55) was used to repre-
sent the ionic strength dependence of the (NH4)ZSO4 activity coefficient above
as well as below 17.5 molal.

Using equation (54), the water activities of NH4NO3-(NH4)ZSO4 solutions
were prediéted and compared to the data of Emons and Hahn?® and Thudium 32
in Tables 3 and 4. The agreement between the predictions and data is
good even though the data were taken using distinctly different experimen-

tal techniques. The maximum error was 3.7%. Table 3 and Table III of Saxena
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Table 3. Comparison of Calculated and Measured Water Activities

Along the NH4N03-(NH4)ZSO4 Aqueous Solubility Curve

1 Y 2, 3, % Solid Phase*

: {Calc.) {Meas.)  Error
17.46 0.000 0.800 0.801 - 0.2 (NH,),S0,
18.06 0.126 0.775 0.767 1.04  (NH,),S0,
19.64 0.371 0.725 0.727 -0.28  (NH,),S0,
20.76 0.457 0.701 0.700 0.14  (NH,;),S0,
23.25 0.614 0.655 0.655 0.00  (NH,),S0,
23.84 0.640 0.645 0.662 - 2,57 2NH,NOg* (NH,),S0,
24.54 0.697 0.634 0.657 - 3.50  2NH,NO5+ (NH,),S0,
25.02 0.758 0.627 0.651 - 3.69  2NHNO5- (NH,),S0,
25.91 0.793 0.616 0.625 - 1.4 2NHNO3- (NH,),S0,
25.30 1.000 0.626 0.615 1.79 NHNO,

TEmons and Hahn®®

* . 27
Silcock ™ ™
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Table 4. Comparison of Calculated and Measured Water Activities
for Dilute NH4NO3-(NH4)ZSO4 )

1 Y a a %
W W
(Calc.) (Meas.) Error
1.288 0.25 0.9791 0.9788 0.03
0.882 0.25 0.9852 0.9852 0.00
0.597 0.25 0.9897 0.9896 0.01
0.289 0.25 0.9947 0.9948 -0.01

*
Thudium?3?
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33 3

and Peterson®® are directly comparable. Saxena and Peterson®® used Bromley's
model with higher order coefficients. Their maximum error was 12.3%. Thus,
the approach of Kusik and Meissner® ds better suited for NH4NO3—(NH4)ZSO4
mixtures.

Finally, the influence of (NH4)ZSO4 on the NH4N03 dissociation constant
can be calculated. The appropriate equilibria for the NH4NO3-(NH4)2504—H20
system are listed in Table 5. As stated in the phase diagram discussion, the
NH4N03 dissociation constant would be invariant along the solubility curve
between pure NH4NO3 in water and E3 and in the regions I, I & 1I, II, II & III,
11T and III & IV and is given by the equilibrium constant of Reaction 1 in
Table 5 and is independent of relative humidity. Within the aqueous solution
region of the phase diagram, the NH4NO3 dissociation constant varies and is
a function of Y and the ionic strength. From equations {51) and {54) and the
equilibrium constant for Reaction 2 in Table 5, the water activity or rela-
tive humidity and the Y dependence of the NH4N03 dissociation constant can
be evaluated and are shown in Fig. 6. The dashed curve is obtained by calcu-
Tating the relative humidity and the NH4NO3 dissociation constant along the
solubility curve between E5 and pure (NH4)ZSO4 in water. A striking feature
of Fig. 6 is the insensitivity of the NH4NO3 dissociation constant to the ionic
fraction of nitrate. For example, the NH4N03 dissociation constant for Y =
0.5 varies from that of pure NH4NO3 in water by only 40%.

In addition to the NH4NO3 dissociation constant, the (NH4)2504 dissocia~
tion constant relative humidity dependence can be evaluated from equations

(53) and (54) and Reactions 3 and 4 of Table 5. Evaluation of the (NH4)ZSO4

dissociation constant is generally not merited because the dissociation
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Table 5. Equilibrium Constants for the NH4NO3-(NH4)ZSO4-H20
System at 298 K.

Reaction Equilibrium Constant*
1. N NO4(c,IV) 2 NHy(g) + HNO,(g) 3.03x10"17
2. NHNO4(aq) 2 NHy(g) + HNO,(g) 2.71x10718
-38
3. (NH,),50,(c) 3 2NHy(g) + HyS0,(g) 2.33x10
4. (NH,),50,(aq) 7 2NH3(g) + H,S0,(g) 2.62x107%8

Free Enerqgy Data Sources: NH3(g), NH4N03(C,IV) Parker et al.°
HNO4(g), HyS0,(g) JANAF?
= ( = 10
NH4N03(aq,m 1),\NH4)2504(aq,m 1) Wagman et al.

