
convenience, and toxicity), dimethylformamide appears 
to be the best choice as a general solvent for explosives. 
DMSO, butyrolactone, or DMSO-butyrolactone mixtures 
can be used for HMX. The solubility of HMX in a DMSO- 
butyrolactone mixture (27% DMSO by weight) is given in 
Table I I .  The mixture has mp -30°C (-22°F) and could 
conveniently be used or stored in cold environments. The 
mixture is a better solvent for HMX than butyrolactone. 

Solubilities of explosives in dimethylformamide are 
given in Table VI.  Solubility values at temperatures above 
25°C are listed for explosives which are less soluble than 
40 grams/100 grams at 25°C. Solubility values at 0°C are 

listed for the more soluble explosives. I t  should be noted 
that DMF is a good solvent for both organic and inorgan- 
ic explosives (inorganic components of explosives). 
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Solubility of Silver Sulfate in Acidified Ferric Sulfate Solutions 
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Extraction Metallurgy Division, Mines Branch, Department of Energy, Mines and Resources, 
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~~ _ _ ~  

The solubility of silver sulfate in acidified ferric sulfate 
solutions was investigated over the temperature interval 
0-1 00°C. At constant acid concentration, the solubility 
increased slightly with increasing ferric ion strengths in 
the range 0-0.3M Fe3+. At a constant ferric ion 
concentration of 0.1M Fe3+, the solubility increased with 
increasing concentrations of sulfuric acid in the range 
0-1 .OM H2S04. Under conditions of high temperature, 
low acidity, and high ferric ion concentration, silver 
precipitated as insoluble silver jarosite 
( A ~ F ~ ~ ( S O ~ ) Z ( O H ) ~ ) .  

High silver values are frequently encountered in copper 
sulfide ore deposits, and this silver represents a valuable 
by-product of copper mining operations. During the dump 
or heap leaching of low-grade ores (6), siher recovery 
can lag substantially behind that of copper, and the rea- 
son for this is not fully understood ( 5 ) .  One explanation is 
that silver sulfate is not very soluble in the acidified ferric 
sulfate medium generally used for leaching. The solubility 
of AgzS04 in water is about 0.03M ( -10  g Ag2S04/1.) 
over the temperature interval 0-240°C (3).  The addition 
of sulfuric acid substantially increases the solubility of 
Ag2S04 at all temperatures (2).  

This observation was shown (2) to be consistent with 
the known temperature dependence of the HS04- ii H+ + 
S042-  equilibrium constant ( 4 )  and with the assumption 
that the solubility of Ag2S04 varied with ionic strength 
according to a Debye-Huckel type relationship. The solu- 
bility of silver sulfate in acidic solutions containing dis- 
solved ferric sulfate is, however, not known. To deter- 
mine if the poor silver recoveries obtained during the 
dump leaching of copper ores were caused by inherently 
low silver solubilities in the leaching medium, the solubili- 
ty of Ag2S04 in acidified ferric sulfate solutions was de- 
termined over the range of temperatures and concentra- 
tions likely to be encountered during commercial copper 
percolation leaching operations. 

' To whom correspondence should be addressed. 

Experimental 

Reagents. Baker reagent-grade silver sulfate was used 
without further treatment; this material was white and 
dissolved completely in an excess of water. Test solu- 
tions were prepared with distilled water, reagent-grade 
sulfuric acid, and hydrated ferric sulfate. The ferric SUI- 
fate was dissolved in water and filtered before use to re- 
move any insoluble iron residues. The actual acid and 
ferric ion concentrations of the solutions were determined 
by standard titration procedures and agreed with the pre- 
pared compositions. 

Apparatus. Measurements were made with a three. 
neck flask, closed to the atmosphere except when the 
solution was being sampled. The contents of the flask 
were stirred magnetically except during the sampling pe- 
riod. The flask was heated in a temperature-controlled oil 
bath that was held to within f O . l " C ,  and the actual tem- 
perature of the solution was measured by an immersed 
thermometer. 

