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of AG* include the possibility of a tunneling mechanism,37 the 
involvement of a precursor complex of the type discussed in 
detail elsewhere,2 or work terms which may include coulombic 
repulsion and solvent effects.2.4 Although the reorganization 
of the inner coordination sphere prior to the electron transfer 
is not considered38 to be as necessary for reactions of strongly 
negative AGO values as it is for reactions in which AGO is near 
zero, the observation that the limiting value of AG* is found 
for reactions involving ions of a variety of properties suggests 
that solvent effects, possibly involving the secondary as well 
as the primary coordination sphere, may be involved. 

The value of ki extrapolated to an ionic strength of zero 
is 7.08 X 103 M-1 sec-1, which is slightly less than half the 
value of 1.7 X 104 M-1 sec-1 calculated from the Debye 
equation39 for the diffusion-controlled limit for a reaction 
between two 3+ ions with an average radius of 4 A. Although 
the derivation of the Debye equation assumes a structureless 
dielectric medium and will be only approximate, the above 
agreement may suggest that a diffusion-controlled limit is 
reached in the case of the U(II1)-Co(II1) reaction. An ap- 
proach to a diffusion-controlled limit in a Co( 111) reaction 
would be further evidence against the participation of a 
high-spin-low-spin preequilibrium.40 However, the Debye 
equation involves the product (2122) of the charge carried by 
the reacting ions, and our observation that the limiting rates 
for the reactions of Co(II1) with V(II), Eu(II), and Cr(I1) as 
well as U(II1) are all similar suggests that the value of the 
product 2 1 2 2  does not strongly influence the observed rate 
constant. 
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Experiments in which total  vapor pressures generated by mixtures of ammonium chloride and  sodium tetrachloroaluminate 
have been measured as a function of temperature have been used to derive information about the thermodynamic characteristics 
of this fused-salt  system. A t  low mole fractions of NH4CI t h e  principal component  of t h e  equilibrium vapor above t h e  
liquid a t  temperatures  below 650 K is hydrogen chloride, with only small  partial  pressures of the  ammine,  NH3AIC13, and  
ammonia present. Da ta  correlate well when melts a r e  treated as an ideal mixture of the ionic species with ammine molecules 
interspersed on adjacent cation-anion sites. Results a r e  compared with a n  earlier study of the NH4AIC14-NH3AlC13 system. 
T h e  reaction of ammonia  with NaAIC14 has  also been studied. 

Introduction 
In a recent study of the complex formed between ammonium 

chloride and aluminum chloride vaporization of NH4AlC14 
was found to occur by formation of the ammine, NH3AlC13, 
and hydrogen chloride.l.2 The ammine and the complex are 
miscible in the liquid phase over a significant concentration 
range at temperatures near the melting point of NH4AlC14 
(305’). Total pressures generated by the vaporization reaction 

NH,+(l) + AICl,‘(l) = NH3A1C13(g) + HCl(g) (1) 

were found to correlate well by treating the liquid phase as 
an ideal mixture of the ammine, with each molecule presumed 
to occupy a combined cation and anion site, and the ionic 
complex. A preliminary study of such mixtures when an excess 
of NH4Cl was also present suggested that the ionic solution 
model was still applicable although the “Henry’s law” 
properties of liquid NH4C1 at low concentrations in the 
complex liquid phase appeared somewhat different from those 
expected for pure liquid NH4C1. 

The study of these interesting mixtures has now been ex- 
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tended to the NH4Cl-NaAlC14 system and similar effects have 
been observed. In this case the overall vaporization reaction 
may be written 
NH,C1(1) + NaAIC1,(1) = NH,AICl,(g) t HCl(g) t NaCl(s) (2 )  

when the amount of NaCl produced exceeds its solubility. 
Pure NaAlC14 melts at 15 1 O ; 3  the total pressures generated 
by mixtures of NH4C1 and NaAlC14 were measured in the 
range 480-650 K. It is apparent from the results, when 
compared with predictions based on thermodynamic constants, 
that the ammine is also soluble in the NaAlC14 liquid phase. 
A correlation of the data in the form of eq 1, in the solvent 
NaAlC14, is compared with the earlier study in NH4AlC14. 
An experimental study of the equilibrium 
NH,(g) + NaAICl,(I) = NH,AICl,(g) + NaCl(s) (3) 