*
Thermodynamic equilibrium constants - pressures in atmospheres,
aqueous concentration in molality.
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constant is small at 25°C. The amount of (NH4)ZSO4 precursor in the gas
phase, the cubic root of the equilibrium constant for Reaction 3 expressed
as (NH4)2504, is about 0.002 ug m'3. Thus, the relative humidity dependence

of the (NH4)2504 dissociation constant is not presented in detail.
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THERMODYNAMICS OF THE ATMOSPHERIC SULFURIC ACID AMMONIUM SULFATE, WATER
SYSTEM

A1l of the preceding systems have involved nitrate. Now, consider the
system without nitrate, i.e. containing only sulfate. This system may be
considered as a mixture of sulfuric acid and ammonium sulfate. The problem
we are interested in is the following; given the temperature T, the relative
humidity RH, and the background pressure of ammonia, determine the droplet
composition, and the equilibrium pressure of sulfuric acid. That is, deter-
mine my, my, My, m,, and pHZSO4 where 1, 2, 3, 4 represent H+, HSOZ, NHZ and
SO%’, respectively. This system can be represented by the equilibria shown
in Table 6. The constants were calculated from the free energy data shown

in Table 7.

The equilibrium expressions may be written as,

Py_so
_ MY
K1 - aja, (56)
af 3
KZ = a, a2 (57)
PH_s0, PrH
2°Y4 N3
Ky = —o (58)
3 a332
2
pNH3 pH2504
LR (59)
3%
szo
K5 = '—a—;— (60)

where a; is the activity of the i-th species. Note that K5 = 1/pﬁ there
2

Pg ois the vapor pressure of pure water. Thus, (60) may be rewritten as
2

a, = RH (61)
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Making use of the mean molal activity coefficients previously defined

e 2
242, Y12™M, etc.

2SO

2"™
3 2
AT
Z
12MM
pNH3pHZSO

P
_ 180,

0(.| =

K,

K 4

Y32 M3Mp

2

Poy P
‘- NH,PH,SO,
4

Y34 M3y

Then {56)-(60) become

(62)

(83)

(64)

(65)

The activity coefficients as computed using the approach of Kusik and

Meissner®,
, T 21*12)2 (21*24)2 0 ]
Y Tt ("2 \ T2 M2t M\ Tz P e
2
AR O i N ? (23”2) 0
Ppi Mo\ T et T Ay | (66)
3, T (23"12 )2 (23“24)2 o ]
N Yaqs = m N Yo, + W in vy
32 iz3+2251 L 2 Z 32 4 2 | 34
3 T (23"22 T (21*22)2 0 ]
gt |\ T [ vt M\Tz ) el (67)
3 T (21*24)22 (zl“zz)z 0 ]
Ny, = m N oy, + M n vy
14 7 T5yz,)7 M4\ 72 14t 12
H T ’1*24)2 0 230\ ]
+ (Z,%2,)1 _m] 7 MYt Mgl ) vy (68)
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Table 6. Egquilibrium Constants for the (NH4)ZSO4 -
H2504-H20 System at 298K

Reaction Equilibrium Constant

- - T8
HY + HSOL > H,S0,0y 3.28x10
Wt HSOT - 2H + 5027 1.03x1072

- 4 <« 4
NHE + HSOT -+ H.SO,, . + NH 3.00x1072%

4 4 < "2%a(q) 3(g) )

+ 2~ -38
2Ny + SO5T 3 HpS0, gy + ZNHy g 2.67x10

-2
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Table 7. Free Energy Data for the (NH4)2504—H2504-H20

System at 298 K

Species G/RT Reference
H* 0 8
+

NH4 -32.05 8
HSOQ -304.93 8
S02” -300.35 8
HZO(Q) - 95.684 8
H2504(g> -264.67 9
NH3(q) - 6.632 8

8

HZO(g) - 92.213




Table 8.

Binary Activity Coefficients Required

Reference
1), N HS0; This work
i NHy 503" Stelson & Seinfeld®"
Yoy H* HSO, This work
724 H* 502' This work
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2 2
z z.4z z.+2
- 4 3°4 o 372 o
n Y34 (Z3+Z4ﬁ [m4 ( 5 ) an Y34 + mz( 3 ) n 'Y32]
2 2
z 2.4z z,+2
3 3 °4 0 1°°4 0
* gyl [‘“3( 2 ) In yzg tm ( Z ) an YM] (69)

where z, is the magnitude of the charge on the i-th jon, i.e. 212,725 1,

24=2. Water activity can be computed from the Gibbs-Duhem equation (9) as

follows. From (9) and (13)
-ndna, =1Zni dgn a, (70)

where the sum is over all ions present. Take as the basis one kilogram of water.
Use the definition of the mean molal activity coefficient to express the activi-
ties in terms of the activity coefficients. In order to do this, it is neces-
sary to replace the sum over all ions i, by a sum over all molecules i-j.
Doing this and integrating holding composition constant gives
3 1
10 [
-2 gna =2 m. + Jf m,.d &n y..] (71)