Procedure. One liter of solution of known composition 
was placed in the three-neck flask, together with an ex- 
cess of silver sulfate. Depending on the temperature, the 
contents were then stirred for 8-24 hr to permit the solu- 
tion to attain saturation equilibrium. After this period, the 
stirrer was stopped, and the solids were allowed to settle. 
The solution was then sampled with a calibrated pipet, 
the end of which was fitted with a filter paper sleeve to 
minimize the transfer of suspended solids. The contents 
of the pipet were discharged directly into a weighing bot- 
tle which was immediately sealed, brought to room tem- 
perature, and then weighed. The pipet was calibrated at 
each temperature with pure water and the same experi- 
mental technique that was employed when sampling the 
silver saturated solutions. 

Ten milliliters of solution were withdrawn for each 
sample, and the silver content was determined by the 
standard Volhard titration method. The solution density 
was calculated from the weight of the aliquot and the vol- 
ume of the pipet as determined by the water calibration 
at that temperature. The flask was inspected at each 
temperature to determine if any iron-bearing compounds 
had formed by hydrolysis. 
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After a sample had been taken, the temperature of the 
flask was raised 10°C, and the equilibration and sampling 
procedures were repeated. The flask temperature was 
then lowered by 5°C and another solubility measurement 
was taken. This procedure, of raising the temperature 
10°C and then lowering it by 5"C, was used to obtain 
data on both heating and cooling to insure that equilibri- 
um solubilities were, in fact, being measured. A corwen- 
tional heating program whereby the solution was heated 
in a stepwise manner to the maximum temperature, and 
then cooled in a similar manner, was not possible in this 
system. At the higher temperatures, insoluble iron and 
silver compounds formed, and this altered both the solu- 
tion composition and the character of the equilibrating 
solid. At various stages of the experiment, part of the 
solid phase was withdrawn for X-ray diffraction analysis. 

Results and Discussion 

Figure 1 shows the experimentally determined solubili- 
ties of Ag2S04 in 0.1M H2SO4 solutions containing vari- 
ous amounts of ferric sulfate. The solubility of, silver SUI- 
fate in 0.1M H2SO4 containing no ferric ion was deter- 
mined over the temperature range 0-100°C, and the re- 
sults of this study are in good agreement with published 
values for this system (2). The addition of ferric sulfate to 
the acidic solution increases the solubility of silver SUI- 
fate, although the effect is not pronounced. The presence 
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Figure 1. Solubility of silver sulfate in solutions containing 0.1M 
H2S04 and various concentrations of Fe3+ (as sulfate) 

of 0.3M Fe3+ increases the AgzS0.1 solubility by about 
25% relative to a similar 0.1M H2SO4 solution containing 
no iron; smaller amounts of dissolved iron have propor- 
tionately smaller effects. The Ag2SO4 solubility curves 
are nearly linear under the conditions shown in this fig- 
ure. 

The experimental data obtained for each solution com- 
position illustrated in Figure 1 were fitted to an equation 
of the form: 

solubility = a + bt + ct2 

where the solubility is expressed as grams Ag2S04/100 
grams saturated solution, and t is in "C. The coefficients 
thereby determined are presented in Table I for each so- 
lution composition. The densities (g/cm3 of saturated so- 
lution) of the silver sulfate saturated solutions were de- 
termined as a function of temperature with a similar re- 
gression analysis technique, and these density equations 
are also listed in Table I. 

Figure 2 shows the experimentally determined solubili- 
ties of Ag2S04 in solutions containing 0.1M Fe3+ (as the 
sulfate) and various concentrations of H2SO4. The addi- 
tion of H2S04 to the 0.1M Fe3+ sulfate solution increases 
substantially the solubility of Ag2S04. The 1.00M H2SO4 
solution dissolves about 60% more silver sulfate than a 
similar solution containing O.OlM H2S04. The presence of 
large amounts of H2S0.4 causes the solubility to increase 
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Figure 2. Solubility of silver sulfate in solutions containing 0.1M 
Fe3+ (as sulfate) and various concentrations of HzS04 

Table 1. Regression Data for Solubilities and Densities of Silver Sulfate in  Acidified Ferric Sulfate Solutions 

Solubility, s = a f bf f c f 2  
(g Ag2S04/100 g sat soln) Composition Density, d = a f bf f c f 2  (g/cma) 