was also carried out. In this system the behavior of NaAl- 
C14-NH3AlC13 solutions can be observed in the absence of 
hydrogen chloride. Since the properties of NaCl and NH3 
are well-known,3 results give an indication of the difference 
in the thermodynamic properties of NaAlCh(1) and 
NH3AlCl3(g) and are compared with predictions based on an 
electrochemical study of NaAlC14 by Boxall, Jones, and 
Osteryoung4 and our earlier work on the ammine.11 
Experimental Part 

Samples were prepared, transferred, and studied in all-Pyrex 
vacuum systems using vacuum “break-seal” techniques and a Pyrex 
diaphragm gauge pressure sensing device as described ear1ier.Q A 
relatively large sample (ca. 5.6 g) of aluminum chloride, prepared 
by reaction of HCI [generated by reaction of H2S04 (Allied Chemical 
reagent) with NaCl (Mallinckrodt AR) and AI (Baker Analyzed 
reagent)] was first isolated in a small preweighed Pyrex capsule. An 
equimolar amount of sodium chloride was introduced into a reaction 
vessel attached to the vacuum system and degassed (<10-6 Torr at  
450’) for 12 hr before the AIC13 capsule in the vacuum system was 
ruptured by dropping a glass-enclosed weight to bring the reactants 
into contact. Reaction occurred readily when the mixture was heated 
with a small hand torch; the melt was then held at 350’ under high 
vacuum for 3 hr to remove excess aluminum chloride. The isolated 
evacuated reactor was then tilted and the hot liquid poured into an 
attached preweighed capsule which was sealed off. A small portion 
was left for analysis. Found: Na, 2.652 X 10-3 mol; AI, 2.600 X 10-3 
mol; CI, 1.050 X 10-2 mol. This corresponds to a mixture of 99.4 
wt % NaAIC14 and 0.6 wt % NaCI. 

The capsule containing the NaAICh was then inserted into a side 
arm attached to a Pyrex diaphragm gauge in which had been placed 
1.6 g of sodium chloride. After degassing of the salt at  400’ for 12 
hr, the NaAIC14 capsule was ruptured; the sample was melted and 
allowed to run into the diaphragm gauge which was then sealed. No 
detectable pressure (<0.1 Torr) was observed when the gauge was 
heated to 375’. The vapor pressure of NaAIC14 and its decomposition 
pressure (AIC13 + NaCI) are not expected to be detectable in our 
apparatus below 400O.5.6 After the series of equilibrium measurements 
the actual amount of NaAIC14 in the gauge was determined by analysis 
using a Perkin-Elmer atomic absorption spectrometer. 

To study reaction 3, a break-seal attached to the gauge was then 
opened and a measured amount of ammonia (source: Matheson 
Anhydrous, 99.99%) admitted. Reaction did not occur at an ap- 
preciable rate until the NaAIC14 was liquefied. After the ammonia 
was taken up, the gauge was sealed and total pressures were measured 
(3~0.2 Torr) as a function of temperature. Approach to equilibrium 
was slow; pressures changed slowly for several hours (as long as 24 
hr at lower temperatures) before constant values were reached. Values 
were compared at  a given temperature when the temperatures were 
increased between successive measurements and when they were 
decreased. After the first series was completed, the system was cooled, 
a second aliquot of ammonia was added, and measurements were 
repeated. The approach to equilibrium for this sample (no. 2) was 
exceedingly slow as the temperatures were increased (mixtures could 
not be stirred); results for descending temperatures were reproducible 
in two series of measurements and appeared to reach equilibrium more 
readily; these values were compatible with the limit approached in 
the ascending temperature series. Only the descending series values 
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were used in the final analysis of the data. Boxall et al.4 also noted 
a slow approach to equilibrium in their electrochemical study of the 
NaCI-NaAIC14 system, which they attributed to a slow rate of 
equilibrium with solid NaC1. 