Mw w i3 ij 5 1] 1]
Table 8 T1ists the sources of the various activity coefficients. The quanti-
ties &n Y?Z’ wn Ygz and n yg4 will be calculated in the following sections.
Once these are known, equations (61)-(65) can be solved numerically as a sys-

tem of five equations in five unknowns, Mys Moy Mg, My and pHZSO‘

Calculation of Activity Coefficients

Any solution containing bisulfate ions will contain sulfate ions formed

. s iy 0 0
by dissociation as well. However the guantities YH,HSO4 and YNH4,HSO4 refer
to hypothetical solutions containing only bisulfate jons. Thus, they cannot
be measured directly. Instead, they must be inferred by other means. The
simplest system which can help us in our quest for these activity coefficients

is the sulfuric acid-water system.
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The amount of undissociated sulfuric acid in aquecus solution is negligi-
ble below 40 molal,®>%" which corresponds to a relative humidity of less than one
percent. Thus, sulfuric acid will be treated as a ternary system of sulfate,

bisulfate and water. For this system, equation (27) gives

2
_2 3 (2+Y)Y1
w0 a, =5 (142Y) an vy, +7(1-Y)an ¥§, + an S (72)
ana,, =2Y an vy, + §(4—Y)2n o+ an LginELLZXl 13 (73)
14 Y127 % Y14 27

where 1, 2 and 4 represent H+, HSO& and 502', respectively, and

m
HSO
4 (78)

m +3m
HSO4 504

Y =

Consider now the equilibrium between sulfate and bisuifate,
+ - + 2-
H + HSO4 > 2H 4+ SO4
The equilibrium constant can be expressed as

n Ko = 2n a4 - n ag, (75)

Substituting (56) and (57) in (59) gives

i 9 (240)(1-Y)
wn K =3 (Y-1)2n y‘iz + 7 n y§4 4+ 2n 5 1 (76)
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Also, the Gibbs-Duhem equation is

-ndena, = n,, dina;, + n;, dona;, {77)

where P and Ny, are the numbers of moles of bisulfate and sulfate, respectively.

Now use (72) and (73) in (77) and integrate over I holding Y constant to

obtain

I
o2y 2y .
- ngna, = S5 (24Y)1 an v3, - SH(2+Y) 6]' w0 v3, dI

(1-Y)
2

1-Y)

I
+ (2+¥)1en v3, - ( FH(2Y) [ an v5, dI' + (1)1
o]

Then g&n yiz and 2n Yi4 are found by solving the system of coupled ordinary

differential equations corresponding to equations (76) and (78), that is

2y du | (1-Y) dv
S(24Y) g7 + (24Y) g7

2
n
= - (—%ﬁ fna + 1+ Y) +<§%(2+Y)u + (%EY)(2+Y)V (79)
2 du , 9 dv _
3(-1) G + 397 = & (K/Q) (80)
where
1 rI
uin) = af i vpp ol VD) = an yg, ar (82)

and where the dissociation quotient Q is given by

(78)
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m m
H"S04

m
HSO4

- (2+Y%$1—Y)I (83)

The quantity Y can then be calculated from Q by

; 2 1
=1 0y, 1 20 84
Y"2(1+I)+2[(1+I)+8] (84)
Away from I = 0O these two ordinary differential equations can be numeri-

cally integrated readily. The desired quantities, n YEZ and n y§4, are
obtained as dU/dl and dV/dI, respectively. At I = 0, from the properties of
activity coefficients, duU/dl and dV/dI are both zero.

The dissociation quotient Q has been measured by many investigators.'®:%%-37
These values are shown in Figure 7. Also shown is a Teast squares fit to the

data given by

gn Q = - 4.5740 + 4.0071 /T

- 0.99893 1
0.13250 1
0.010675 1

3/2 (85)
2

+

The water activity §s based on the fit given by Rard et al.%® Using eguation
(85), equations (79) and (80) were numerically integrated. The results of this
integration are shown in Fig. 8. A comparison between the activity coefficient
for H/HSO4 and the activity coefficients of a number of other univalent acids
is shown in Figure 9. Note the gualitative agreement between the activity
coefficient of the bisulfate ion compared with the other acids.

Sulfuric Acid-Ammonium Sulfate System

Consider a system containing both ammonia and sulfuric acid. Examples of

-

such systems are ammonium bisulfate and letovicite. This system will be modeled

as a mixture of 2H/SO4, H/HSO4, 2NH4/SO4 and NH4/HSO4. The activity coefficients
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Bisulfate dissociation quotient as a function of fonic
strength in aqueous sulfuric acid solutions.
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Comparison of the H'/HSO; activity coefficient with those
for other univalent acids.
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of the first two species are known from the previous sections. The activity
coefficient of the third was given by equation {55). Thus, the only remaining
unknown is the activity coefficient for NH4/HSO4.