[ HzSOrl [Fe3+] a b X lo2 c x 106 a b X IO4 c x 106 
0 0 0.5413 1.293 -4.909 1.006 1.282 -5.516 
0.1 0 0.5052 1.575 2.064 1.014 1.137 -4.605 
0 .1  0.01 0.5173 1.567 2.780 1.016 0.660 -3.871 
0 .1  0.03 0.5280 1.358 5.889 1.017 0,587 -3.560 
0.1 0.1 0.5011 1.610 4.792 1.031 0.716 -3.756 
0.1 0.3 0.5883 1.536 6.410 1.066 2.046 -6.420 
0.01 0 .1  0.5542 1.160 6.696 1.024 2.325 -7.844 
0.03 0.1 0.5329 1.392 4.072 1.027 0.703 -4.894 
0.3 0.1 0.5976 1.044 17.53 1.045 -0.309 -2.234 
1.0 0 .1  0.5773 0.9677 24.01 1.090 -1.124 -1.405 
0.1 Mixed 0.5369 1.282 1.763 1.069 0.450 -5.002 

0.02 0.003 0.5101 1.458 -4.064 1,010 0.394 -4.482 
sod*- 
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rapidly with increasing temperature, and in this regard, 
such solutions differ from their weakly acidic counter- 
parts. 

The increasing solubility of AgzS04 in sulfuric acid so- 
lutions with increasing temperature was attributable both 
to the variation of the HS04- s H+ -k S042- equilibrium 
constant with temperature and to the effect of the ionic 
strength on the solubility ( 2 ) .  In concentrated sulfuric 
acid solutions, it appears that the bisulfate equilibrium is 
the more important term, but both factors, it must be em- 
phasized, contribute to the increasing solubility with in- 
creasing temperature. It appears that similar consider- 
ations are important in ferric sulfate solutions containing 
large concentrations of sulfuric acid. At room tempera- 
ture, the solubility of Ag2S04 is not much affected by ei- 
ther ferric sulfate or sulfuric acid concentrations. 

The data shown in Figure 2 were processed by the 
same technique described previously. The corresponding 
regression coefficients for these solubility curves are 
shown in Table I .  The densities of the silver-saturated so- 
lutions indicated in Figure 2 were also measured, and the 
regression coefficients for the variation of the density 
with temperature are presented in Table I for each solu- 
tion composition. 

The acidified ferric sulfate solutions used for commer- 
cial dump leaching undergo many changes throughout 
their processing schedule. Two such changes that com- 
monly occur are the neutralization of the solution by con- 
tact with carbonate rock, and the dissolution of many un- 
wanted elements. The effect of neutralization u as investi- 
gated by measuring the AgzS04 solubility in water, and in 
a solution that was 0.003M in Fe3+ and 0.02M in HzSO4. 
The effect of the presence of substantial quantities of 
other elements was tested by measuring the AgzS04 sol- 
ubility in a mixed sulfate solution having the following 
composition, in g/l.: Fe3+, 3; Fez+, 3; Mg2+, 5; AI3+, 2; 
Cu2+, 1 and H2S04, 10. The composition of this solution 
closely approximates many practical percolation leaching 
lixiviants. The results of these experiments are summa- 
rized in Figure 3. 

The solubility of AgZSO4 in water increases slightly with 
increasing temperature to about lOO"C, levels off, and 
then declines. The results obtained for this system agree 
closely with the handbook values ( 7 ) ,  except at tempera- 
tures above 80°C where the current results are about 2% 
lower than the published data. The solubility of silver sul- 
fate in weak ferric ion solutions of low acidity is about 
that obtained in water at the lower temperatures but is 
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significantly higher at temperatures above 50°C. The 
presence of large amounts of metal sulfates in the acidi- 
fied ferric sulfate solution does not adversely affect the 
silver solubility. Such solutions exhibit nearly the same 
silver solubility as water at lower temperatures but dis- 
solve appreciably more silver sulfate at the higher tem- 
peratu res. 