For the NH4CI-NaAlCh experiments a large sample of NaAIC14 
was again prepared. After introduction into the gauge, the sample 
was subjected to a cooling curve analysis to determine’the melting 
point (1 5 1 ”) before addition of the ammonium chloride. Again the 
sample was found to develop no measurable gas pressure when heated 
to 380’ in the sealed gauge. After cooling a small quantity of NHdCI, 
Baker Analyzed reagent (99.9%), previously vacuum sublimed, isolated, 
and weighed in a sealed capsule, was vacuum sublimed into the gauge. 
Total equilibrium pressures developed by this mixture were measured 
at  various temperatures: the procedure was repeated after the addition 
of each of three more aliquots of NH4Cl. Before each addition after 
the first, it was found necessary to pump out a small residual pressure 
of HCI (the amount was carefully measured) which had failed to 
recombine with NH3AICh as the system was cooled. The rate of 
recombination was found to be very slow at lower temperatures. From 
the measured quantities of Na, AI, and CI in the gauge, determined 
by final analysis, and the measured aliquots of NHiCl added and HC1 
removed, the composition of the system during each series of 
measurements was established. 
Results and Discussion 

Formation of the compound NaAIC14 has been well doc- 
umented.7-9 In mixtures with appreciable amounts of C1-, one 
concludes from the works of Fannin et al.10 and of Boxall et 
al.4 that the ion AlC14- is the major aluminum-containing 
species in melts; species such as A12C17- and AhClio- need 
only be considered when the melt composition is rich in 
aluminum chloride. In our studies mixtures were saturated 
or nearly saturated with NaCl. 

The total equilibrium pressures developed in the study of 
reaction 3 were interpreted using eq 4-9 (the n’s represent mole 

(7) 

nNaf(l)nCl‘(l) =K~(nNH,AIC1,(l) + nNat(l? (8) 

nNac(l) = 

numbers of the species indicated by the subscripts). ~ N H ~ O  and 
nNaAICI4O represent the number of moles of the respective 
substances initially introduced into the diaphragm gauge, with 
volume V. P is the total pressure measured at T K. Liquid 
NaAlC14, containing a very small amount of dissolved NaCl, 
was assumed to form ideal mixtures with dissolved ammine 
molecules with the latter occupying adjacent cation and anion 
sites. Equation 7, used to relate the solubility of the ammine 
to its vapor pressure,ll is Raoult’s law in mole form: ~ V H , A I C I ~ ~  
represents the number of moles of ammine expected in the 
vapor volume if the liquid were pure ammine at the tem- 
perature of interest, i.e., no = PQV/RT where Po is the vapor 
pressure of the pure ammine; correspondingly nNH,Aic13(g) = 
PNH,AICI,V/RT where PNH,AICI, is the partial pressure of the 
ammine in equilibrium with the liquid phase in which the mole 
fraction of the ammine is ~ N H ~ A I C I , ( I ) / ~ ~ ( I ) ;  nt(i) = ~ N H , A I C I ~ ( I )  

The values of KS in eq 8 were based on the solubility of NaCl 
in NaAlC14 reported by Torsi and Mamantov;l2 their data are 
in general agreement with the observations of Tremillon and 
Duchange.13 These studies indicate a solubility of about 
one-third of that predicted on an ideal basis;3 hence we have 
in effect assumed a “Henry’s law ideal behavior” for these very 
dilute solutions of NaCl, Le., Kq = X N ~ + ( I ) X C I  (I), which with 
XNa+(l) = nNa+(l)/nt(l) and Xci-(i)  = nci-(i)/nt(i) takes the form 

AlC14 -(1) + nCl-(l) (9) 

-k nNaAICI4(1) + nNaCI(I) = ~NH~AICI I ( I )  + nNa+(l). 
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Table I. Results Derived for Reaction 3 