The activity coefficient for NH4/HSO4 will be assumed to be the same as
for NH4/C1. This assumption is analogous to the approach adopted by Lee and
Brosset *° for the sulfuric acid system. A problem arises in that a solution
of ammonium cloride is saturated at 7.4 molal. Thus, it is necessary to extrapo-
late to higher concentrations. The activity coefficient is linear in ionic
strength for moderate concentrations. Thus, it will be Jinearly extrapolated
to higher strengths.

Using these activity coefficients a series of runs were made for the
ammonium bisulfate system. This system is derived from the original system by

replacing reactions 3 and 4 by reaction 6 where

reaction 6 = (reaction 3)—% (reaction 1 + reaction 4)

i.e.
+ - + 2~
NH4 + HSO4 z NH4 + H o+ SO4
4372
(“*14*34) MMMy
K6 il 2 m.,m
Y32M3Mp
Ke = 1.03x107%

The results are shown in Figure 10. The agreement with the experimental

results of Tang and Munkelwitz®® s seen to be good.

Conclusions
The ammonium sulfate-sulfuric acid system has been studied. Activity
coefficients have been obtained for the various species present. The agreement
between the activity coefficient of H/HSO& and other univalent acids is good.
Calculations of the water activity over these solutions have been per-

formed. The agreement with experimental data is good.
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RELATIVE HUMIDITY AND TEMPERATURE DEPENDENCE OF THE AMMONIUM NITRATE DISSO-
CIATION CONSTANTS®

Up to this point we have restricted our attention to systems at 25°C.
We now address the issue of extrapolating the thermodynamic results to other
temperatures. For this extrapolation it will be necessary to have access to
enthalpy and heat capacity data. This section will illustrate the calculation
of thermodynamic properties for one particular system, the aqueous ammonium
nitrate system.

Theory and Thermodynamic Data for the Ammonijum Nitrate System

Solid NH4NO3 dissociation constant
At temperatures below 170°C, solid ammonium nitrate exists in egquilibrium

with ammonia and nitric acid:

NH,NO(s) 2 NHy(g) + HNO(g).

The equilibrium constant for this reaction, Ké, is related to the partial pres-
sures of NH3 and HNO3 by Kp = pNH3pHNO3, and Ké is related to the standard

Gibbs free energy change for reaction, AG%, by

AG3 = - RT &n Ké {86)

Since the thermodynamic data for NH4N03 are limited, an extrapolation
formula for the equilibrium constant as a function of temperature can be

derived as follows. Start with the van't Hoff equation,

dank
___EdT - é_*i? (87)
RT

where AH is the change in enthalpy of the reaction at temperature T. By

definition,

dai ¢ +C c (88)

p p T 7p
NH, HNO NH4NO,



70

gas EIY (93)
Using eguation (93) in (92} gives

d _Lp (94)
Y —.

Equation (94) may be integrated, assuming L is constant, to give
Py

NI L
o Po ( 1 )

) (95)

ol -
b

Now, p is proportional to the relative humidity of deliguescence. Thus,

tn (RHD) = an (RHD) oo - £ (1 - 1) (96)

where RHD is the percent relative humidity of deliguescence.
Using the water heat of fusion from Weast* and the relative humidity
of a saturated NH4NO3 solution at 298.15 K from Hamer and Wu’ ,

gn (RHD) = 1—2-%—7_ + 1.7037 (97)

Equation (97) agrees well with the least square expression derived from

the data of Dingemans®?,

on (RHD) = w +1.2306 = 0.0439 (98)

Equations (97) and (98) are shown with experimental data in Fig. 11.

We estimate the effect of temperature on solubility as follows. The
van't Hoff eguation is
(99)

2 T\ ar a1

2 2
i o aen(y m°)
Hs—hs -( sen K )_{ NH,NO )
RT

where Rsand hS are the partial molal enthalpies in the saturated solution

and crystal phase respectively. This relation becomes
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Figure 11

Temperature dependence of the z:gzOu relative humidity of

deliquescence (+---:) Equation (97); ( — ) Equation (98);---
Equations (105), (111), (117) and (118).5% 9 )

RELATIVE HMMOITY OF DELIQUESCENCE , %
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where C , C , and C are the heat capacities of NH3( » HNO

p p p 9) 3(g)
NH3 HND3 NH4N03
and NH4NO3(S), respectively. Integrating equation (88) gives
TI
m=m o+ S oo +c -C dr (89)
298 Pnig  Pnog pNH4NO3

where aH_ is the change in enthalpy at 298K. Using equation (89) in the

van't Hoff equation and integrating gives

AH T T!
. o [1 1 1
in Kp = ¢n Kp -5 (T - -’298) + f W2 f (Cp + Cp
298 298 RT 298 NH3 HNO3
-C )dT'dT" (90)
P
NH4N03

Using the data in Table 9 and assuming the heat capacities are independent of

temperature, we obtain from equation (90),

- 24220 _ 1
n Kp— 84.6 ~ == - 6.1 2n (298) {91)

2

where Ké is the equilibrium constant in units of ppb

Relative humidity of deliquescence and soTubility

Now, consider the saturated solution relative humidity. Start with the

Clausius~-Clapeyron equation

QB = ....l:_.
aT = THv (92)

where L is the latent heat of vaporization of water, and 4V is the change in
volume during vaporization. The left hand side represents the change in pres-
sure required to maintain equilibrium when the temperature changes by dT.

