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Figure 6. Experimental and calculated vapor compositions for the 
2-butanol-rn-xylene system. 

both systems exhibit positive deviations from Raoult's law. 

Glossary 
B,,, 8 2 2  gas-phase second virial coefficient for components 

P total pressure, mmHg 
1 and 2, respectively 

vapor pressure of component 1, mmHg 
universal gas constant, 82.054 cm3 atm K-' mol-' 
absolute temperature, K 
liquid molar volume of component 1, cm3/mol 
mole fraction of components 1 and 2, respectively, 

mole fraction of component 1 in vapor phase 
activity coefficient of component 1 
8 1 2  - B,, - B22 where B,, is the second virial cross 

x2 
in liquid phase 

coefficient 
A,, constants in Wilson's equation 

low boiling component 
2 high boiling component 
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The Heat of Solution of Ammonium Nitrate in Nitric Acid 

Robert T. Rewick' and 6. J. Gikis 
Physical Chemistry Group and Chemical Engineering Laboratory, SRI International, Menlo Park, California 94025 

~ 

The heat of solution of ammonium nitrate in nitric acid has 
been measured as a function of solute concentratlon and 
the degree of dilution of the acid with water. The results 
show a strong solute/solvent interactlon, with a heat 
release that increases with the concentratlon of the salt. 
In  anhydrous nitrlc acid, the strength of the hydrogen 
bonds between the nitrate Ion and molecular nitric acid 
approaches 7.8 kcal/moi. In the presence of water, the 
concentration of molecular nitric acid Is lowered and the 
reaction is less exothermic; In a sufflclentiy dilute solution, 
the reaction Is endothermic. In NMR studies, the 
magnitude of the observed proton resonance shifts 
provides additional evidence for the supposltlon that 
strong hydrogen bonds surround the solvated nitrate ion 
and supports the conclusion that the ammonlum Ion Is not 
directly involved in the bondlng of the interactlon complex. 

Introduction 

Ammonium nitrate, which is extensively used in explosives 
and fertilizers, is often subject to severe caking problems during 
storage because of the hydroscopic nature of the salt. For this 
reason, ammonium nitrate is often handled in solution form 
because it is readily soluble in a variety of aqueous and nona- 
queous solvents. For example, ammonium nitrate is reported 

0021-9568/80/1725-0127$01.00/0 

to be appreciably soluble in aqueous and concentrated nitric acid 
( 75, 77); solutions of 50 wt YO ammonium nitrate in anhydrous 
nitric acid are commonly used in the manufacture of explosives. 

Interesting solvent effects involving ammonium nitrate have 
been reported (2 ,  7). For example, dissolution of ammonium 
nitrate in water (27) and in concentrated phosphoric acid (22) 
is accompanied by the absorption of heat; in anhydrous liquid 
ammonia the process is exothermic ( 72), suggesting that addiion 
complexes are formed. 

During our studies on the physical properties of ammonium 
nitratehitric acid solutions, we realized the importance of 
evaluating the heat effect for the dissolution of ammonium nitrate 
in nitric acid. Previous results have shown that the dissolution 
of potassium nitrate in nitric acid is accompanied by the evolution 
of heat (70), but these measurements were conducted at ice 
temperature over a narrow concentration range. Extrapolation 
of these data to higher temperatures and concentrations was 
difficult because reliable heat capacity data are lacking. For 
ammonium nitratehitric acid, we speculated that the dissolution 
process would also be exothermic, presumably because of the 
formation of an interaction complex involving hydrogen bonding 
between the nitrate ion and molecular nitric acid, (HNO& NO3- 
( 7 ,  9). 

In the present study, we conducted calorimetric measure- 
ments of the heat of dissolution of ammonium nitrate in nitric 
acid as a function of solute concentration and the degree of 
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Flgure 1. Schematic view of the calorimeter. 

dilution of the acid with water. In addition, we observed the 
proton NMR spectra of ammonium nitratelnitric acid solutions 
and correlated the observed proton chemical shifts with the 
measured heat of dissolution. 