William $2. kaughlin and 'PI. Mi. Gregory 

l_i-__ 

Mole fractions (liquid phase) Partial pressures, Torr 

2-  

545 
571 
5 96 
613 
629 
645 
613 
608 
596 
5 38 

621 
620 
619 
602 
551 
512 
637 
583 
533 

0.066 
0.065 
0.063 
0.062 
0.060 
0.057 
0.061 
0.062 
0.063 
0.067 

0.193 
0.193 
0.194 
0.199 
0.209 
0.213 
0.187 
0.204 
0.21 1 

Sample 1 (n0NaA1Cl4 =0.0293; noNHs =2.01 x io-3;  'v=0.0500 1.) 
0.910 0.024 1.8 0.07 0.7 
0.905 0.030 3.1 0.1 1.2 
0.900 0.037 6.8 0.3 0.9 
0.897 0.041 9.8 1.2 0.4 
0.894 0.047 13.8 1.4 0.5 
0.891 0.052 18.5 2.5 0.4 
0.897 0.042 9.9 1.1 0.4 
0.898 0.040 8.9 0.8 0.5 
0.900 0.037 6.8 0.5 0.6 
0.911 0.022 1.5 0.1 0.4 

V =  0.0480 1.) 
0.756 0.05 1 36.7 5.6 0.4 

36.4 5.4 0.5 

Sample 2 (noNaR1C14 = 0.0293; noNH3 = 6.38 x 

0.756 
0.755 
0.756 
0.76 1 
0.767 
0.755 
0.757 
0.764 

0.05 1 
0.05 1 
0.045 
0.030 
0.020 
0.057 
0.039 
0.025 

of (8) shown. This treatment neglects any effect the presence 
of the ammine may have on the solubility of NaCI. The ionic 
electroneutrality requirement is expressed in eq 9. The six 
equations shown were solved simultaneously to obtain values 
for the six mole numbers for each experimental value of P and 
T. Mole fractions in the liquid phase and partial pressures 
derived are listed in Table 1. The mole fraction of the ammine 
in the second mixture is about 3 times that in the first. 
Temperatures are listed in the order measured for sample 1. 
As discussed in the Experimental Section, only pressures 
measured when equilibrium was approached from the 
high-pressure side were used for sample 2. 

The data derived indicate that reaction 3 proceeds nearly 
to completion. Total pressures are only slightly higher than 
the predicted partial pressures of the ammine. These values 
are compared graphically in Figure 1; the slope of the plot of 
log P vs. 1/T corresponds closely to the heat of vaporization 
of the ammine, as expected if the vapor is nearly pure ammine, 
if the ideal solution model is a reasonably goo$ approximation, 
and if the XNHAICI, changes only slightly with temperature. 

When PNHAAICI~ is close to the total pressure, values derived 
for PNH, are subject to large experimental error. Hence, values 
derived for K3' = PNH,AICI~CI- /PNH~AICI~-  (Table I) show 
substantial scatter and no systematic variation with tem- 
perature is apparent. An average of 0.5 is obtained when data 
points with indicated pressures of ammonia less than 1 Torr 
are discounted because of their larger relative uncertainty. 
Division of K3' by KS gives K3, the equilibrium constant for 
reaction 3. The conclusion that the equilibrium for reaction 
3 lies far to the right under our reaction conditions is not 
particularly sensitive to the estimated values for the solubility 
of sodium chloride and hence to the validity of the assumptions 
involved in eq 8. By eq 7, PNH~AICI~  is fixed by XNH,AICI,(I); 
hence the equilibrium constant for (3) depends basically on 
the ratio XNH,AICI,/XN~AICI~ which is not very sensitive to 
moderate changes in the small values of XCI-. This was verified 
by calculations in which the latter was varied from near zero 
to the ideal saturation limit. 