Now, consider fne volume change during vaporization. The volume of the 1iquid

is negligible compared to that of the gas. Thus, using the ideal gas law
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H -h 2 2 2
s's _ [ agnm atny am) | agny
a2 ( aT )+( A )*(aT) ( am ) (100)

(alnmz) - H-hg ) [H 'Hs+ alnyz L om amZJ
3T RTZ pi2 | or 5T Tom

(101)

where H®° is the partial molal enthalpy at infinite dilution. The terms in the
brackets on the right hand side of (101} give the effects of nonidealities.
In order to obtain a rough estimate of the behavior of znmz, we will assume

that these terms are negligible. There results

3anm’ _ H®-h¢
=T 7 (102)
RT
By integrating equation (86),
(H°-h)
S (LA
inm = - (T 298) + SLn(m)298 (103)

is obtained. Using the thermodynamic data in Table & and noting that (m)298 =
25.954 from Hamer and Wu’ ,

inm = - 16$0 + 8.6228 (104)

Equation {104) agrees well with the Jeast sguares expression for the data of

Stephen and Stephen ®? ,

_1837.3+18.0

inm= T

+ 9.4235£0.0602 (105)

Equations (104) and {105) are shown with the data of Stephen and Stephen“? in
Fig. 12.

Figures 11 .and 12 show the strong temperature dependence of the relative
humidity of deliquescence and the solubility of ammonium nitrate. This tem-

perature dependence is an unfortunate complication when attempting to
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Table 9. Thermodynamic Data for the Ammonium Nitrate System at 298 K

C
AGy, -1 AH, -1 P
Species —R-(K ) R (K™%} T Reference
NH3(g) -1977 -5526 4.285 8,9
HNO3(g) -8903 -16,155 6.416 g
NH4NO3(C,IV) -22,220 -44 ,080 16.8 8,10
NH4N03(aq,m = 1) -22,940 -40,880 -0.505 10,41
AG = Standard free energyof formation
AH = Heat of formation
C_ = Heat capacity.

p
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fa (N4, NO; MOLALITY)

TEMPERATURE , °C

40 30 20 10 o
400 \ i i A i 54.60
r 9
F3d2
=
r2009 ¢
r .
250 T T Y Y T 1218
30% 35 3235 33 345 3.55 3675
hbmzv..x..
Figure 12

Temperature dependence of the NH zonw solubility:® (—) mp:m-i
tion (105) T..w. Equation (104) cmS from Stephen and Stephen
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extrapolate aqueous ammonium nitrate thermodynamic data to temperatures above

25°C.

Aqueous NH4NO3 dissociation constant

Analogous to the solid NH4NO3 dissociation constant derivation, an expres-

sion for the equilibrium constant over aqueous NH4N03 can be derived,

AH T

SZ.nK*=oc—§-—r—o-+ f——l—z-

P 298 RT"
JJW (c -C - ¢ |arram (106)
598 | TNHy Prno, P

+2 2 .0
where K* = p... p /a = K!/a , & = vy, m-, C° = NH,NO
p NH3 HNO3 NH4N03 p NH4NO3 NH4NO3 NH4NO3 p 4773

partial molal heat capacity at infinite dilution, and YiH No. = Mean molal
"47V3
ionic activity coefficient of dissolved NH4N03. Using the data in Table 9

and assuming the heat capacities are independent of temperature, we obtain

from equation (106)

K|
i Kg = an s = 5418 - 12,860
NHNO
+11.206 an (505 (107)

where K; has units of ppb2 molal'z. The temperature variation of YﬁH No. an

4773
be calculated as follows:

+
(BlnYNH4N03) He-H
-

. a1 (108)

.