Experlmental Details 

Caknhreter. Figure 1 shows the calorimeter used to measure 
the heat of dissolution of ammonium nitrate in nitric acid. The 
230-cm3 reaction vessel is constructed from Durimet 20, a 
stainless steel alloy enriched in copper and nickel. This alloy 
is highly resistant to corrosion by 100% nitric acid ( 76). 

As shown in Figure 1, a glass ampule containing ammonium 
nitrate is held in place at the bottom of the reactor. The holder 
is perforated to allow rapid contact with stirred nitric acid when 
the ampule is broken. The Durimet 20 stirrer is mounted on a 
Teflon shaft that is supported by a Teflon insert at the bottom 
of the reactor. The head of the reaction vessel contains the 
breaker rod and the stirrer shaft. 

For proper orientation of the ampule breaker rod with the 
holder, the reactor head can be attached in only one position 
by the use of the orientation pins near the Teflon “0” ring. A 
locking mechanism for the breaker rod avoids accidental 
breakage of the ampule before the desired reaction time. The 
stirrer shaft extends through a Teflon sleeve to avoid leakage 
of water from the outside bath into the reactor. 

The sealed reactor is immersed in a 4-L Dewar flask con- 
taining about 2700 cm3 of distilled water; the flask is insulated 
with a 1-in. Styrofoam jacket and cover. In  addition to the 
ampule breaker and stirrer connections, a Teflon stirring paddle, 
a quartz-encased calibration heater, and a NBSGalibrated Leeds 
and Northrup platinum resistance thermometer (Model No. 8164) 
extend through the cover. 

The heat capacity of the calorimetric system was evaluated 
by supplying a known quantity of electrical energy to the system 
during a measured time period through a calibrated 5 7 4  
quartz-encased heater and then by measuring the temperature 
rise with the platinum resistance thermometer. Temperature 
readings were recorded in terms of resistance (measured with 
a Leeds and Northrup Mueller bridge, Model No. 8067) of the 
calibrated Pt thermometer. 

Materials. Ammonium nitrate (99.5% assay) was obtained 
from the Mallinckrodt Chemical Co. The samples were dried 
for several hours at 130 OC and transferred to a drybox (Vacuum 
Atmospheres Corp., No. HE-43-6) through an antechamber 

evacuated to <50 NmHg. A Karl-Fischer titration of an am- 
monium nitrate sample stored in the drybox showed the presence 
of CO.1 wt % H,O, and X-ray analysis showed a diffraction 
pattern identical with the literature spectrum for the dry salt. 

Anydrous nitric acid was prepared by a procedure similar to 
that described by L ing  (4, except that 90% nitric acid (Fisher 
Scientific Co.) was vacuumdiitilled from oleum rather than from 
concentrated sulfuric acid and oxides of nitrogen were removed 
before distillation by treatment with urea. Potentiometric titration 
of nitric acid aliquots (stored in the dark at -80 O C  to prevent 
photodecomposition) with standard 1 N NaOH gave an average 
nitric acid content of 99.6 f 0.2 wt %. Aqueous nitric acid 
samples were prepared by dlutkm of more concentrated material 
and were analyzed in a similar manner. 

Because of the corrosive nature of the chemicals used in the 
calorimetric system, we were concerned that wall attack and 
water pickup might lead to spurious results. To evaluate these 
possibilities, we stored samples of nitric acid in the sealed re- 
action vessel for a time equivalent to a calorimetric measurement 
(about 30 min) and then withdrew aliquots for analysis. Titration 
results indicated that sample purity had not changed by more 
than f0.5 % and only background levels (0.3 ppm) of iron and 
nickel were detected by atomic absorption analysis. 