A separate experiment was conducted to examine the 
composition of the equilibrium vapor. A liquid mixture, which 
subsequent analysis showed to have a composition corre- 
sponding to XN~AICL, = 8.84 and XNH,AICI, = 0.16, was held 
at 683 K in a small bulb connected by 3-mm id .  tubing to a 
0.2 1. volume held at 723 K. After 4 hr the volume holding 
the vapor was sealed off. The vapor condensate was found 

36.1 
24.5 
6.8 
2.1 

52.0 
15.8 
4.1 

IO0 

32 
43 
26 
10 
11 
8 

10 
13 
18 
19 

10 
12 

4.1 0.6 15 
3.4 0.4 11 
0.3 0.9 39 
0.1 0.5 31 
5.4 0.7 15 
0.8 1 .o 32 
0.1 1.3 65 

---I 

pressures 

0 1 0 Total measured 
pressures 

30t 0 
B 

0 
B 

0 8 

b, 
0 

B 

4t 8 

'1.5 1.6 I 7  I 8  I9 
1000 T - '  

0 

8 

8 

0 2  

g Sample 

Sample 
1 

Figure 1. Comparison of measured total  pressures ( 0 )  and 
predicted partial pressures of NH,AlCl, (e) for samples 1 and 2 in 
the study of reaction 3. 

to contain 5.093 X 10-4 mol of A1 (presumably as NH3AIC13 
and NaAIC14) and 7.48 X 10-6 mol of Na (presumably as 
NaAlC14). The condensate was found to melt at 129-130°, 
which corresponds closely to the melting point of the ammine.11 
A small pressure (ca. 2 Torr) of residual gas, presumably NH3, 
was detected when the vapor vessel was opened through a 
break-seal to a manometer at room temperature. These 
quantities indicate ammine and ammonia pressures at the 
equilibration temperature of 110 Torr (predicted from eq 7, 
80 Torr) and 4.5 Torr, respectively, and a K3 value around 
30. In view of the uncertainties associated with the thermal 
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Table 11. Thermodynamic Constants Derived for 
Reaction 3 at 600 K 

DHo, 
kcal ASo, cal AGO, kcal 

mol-' mol-' deg-' mol-' K, (range) 

Present study 5.5 f 3 -3.9 f 2 -3.7 f 1.3  14 (8-65) 
Ref 3 ,4 ,  11  2.4 t 3 -11 .3  + 3 4.4 ? 5 0.025 

(4 X 10-4-1.6) 

gradients and flame seal-off procedure and possible problems 
with adsorption in this experiment, these observations seem 
in reasonable accord with the diaphragm gauge results. 

It is clear that the results in Table I can only be expected 
to give a rough estimate of the thermodynamic constants for 
reaction 3. Yet the range of the values derived for K3 is 
substantially different from that predicted by combining our 
earlier data for the ammine11 with those of the electrochemical 
study of NaAlC14 by Boxall et al.4 The comparison is shown 
in Table 11. The uncertainties indicated for the present study 
are based on the scatter of calculated values of K3 and do not 
reflect the uncertainties of the ideal model. The range of K3 
values (Table I) was used as a basis to estimate the uncertainty 
in AGO and ASo; that for AHo reflects the range of reasonable 
slopes that might be drawn through a van't Hoff plot of the 
data. The uncertainties for results derived from ref 3,4, and 
11 are based on the combined uncertainties reported by the 
respective authors. The two values of the projected enthalpy 
change fall within the combined experimental errors; however 
the entropy (and free energy) values differ somewhat more 
than expected. We can only suggest that further work on the 
ammine and on NaAlC14 would be helpful to confirm the 
values of the constants used. Undoubtedly the ideal solution 
model used to analyze the present data is an oversimplification 
and this may account for the difference; however the study 
of the NH4Cl-NaAlC14 system, to be discussed in following 
paragraphs, provides additional evidence that the model gives 
a surprisingly good approximation to the vapor pressures 
generated by these mixtures. In both cases the correlation 
covers a substantial liquid-phase concentration range. 

The JANAF tables3 also include estimated properties for 
NaAlCh(s), based on early heat of solution measurements of 
Baud14 and estimated heat capacities; AHo of NaAlCh(s) at 
600 K is listed as -270.6 kcal mol-1. Our present results 
indicate a value for the liquid of -273 f 3 kcal mol-1 and those 
of Boxall et al.4 a value of -276 f 1 kcal mol-1, both of which 
suggest that to give a reasonable heat of fusion the enthalpy 
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of formation of NaAlCk(s) must be considerably more 
negative than the JANAF value. 