The temperatﬁre variation of Y;H No. €an be calculated as follows. Start with
473

the expression for the chemical potential for ammonium nitrate (16)
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2+ 2
= + RT ¢n (y ) (109)
“NH4N03 “NH4N03 NH,NO "'NH4N03

Divide by RT and differentiate with respect to temperature at constant molality,

2

- - aLny,

T '( NHNO, )
p

= (110)
RTZ aT

where H* is the partial molal enthalpy at the hypothetical standard state.
However, H* must equal H°. This is because (110) must hold at all values of
molality. As the molality approaches zero, i"YNH ND approaches zero. Thus,

4773
the right hand side approaches zero, assuming that £n v, is a smooth

NH 4N03

function. Thus, the left hand side must also approach zero. This means that H
approaches H* as the molality approaches zerc. However, the value of H at

infinite dilution has been defined as H°. Thus,

* + + [BEe
LMy Nog| * MY JN0g 2R
T 298

298

THER R {c-t‘°)( T, 298
“\3-zm! -\ R\ - (111)
is obtained, where f;. tb = NH4N03 partial molal heat capacities at infinite
dilution and m, respectively, and (ﬂﬁﬂ‘)298 = the normalized NH4N03 relative
partial molal enthalpy difference between infinite dilution and m at 298.15 K.

To evaluate (lnyﬁH NO )T' the concentration dependence of (2"Y§H4N03)298’
473

- € -C°
(ﬂ%ﬁj and (—Eﬁ—g) must be known. The expression of Hamer and Wu’ can be
298

°©
used to represent the concentration dependence of {Q"YNH4ND3)298 to 25.954 molal.

4' —_°
Obtaining expressions for (ﬂiEJ

€ -c°
and (—Eﬁ—ﬂ)is more complicated.
298
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Relative apparent molal heat content data can be obtained from Wagman et
al.1° and Vanderzee et al."" . Since the data of Vanderzee et ﬂ.f" are more
recent and span a larger concentration range, they will be used to represent
the variation in enthalpy with concentration. A polynomial regression can be
calculated using ideal gas constant normalized relative apparent molal heat
content data of Vanderzee et al.** between 0.1 and 25 molal. The partial
molal enthalpy was derived using equation (8-2-7) from Harned and Owen*®, as

ale)
(RF°) = ¢ +m—t (112)

where °L = relative apparent molal heat content at m. The resulting polynomial

regression is

(H-W) = 297.85 m'/2 - 983.98 m + 508.08 m>/2
Rl 298

- 133.86 m? + 19.328 m>/2

-1.20m (113)

where the standard deviation for the normalized relative apparent molal heat
content polynomial regression is 23.54 K'l. The error in the relative partial
molal enthalpy polynomial regression is unknown since it was obtained using
the normalized relative apparent molal heat content polynomial regression
and (112).

Roux et al’? measured the apparent molal heat capacity, ¢ o of agqueous

ammonium nitrate at 25°C to 22.4 molal. Their expression for their data,

¢
C
2 = - 0.505 + 3.482 /2 4 359 m

- 1.605 m3/2 + 0.274 »% - 0.0161 #°/2 , (114)



agrees well with the measurements of Gucker et al."® and Sorina et al."” .
Using equation (8-4-7) from Harned and Owen®®,

Bd)c

SEET m—2 (115)
P

the partial molal heat capacity can be calculated from (98) as,

1/2

o
~,§l = - 0.505 + 5.223 m’/% + 6.318 m

2

- 4.013 /2 + 0.822 n - 0.0564 m>/? (116)

The data of Sorina et al."” extend to 50 molal, supersaturation at 25°C. With
relative apparent molal heat content and solute activity data to 50 molal,
the temperature extrapolation of Y§H4N03 could be performed to saturation at
50°C. Unfortunately, the relative apparent molal heat content data are limited
to 25 molal“*. Even though (116) is based on data to 22.4 molal, it will be
used to 25 molal. Within the region 22.4-25 molal, (116) is a smoothly con-
tinuous extrapolation of the data below 22.4 molal and represents the data of
Gucker et al.*® and Sorina et al."” fairly well.

Once (&n Y§H4N03)T has been caiculated, the osmotic coefficient of the

solution, ¢ , can be derived from the Gibbs-Duhem equation,

= 1 " *
o =1+ E;{ md{gn YNH4N03)T . (117)

The per cent relative humidity at temperature T, RH , can be calculated from
va¢T
RH = 100 exp{ - 1600 (118)
where v = the number of moles of ions formed by the ionization of one mole of

solute and M = molecular weight of water.
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Results

By using appropriate expressions for the temperature dependence of solid
or aqueous phase NH4NO3 thermodynamic properties, the dissociation constant
can be calculated at a specific temperature and relative humidity. With {98),
the form of ammonium nitrate, solid or agueous, can be determined. At a spe-
cific temperature the NH4NO3 dissociation constant is invariant below the rela-
tive humidity of deliquescence and can be obtained from (91). Above the rela-
tive humidity of deliquescence, the NH4NO3 dissociation constant relative humid-
ity dependence can be calculated from (107), (111), (117) and (118) to 25 molal.
Equation (105) is used to calcualte the solubility temperature dependence. Fig-
ure 13 has been constructed using the previously mentioned techniques. Notice
discontinuities exist between the solid NH4NO3 dissociation constant and the
dissociation constant for a saturated solution at 25°C and below.