Procedure. Ammonium nitrate samples were transferred in 
the drybox into weighed 7-cm3 glass ampules that were then 
flame-sealed, reweighed, and mounted in the sample holder of 
the reaction vessel. A measured volume of nitric acid was then 
quickly added to the reactor under a stream of flowing dry 
nitrogen. After the reactor was sealed and immersed in water 
in the insulated Dewar flask, the Styrofoam cover (containing 
the stirring rod, the calibration heater, and the platinum resistance 
thermometer) was carefully positioned on top of the flask. The 
temperature of the water bath was then adjusted to 298 f 0.05 
K by using the calibration heater or adding ice, and the tem- 
perature was read with the platinum resistance thermometer 
and Mueller bridge. The nitric acid sample inside the reactor 
and the heat sink fluid were stirred at a predetermined rate that 
minimized the time lag between the heat release period and the 
initial and final drift rate equilibria of the calorimetric determi- 
nation. 

After establishing the slope of the initial drift rate period, we 
broke the glass ampule containing ammonium nitrate by de- 
pressing the breaker rod. The resulting temperature change 
of the calorimeter was recorded as often as possible during the 
reaction period. Measurements were continued after the re- 
action period to establish the slope of the final drift rate period, 
which also served as the initial slope of the subsequent heat 
capacity determination. 

The measured resistance change was corrected for thermal 
leakage and heat of stirring during the nonequilibrium portion 
of the calorimetric experiment by using Jessup’s (6) method, 
which involves t t ~ ?  slopes of the initiil and final drift rate periods. 
This procedure empirically gives correct results within about 
0.01% of the total resistance change and provides simpler 
calculations than the more accurate but tedious procedures 
based on Newton’s law of cooling ( 78). 

Proton NMR spectra of ammonium nitratehitric acid solutions 
were observed at 28 OC by using a Varian Model EM-360, 60 
MHz spectrometer. Weighed NMR tubes were loaded in a drybox 
with ammonium nitrate. The tubes were then reweighed and 
flame-sealed after the addition, under nitrogen, of 0.5 cm3 of 
nitric acid and a sealed capillary containing tetramethylsilane 
(Me,Si) reference standard. 

Results and Dlscusslon 

Table I summarizes the calorimetric data obtained for the 
dissolution of ammonium nitrate in nitric acid. A plot of the 
results from a typical experiments is shown in Figure 2. 
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Table I. Summary of Calorimetric Data 
kcal/inol 

run no. system reactant reactant ",NO, K kcal/n n no. kcal ",NO, 

molality 
mol of of run temp, Cp? AT,b of 

1 

2 

3 

4 

5 

6 

7 

8 

9 

10 

11 

12 

13 

NH,NO,/HNO, 

NH,NO,/HNO, 

NH,NO,/HNO, 

NH, NO, WNO, 

NH,NO,/HNO, 

NH, NO,/HNO, 

NH, NO,/HNO, 

NH,NO,/H,O/HNO, 

NH,NO,/H,O/HNO, 

NH, NO,/H,O/HNO, 

NH, NO, /H O/HNO, 

NH, NO,/H, O/HNO, 

NH, NO,/H, OIHNO, 

0.0301 
1.198 
0.044 1 
1.196 
0.0378 
1.196 
0.0469 
0.0478 
0.0748 
0.239 
0.04998 
0.239 
0.1427 
0.239 
0.0199 
0.0555 
0.478 
0.0378 
1.176 
0.785 
0.0375 
1.983 
0.44 1 
0.0378 
0.330 
1.087 
0.0374 
0.753 
0.941 
0.0765 
1.176 
0.785 

",NO, 
HNO, 
",NO, 
HNO, 
",NO, 
HNO, 
",NO, 
HNO, 
",NO, 
HNO, 
",NO, 
HNO, 
",NO, 
HNO, 
",NO, 

HNO, 
",NO, 

HNO, 
",NO, 

HNO, 
",NO, 

HNO, 
",NO, 

HNO, 
",NO, 

HNO, 

H2 0 

H,O 

H2O 

H,O 

H,O 

HZ0 

0.40 

0.58 

0.50 

1.55 

4.95 

3.31 

9.44 

0.64 

0.54 

0.59 

0.51 

0.51 

1.07 

298.04 

298.05 

298.02 

298.02 

298.02 

298.01 

298.00 

298.04 

297.99 

297.97 

298.01 

297.99 

297.98 

NBS-calibrated Leeds and Northrup platinum resistance thermometer Model No. 8164 
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Figure 2. Typical calorimetric curve (run no. 1). 