The system represented by reaction 2 may be considered 
similar to that of reaction 3 with the behavior of the latter 
modified by the presence of HCl. The experimental obser- 
vations indicate that the reaction 

NH,C1 + NaAlCl, = NH,AlCI, + NaCl (10) 

goes virtually to completion and, since the solubility of NaCl 
in NaAlC14 is relatively small, solid NaCl was precipitated 
in most of our experiments. It was assumed that the 
NH4AlCl4 produced forms an ionic ideal solution with 
NaAlC14; the predicted mole fractions of the NH4+ ion for 
the four mixtures studied range from 0.004 to 0.2. Reaction 
1 may then be considered to generate the equilibrium vapor 
phase, and for the conditions under which these mixtures were 
studied the ammine is sufficiently soluble in the melt so that 
the vapor is virtually all HCl. 

As indicated in the experimental section some HCl was 
removed when the system was opened to add new aliquots of 
NH4Cl; this leaves some condensed ammine in the system. 
Hence in treating the experimental data, the moles of NH4Cl 
added were treated as equivalent numbers of moles of NH3 
and HC1; the total quantity of HCl could then be conveniently 
corrected for the amounts pumped out of the system. The six 
equations (4-9) were modified to include the presence of NH4+ 
and HCl and used together with the relationships 

to solve for the eight unknown mole numbers. The meaning 
of the symbols in (1 I) and (12) will be clear from the previous 
discussion. Equation 12 incorporates the results of the study 
of reaction 3 (Table I) to estimate the partial pressures of 
NH3. A total of 12 data points were measured for sample 1, 
15 for sample 2, 16 for sample 3, and 14 for sample 4. Of 
these representative sets of four for each sample at similar 
temperatures are displayed in Table I11 for comparison and 
to illustrate the range of mole fractions derived (liquid phase). 
It will be observed that ammonia and the ammine appear to 
be only minor components of the vapor. In sample 1 the 
amount of chloride ion generated is sufficiently small to remain 
in solution; for the other mixtures, Xci- is limited by Ks; i.e., 

- 
Table 111. Equilibrium Characteristics Derived for NH,Cl-NaAlC1,-NH,A1CI3 Mixtures 

Partial pressures, Torr Mole fractions (liquid phase) 

XNH,AIC~, log Kl (atmos)' T ,  K pHCl PNH, PNH,AICl, xAIC1,- Xc i -  XNH,+ 

Sample 1 (noNaAIC1, = 0.0200; ~ ' N H ~  = 1.96 x IO-,; n"HCl= 1.96 x V =  0.0497 1.) 
512.4 17.8 0.0003 0.01 0.989 0.0097 0.0083 0.0014 -4.29 
55 1 .o 33.7 0.002 0.08 0.988 0.0097 0.0073 0.0024 -3.20 
600.6 61.0 0.009 0.50 0.986 0.0097 0.0057 0.0040 -2.05 
644.1 94.4 0.04 1.80 0.985 0.0097 0.0039 0.0057 -1.12 

Sample 2 (n'NaA1C1, =0.0200; n'NH, = 1.13 x lo-,; n'HC1 = 1 . 1 1  x io-,;  V = 0.0477 1.) 
506.2 45.4 0.001 0.03 0.980 0.016 0.05 1 0.0041 -4.28 
550.5 83.9 0.01 0.20 0.969 0.025 0.049 0.0064 -3.20 
601.1 164.8 0.10 1.30 0.952 0.038 0.044 0.01 1 -2.05 
641.1 264.2 0.50 4.60 0.934 0.050 0.038 0.015 -1.23 