The possible sources of these discontinuities at temperatures below 25°C
are manifold and the relative error from each source is difficult to evaluate.
First, the temperature extrapolations for the solid NH4NO3 and the aqueous
NH4NO3 dissociation constants are based on different thermodynamic data sets
so an inconsistent value in one data set can cause discontinuity. Second, the
relative humidity of deliguescence is obtained by different methods for solid
NH4NO3 and aqueous NH4NO3. The relative humidity of deliquescence for solid
NH4NO3‘was calculated from (98) and aqueous NH,NO, from (105), (110), (117) and
(118). The relative error can be seen by comparing the solid and dashed curves
in Fig. 11. Third, error is introduced by differentiating the polynomial regres-
sions obtained for the relative apparent molal heat content and the apparent
molal heat capacity to get expressions for the partial molal enthalpy and heat
capacity. The amount of error is known for the original polynomial regressions
but not for tﬁe derived regressions. Finally, the error must be introduced by

the enthalpy, heat capacity, relative humidity of deliquescence or solubility
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data or the temperature extrapolation technique, since the free energy data
are consistent at 298 K.

Above 25°C, an interpolation must be performed between the relative humidity
corresponding to 25 molal and saturation. Since the curves are fairly flat in
the region between 25 molal and saturation, a Tinear interpolation between
the dissociation constant at 25 molal and at saturation should approximate the
dissociation constant in this region.

The temperature dependence of the saturated solution relative humidity can
be calculated using (105), (111), {117) and (118) for temperatures below 25°C.
A curve calculated using this method is shown in Fig. 14.

Data for the molal variation of the solution relative humidity at various
temperatures are shown in Fig. ‘14.°" %2 The data scatter is considerable and shows
no definite temperature variation trend. Curves for the relative humidity con-
centration dependence were calculated at 0, 25 and 50°C using (111), (117} and
(118) and are shown in Fig.14., The predictions coincide with the general area
of the data but do not show agreement with any particular data set. Also shown
in Fig. 14 is the relative humidity concentration dependence for an ideal NH4N03
solution which poorly predicts the non-ideal NH4NO3 behavior.

Figure 14 illustrates the infeasibilty of attempting to use water activi-
ties at higher temperatures, 25-50°C, and the Gibbs-Duhem equation to calculate
solute activities. The data have too much scatter and are too sparse at any
particular temperature. Furthermore, the maximum concentration of existing
water activity data is 29.2 molal and saturation is 42 molal at 50°C.

Effect of an Unreactive Solute

The effect of an unreactive solute in solution with ammonium nitrate on
the ammonia-nitric acid partial pressure can be evaluated qualitatively. From

the Gibbs—Duhém equation,
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aN03

™
+ f my d znalj) {(119)
o

where m = molality of inert solute and a; = activity of inert solute. Assum-

m
RH = 100 exp (—1%—55 [f md SLnaNH
0

ing the inert solute is ideal and undissociated,

m
RH = 100 exp(ﬁ%—o-[f m d SLnaNHaN03 + ml]) (120)
0

Equation (120) shows the addition of an ideal inert solute would decrease

the relative humidity above an ammonium nitrate solution for a specific ammo-
nium nitrate molality. Since the additional solute is assumed not to

interact with the dissolved ammonium nitrate, the ammonia-nitric acid partial
pressure product would be the same as in the situation without any inert solute.
Thus, the presence of an inert solute results in an ammonia-nitric acid partial
pressure product being observed at a lower relative humidity than would be

predicted from the pure ammonium nitrate-water system.
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CONCLUSIONS

The thermodynamic properties of three aqueous systems systems have been
considered in detail:
(1) NH4N03/HNO3/H20
(2) NH4N03/(NH4)ZSO4/HZO
(3) (NH4)2504/H2504/H20

The theory and techniques presented in this chapter enable one to calcu-
late the vapor pressure and thermodynamic properties of any agqueous system of
nitrate, sulfate, ammonium, nitric and sulfuric acids. For example, all the
activity coefficients required to study the full NH4N03-HNO3-(NH4)2504-H2504- HZO
system are now known. In addition, techniques for estimating the temperature

dependence can be applied to the other systems considered here.
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NOTATION
a; activity of the i-th species, mol (kg water)"]
aij activity of the dissociated molecule ij, mol(kg water)'1
2, total water activity
(a;)ij water activity in a binary solution of ij
(aw)mix water activity in a mixture (dimensionless)
A constant in equations (18) and (20), equal to 1.17625 {kg water)%

mole™? for water at 25°C

A"Ak designations for various species

bJ constant in equations (18) and (19), (kg water)% mo1 ™2
CPNH3’CPHNO3’ CpNH4N03 heat ca?acities of NH3<9), HNO3(9), and NH4NO3<9)
respectively, cal/mol K