Effecf of Ammonium Nifrafe Concentration. As shown in 
Figure 3, heat is evolved when ammonium nitrate is disolved 
in 99.6 wt % nitric acid. This observation is consistent with the 
reported strong interaction between the nitrate ion and molecular 
nitric acid ( 7 ,  9). The initial step in the dissolution of ammonium 
nitrate in nitric acid requires the absorption of heat to breakup 
the crystal lattice; thus the observed results suggest that the 
strength of the solute/solvent bonds exceeds 1.3 kcal/mol, the 
heat of fusion of ammonium nitrate ( 79). 

As shown in Figure 3, curve a, the partial molal heat of 
solution of ammonium nitrate in nitric acid is calculated from the 
initial slope to be -6.5 kcal/mol. This heat of solution represents 
the heat evolved when a mole of the salt is dissolved in an 
infinitely large amount of the acid to form an infinitely dilute 
solution. The same value can be estimated from the limiting 
heat of solution approached in Figure 3, curve b. 

At low concentrations of ammonium nitrate in nitric acid, the 
heat of solution is nearly proportional to the salt concentration 
(Figure 3, curve a). At higher concentrations, the solution is less 
ideal; the decreasing evolution of heat suggests that effects such 
as solute-solute interactions or disturbance of the polymeric 
lattice of the acid may compete thermally with the heat of 
formation of the complex species. 

32.423 

31.154 

30.710 

28.994 
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30.522 

30.908 

30.756 

31.472 
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30.762 

0.006 1 
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0.0058 

0.0020 
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Figure 3. Heat of solution of NH,NO,(s) in 99.6 wt % HN03(1). 

The difference between any two integral heats of solution 
represents a value for the integral heat of dilution or concen- 
tration; hence, Figure 3, curve b, provides a convenient method 
for calculating the heat effect resulting from the addition of HNO:, 
or ",NO3 to ammonium nitratelnitric acid solutions. For ex- 
ample, we calculate that the dilution with HN03 of a 20 mol % 
".,NO3 solution to a 10 mol % solution will evolve about a 1.5 
kcal/mol of heat. 

Similar studies conducted on thermal effects in the potassium 
nitrate/nitric acid system ( 70) reported heats of solution at 273 
K over a narrow concentration range. To compare these data 
with the results for ",NO3, measured at 298 f 0.05 0.05 K, 
it is necessary to have information on the dependence of heat 
capacity and heat of reaction with temperature. Assuming that 
these effects are small, we suggest that the reaction may be 
more exothermic for the potassium salt (Table 11). As described 
in a later section, proton NMR spectra provide additional evidence 
to support this conclusion. 
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Table 11. Heats of Solution of Nitrates in Anhydrous Nitric Acid 

-AH, kcal/mol 

",NO, KNO, 
molality (298 K)" (213 K)b 

0.2 6.65 6.83 
1.0 5.72 6.33 
1.5 5.30 6.20 
2.3 4.70 5.24 

" Present work. Reference 9. 

I I I 6 . 0  

+4.0 t 
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Figure 4. Integral heat of solution of ",NO&) in H,O/HNO,(I). 