Sample 3 (fl'NaAlC1, = 0.0200; ~ ' N H ,  = 1.94 x lo-*; noHCl= 1.88 x lo-,; V = 0.0457 1.) 
506.7 36.8 0.002 0.05 0.977 0.017 0.090 0.0058 -4.46 
555.6 96.9 0.02 0.35 0.964 0.027 0.085 0.0093 -3.15 
600.4 197.3 0.10 1.70 0.946 0.039 0.079 0.015 -2.10 
643.9 349.8 0.80 6.80 0.925 0.053 0.070 0.021 -1.20 

506.4 55.7 0.003 0.07 0.972 0.019 0.195 0.0087 -4.44 
552.0 130.0 0.030 0.50 0.956 0.030 0.188 0.014 -3.23 
603.7 29 1.4 0.30 3.1 0.930 0.045 0.174 0.024 -2.01 
643.7 492.1 1.50 11.0 0.905 0.060 0.160 0.035 -1.19 

Sample 4 ( n ' N a ~ l c l ,  = 0.0200; ~ " N H ,  =4.16 x lo-,; n'HC1= 4.08 x V = 0.055 1.)  
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One may also examine values for the equilibrium constants 
predicted by the data in Table III for the vaporization of 
“liquid ammoniuin chioride” from its dilute solution in the 
NaAlCl4 melt mixture (designated as liq I),  

WH,+(liq I) + Cl-(liq I) = NH,(g) + IICl(g) (14) 

It can easily be seen that Ki4 is equivalent to K i I K j ’ ,  which, 
subject to the large unsertainty of K3’, corresponds to 2Ki. 
These values are about one-ninth of those derived in the earlier 
study of NH4C1 in NM4AlC14 melts (liq 11). This difference 
may in part (recognizing the large experimental uncertainty 
in the predicted value of Ki4) reflect a difference in the 
“Henry’s law” behavior of the chloride ion in the two different 
solvent systems, One tends to conclude, from the observation 
that the Ki values derived are virtually identical in liquid I 
and liquid TI, that the MH4+ and Na+ sublattice mixtures do 
indeed behave nearly ideally. (It does appear (Figure 2) that 
a divergence of the Ki values for the two solvent systems is 
developing at lower temperatures.) Nonideal effects for mixing 
C1- and AIClc-, which have appreciably different ionic vol- 
umes, may be expected to be more substantial. The chloride 
ion mole fractions appear relatively small; the C1- activity 
coefficients could be substantially different in the two melts 
without significant effect on Ki; however, since ionic volume 
effects alone should be comparable in the two solvent systems, 
cation-anion specCific interactions may be responsible. A more 
careful comparison of the equilibrium characteristics of re- 
action 14 in liquids I and TI is needed to gain a real insight 
into this question. 
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Figure 2. Values of K, = P N H ~ A ~ ~ ~ ~ P H ~ ~ / X W H ~ - X A ~ C ~ ~  derived 
from total equilibrium pressure and composition data for various 
mixtures of NH,C1.-NaAIC1,-NH,A1C13. Solid line represents 
values of K ,  derived in an earlier study of NII,AlCl,--NH,AlCl, 
mixtures. 
the calculation predicts that solid NaCl is precipitated. The 
mole fraction of the ammine in the liquid phase is relatively 
small in all mixtures, less than 0.04. 

To test the correlation of the data, values of KI 

K1 = PNH, A ~ ~ , P H c ~ X N H ,  +XAICI, - (13) 

were calculated. The results for all of the data points are 
displayed in Figure 2. The agreement of the four sets of data 
is remarkably good. Even more remarkable, particularly 
considering the ideal solution approximations and the fact that 
NH4AlC14 and the ammine in the present study are present 
at relatively low concentrations in NaAlC14 as the solvent, is 
the close correspondence of the values of K I  derived in the 
present study with the line drawn which reflects the values of 
Kl and its temperature dependence based on data measured 
in the earlier study of the pure complex Nk4 lC14  and its 
mixtures with NH3AlC13.1 It should be noted that the cor- 
relation of the data in the form of K i  does not provide a real 
test of the accuracy of K3’, since the ammine and NII3 
pressures are so small as to contribute little to the total 
pressure. 