_; Cp partial molal heat capacities of NH4N03 at infinite dilution and
molality m respectively, cal/mol K

d density of the solution, g/cm3

d0 density of pure water, g/cm3

da number of moles undergoing a transformation,mol

molecular diffusivity, cmz/s

D

f.(r) growth coefficient for component i, ug/s ppb

G total Gibbs free energy, kcal

h partial molal enthalpy of NH4NO3(S), kcal/mol

H partial molal enthalpy of NH4N03(aq) in a saturated solution,
kcal/mol

H°,H partial molal enthalpy of NH4ND3(aq) at infinite dilution and
molality m, respectively, kcal/mol

H* partial molal enthalpy of NH4NO3(aq) at the hypothetical standard

state kcal/mol
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1 jonic strength,mol (kg water)-]
Ka’Kb’Kc equilibrium constants for the formation of various undissociated

nitric acid species

KN total nitric acid dissociation constant,mol/2
. sy s . +
Kp equilibrium constant for the reaction NH4NO3(S) b NH3(g) HNO3(9)
at a temperature T
s s . 3 + N
Kp298 equilibrium constant for the reaction NH4NO3(S) e NH3(g) H 03(g)
at 25°C, atm?
- ey . N +
Kp equilibrium constant for the reaction NH4N03(aq) py NH3(9) HNO3(g)

at a temperature T,atm2 (kg water)/mol

K1,K2,K3,K4,K5,K6 equilibrium constants given in Tables 2, 5 and 6

L Tatent heat of vaporization, kcal/mol

m molality of solute, mol (kg water)']

m; molality of the i-th species,mol (kg water)”l

ms 5 molality of component i-j, mol (kg water)']

mg stoﬁchiometric motality of nitric acid , total moles nitrate

per kg water

M molecular weight, g/mol

n number of molecules of solute

n; number of moles of the i-th component in the system, mol

N number of moles of water in the system, mol

Py reference pressure .1 atm

Py partial pressure of the i-th component, atm

pis partial pressure of the i-th component in equilibrium with a
particle, ppb

pgs partiéf pressure of the i-th component in equilibrium with a solu-

tion having the same composition as the particle but having a flat

interface, ppb
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piw partial pressure of the i-th component far from the particle (ppb)
Q dissociation quotient for HSDZ, mol (kg water)°1

r particle radius, ym

R gas law constant,atm cm3/K mol

RH relative humidity

RHD relative humidity of deliquescence

S entropy, cal/K

t time, s

T absolute temperature, K

u(1) auxiliary function in {79)-(82), mol (kg water)-1

Vi partial molar volume of the i-th species,cm3/mol

v total vo‘mme,cm3

Vgas specific volume of water vapor, cm3/mo1

V(1) auxiliary function in (79)-(82), mol (kg water)"

X "H* /M3

X mole fraction of water

Y Ionic strenth fraction of univaient anion (NOS or HSO;)
2. magnitude of the charge on the i-th jon

2,2 magnitude of the charge on the cation and anion, respectively.

Greek

o factor used in deriving (9) (dimensionless)

a degree of dissociation (dimensionless)

a, empirical constant in (20) {mol/ kg water) %

Y4 activity coefficient for the i-th species

Yij mean molal activity coefficient of component §-j

© . mean molal activity coefficient of component ij in a binary solution



89

Yg stoichiometric mean molal nitric acid activity coefficient
Yu mean molal activity coefficient for undissociated nitric acid
Y, mean molal activity coefficient

(Yi)H,NO?XYi)NH4NO3 mean molal activity coefficients for nitric acid and

ammonium nitrate, respectively

AG°fw standard Gibbs free energy of formation of water, kcal/mol

AGT Gibbs free energy change for a reaction, kcal/mol

AH enthalpy change during a reaction at a temperature T, kcal/mol

AH® enthalpy change during a reaction at 25°C, kcal/mo?

AV volume change during the vaporization of water, cm3/mo1

5 fraction of NH4 and x ions forming ion pairs

Hy partial molar Gibbs free energy of the i-th component, kcal/mol

u? partial moiar Gibbs free energy of the reference state of the
i-th component, kcal/mol

u? partial molar Gibbs free energy of the hypothetical reference
state of the i-th component, kcal/mol

vij total number of moles of jons a mole of component ij dissociate
into

v:j, vE stoichiometric coefficients of the reactants and products,

respectively in a chemical reaction
v,sV_,v number of moles of cations, anions, and total ions & mole of

solute dissociates into, eg. for (NH4)2504 v, =2, v_=1v=3

+
p particle density, g/cm3

o surface tension, dyne/cm

T time constant for growth by condensation, S

® osmotic coefficient (dimensionless)
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¢cp apparent molal heat capacity at a temperature T, cal/mol K
¢L apparent molal enthalpy at a temperature T, kcal/mol
Symbols

[] concentration - mol/2 for licuids, ppb for gases

{1 activity in molar units, mol/L
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