Effect of Water. To study the effect of water on the dis- 
solution of ammonium nitrate in nitric acid, we chose a fixed 
concentration of the salt and varied the mole ratio of water to 
nitric acid. The results, shown in Figure 4, demonstrate that the 
dissolution process can absorb or evolve heat depending on the 
value of this ratio. Thus, the heat effect appears to be a function 
of the relative concentrations of water, nitric acid, and ammo- 
nium nitrate, which can be related through a series of equilibria: 

(1) 2HN03 ~t NO2+ + NO3- + H20 

(a) (b) 
HN03 i- H20 H3N04 H30+ + NO3- (2) 

2HN03 + ",NO3 (HN03)2N03- + NH,+ (3) 

A variety of evidence suggests that eq 1 represents the 
primary ionization equilibrium for anhydrous nitric acid. In the 
presence of water, however, eq 2 becomes important, but little 
ionization occurs to H30+ and NO3- at a mole ratio HzO/HN03 
< 1. Rather, a substantial fraction of the liquid exists as mo- 
lecular nitric acid and as the monohydrate H3N04 (3-5), eq 2a. 
In the waterdeficient region (H,0/HN03 < l), the heat released 
during the dissolution of ammonium nitrate appears inversely 
proportional to the amount of water added (Figure 4). This 
suggests that the formation of the monohydrate removes mo- 
lecular nitric acid that is needed for complexing the nitrate ion 
( 7 ,  9) and evolving heat, eq 3. 

Equation 2b represents the primary ionization equilibrium for 
the acid after the nitric acid is diluted further (H20/HN03 > 1). 
In thii concentration region, the heat of dissolution of ammonium 
nitrate becomes endothermic because the heat of separation 
of the ions in the crystal lattice of the salt (heat of fusion) is 
greater than the heat of formation of the hydrogen bonds in the 
complex species. For infinitely dilute nitric acid, we estimate 
that the heat of solution of ammonium nitrate will asymptotically 
approach 5.96 kcal/mol, the iiterature value (27) for the solution 
process in pure water at the concentration of our experiment 
(molality = 0.75). 

Table Ill. Roton Resonance Shifts (Relative to Me,Si) for 
"0, /NO,- Solutions 

s 
rnolNO,-/ NaNO, KNO, ",NO, KNO, 
mol HNO, (28 "C)' (28 "C)" (28 "C)' (27 oC)b 

0 11.86 12.41 
0.019 12.07 12.64 
0.113 12.66 13.34 12.92 13.69 
0.164 13.38 14.25 
0.221 13.90 14.78 
0.248 14.15 15.00 
0.318 14.78 15.57 

" Present work. Reference 4. 

As shown in Figure 4, the heat of dissolution of ammonium 
nitrate in aqueous nitric acid is thermoneutral near a mole ratio 
H20/HN03 = 1. The position of the thermoneutral point, de- 
termined in our measurements for one salt concentration, is 
expected to vary with the composition of the solution (eq 1-3). 
The concentration dependence, however, does not appear to 
be large, since a single point measurement of the heat of solution 
at twice the ammonium nitrate concentration is close to the 
observed behavior (Figure 4). 

One important implication of the thermoneutral point is that 
the energy required to disrupt the ammonium nitrate lattice (1.3 
kcal/mol) ( 79) is exactly balanced by the heat of formation of 
the solvent/solute bonds. In an ideal solution (having no sol- 
vent/solute interactions), the heat of solution of a substance In 
a solvent must be exactly equal to the heat of fusion. Thus, 
the bond energy between nitric acid and the nitrate ion is 1.3 
kcai/mol at the thermoneutral point and increases to about 7.8 
kcal/mol for the species formed in the anhydrous acid. 

Data ReHab//My. As a measure of the reliability of our 
thermochemical measurements, we evaluated the heat release 
for a similar reaction that could easily be calculated from lit- 
erature data. For the system 

",(I) + HNO3(I) - NH,NO,(s) (4) 

the heat of reaction at 298 K is calculated ( 79, 27) to be -29.06 
kcal/moi. 

Direct measurement of reaction 4 was difficult in our calo- 
rimeter because of handling problems associated with liquid 
ammonia; therefore, we evaluated the reaction 

NH3.H,0(I) + (excess)HNO,(I) - NH4N03.H,0.HN03(I) (5) 

Using standardized 25 wt % ammonia and 99.6 wt % nitric acid, 
which has a product molality of 0.65, we determined the heat 
of reaction 5 at 298 K to be -42.43 kcai/moi. The standard 
deviation for four replicate measurements was 0.56 kcal/mol. 

To obtain a value for reaction 4 we used Hess' law to combine 
the heat of reaction 5 with the heats of reaction for a series 
of thermochemical steps. The heat of reaction 4 at 298 K using 
this procedure is -31.75 kcai/mol. Assuming that the calculated 
value (-29.06 kcal/mol) is accurate, we can assign an error limit 
to our measurements of about 9 % . 

Proton NMR Spectra. A number of workers have reported 
proton nuclear magnetic resonance data on nitric acid and nitric 
acid-water systems (3-5, 7 7 ,  74). In a study similar to ours, 
Happe and Whittaker (4) have measured proton resonance shifts 
for the potassium nitratehitric acid system (Table HI). They 
found that the nitrate ion is very effective in unshielding the proton 
in nitric acid and that this unshielding results in a large chemical 
shift toward lower applied fields. Their data also support the 
previous observation ( 7 ,  70) that the nitrate ion in nitric acid 
is solvated with two molecules of the acid. In the work of Happe 
and Whittaker (4), however, ail chemical shifts are reported 
relative to water as an external standard. In our experience, 
this practice introduces possible errors in chemical shift mea- 
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indicates that the potassium ion contributes to the chemical 
environment of the complex. Perhaps the polymeric nature of 
nitric acid, which is known to exist as a dimer ( 4 ) ,  is altered by 
the presence of the cation. Shoolery and Alder (20) have 
reported similar effects on the position of the proton resonance 
for water in the presence of added electrolytes. Table I11 
summarizes the chemical shifts observed in the present work. 

For the ammonium nitratehitric acid system, the proton 
chemical shift of the ammonium ion is nearly independent of 
concentration (Figure 5), which supports previous suggestions 
that it is not directly involved in the bonding of the complex. Our 
results further demonstrate that the heat of dissolution of am- 
monium nitrate in nitric acid increases with nitrate ion concen- 
trations and a corresponding proton resonance shift toward lower 
applied field. 

5 t  

4r 
3 1  1 
2 - A  ' 1 I 1_li-, 1 , l  I , 1 I I , 

+ 

0 004 0 0 8  012  016  020 0 2 4  0 2 8  032 035 O W  0 4 4  0 4 8  0 5 2  

MOLES NYdNO, MOLES HNOl 

Figure 5. Proton chemical shifts for the NH,NO3/HNO3 system 

surements due to sample tube inhomogeneity. 
In the present study, we observed the proton NMR spectra 

of solutions of ammonia nitrate in 99.6 wt % nitric acid. The 
resonance results, relative to an internal tetramethylsilane (Me,Si) 
standard, provide additional information about the chemical 
environment of the cation because the proton spectrum of NH,+ 
is observable ( 73). Thus, information was obtained on the effect 
of the ammonium ion on the interaction between HN03 and NO3-. 

As shown in Figure 5, the addition of ammonium nitrate to 
nitric acid results in a large chemical shift toward a lower applied 
field. Hydrogen bonding in general produces chemical shifts in 
this direction, and there is evidence that the strength of the 
hydrogen bond formed is reflected in the magnitude of the 
resonance shift observed (7). The chemical shifts observed in 
the present study are believed to arise from the formation of 
a solvated nitrate ion involving strong hydrogen bonding between 
the ion and the solvent molecules ( 7, 9). A possible structure 
for this species has been proposed by Happe and Whiiker (4). 

Extrapolation of the curve shown in Figure 5 to a mole ratio 
where ammonium nitratehitric acid = 0.5 for the species 
(HN03)*N03- gives a chemical shift of about 16.4 ppm for the 
protons in the complex. A substantially higher shift of about 18.3 
ppm was observed for the potassium nitratelnitric acid system 
(4). The higher chemical shift for the potassium salt in nitric 
acid suggests the formation of stronger hydrogen bonds and a 
more exothermic heat of solution, as speculated in Table 11; this 
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