In the above figures it is apparent that some of the sol- 
ubility curves were not determined at very high tempera- 
tures. Under certain conditions, silver and iron were pre- 
cipitated as silver jarosite: Ag(Fe3+)3(S04)2(0H)6. Jar- 
osite formation was encouraged by high iron concentra- 
tions, high temperatures, low acid strengths, and increas- 
ing retention times. Individual solubility tests were con- 
cluded once the orange-yellow color of jarosite was de- 
tected in the reaction vessel. The temperature at which 
this precipitation c o r  menced for each solution composi- 
tion can be determined by the temperature of the last 
measurement of that composition. 

The jarosite that precipitated was not pure silver jaros- 
ite but was, rather, a silver-hydronium jarosite 
(Ag,H30) Fe3(S04)2(OH)6. Silver jarosite accounted for 
about 80% of the solid solution, and hydronium jarosite 
the remaining 20%. Silver solubility from the silver-hydro- 
nium jarosite is very low. Measurements showed the sol- 
ubility to be less than 100 ppm Ag over the temperature 
range investigated in this study. Thermodynamically, sil- 
ver jarosite probably forms at all temperatures: the rate 
of formation is exceptionally slow at temperatures below 
50°C. When considered in this light, the solubility data 
obtained in the present study are really for a metastable 
solid phase; sufficient time (months?) should permit the 
formation of insoluble jarosite at all temperatures. The 
present data are, however, useful since they permit the 
determination 'of the silver solubility in a system which 
enjoys considerable practical stability especially at the 
lower temperatures encountered during commercial 
dump-leaching. 

The present results show that the poor silver recov- 
eries sometimes observed during dump leaching are not 
caused by an inherently low solubility of Ag2S04 in the 
acidified ferric sulfate leaching medium. The measured 

es are sufficient to permit the dissolution of all 
the silver contained in most copper ores. The reason for 
the low silver recovery is stili not known, and further 
work is planned to study this problem. Some of the possi- 
ble reasons for the poor silver recoveries are: 

Inherently low dissolution rates of silver minerals in 
acidified ferric sulfate solutions 

Cementation of dissolved silver on reactive base metal 
sulfides 

Precipitation of silver as silver-hydronium jarosite on 
active surfaces at low temperatures 

Precipitation of silver-bearing jarosite at temperatures 
above 60°C. Such elevated temperatures have been re- 
ported in the interior of larger dumps 

Precipitation of silver by chloride ion leached from the 
ore rock. 

Conclusions 

The solubility of silver sulfate in acidified ferric sulfate 
solutions increases with increasing concentrations of ei- 
ther ferric sulfate or sulfuric acid. 

The solubility of silver sulfate in such media is suffi- 
ciently high to accommodate all the silver generally con- 
tained in copper ores. At high temperatures and suitable 
solution concentrations, the silver precipitates as a silver- 
hydronium jarosite; this precipitation may be partly re- 
sponsible for poor silver recoveries during dump leach- 
ing. 
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Vapor-Liquid Equilibrium of Binary Mixtures of Butyl Alcohols 
with Triethylamine 

Kil W. Chun,' Joseph C. Drummond,2 William H. Smith, and Richard R. Davison3 
Department of Chemical Engineering, Texas A& M University, College Station, Tex. 77843 

Pressure-composition and excess free energies are given 
for binary mixtures of primary, secondary, and tertiary 
butyl alcohols with triethylamine at temperatures from 
10" to 40°C. 

This is the third in a series of reports on the properties 
of binary mixtures of triethylamine with saturated aliphat- 
ic alcohols ( 7 ,  2). As with most mixtures involving strong 
hydrogen bonds, the excess functions are quite depen- 
dent upon alkyl substitution near the hydrogen bonding 
group. Vapor-liquid equilibrium of the n-butanol-triethyl- 
amine system has been reported previously at higher 
temperatures (3). 

Experimental 

The vapor-pressure apparatus has been described pre- 
viously (4) .  In brief, the apparatus consists of detachable 
glass sample flasks that allow the sample to be degassed 
without change in composition. Two of these sample 
flasks are joined to a glass manifold by ball joints so that 
two samples can be run at once. The manifold consists 
of three ball-jointed sections which connect the sample 
flasks to mercury manometers. The manometer legs not 
in contact with sample vapors are connected to a com- 
mon section of the manifold. Vacuum stopcocks are con- 
nected to each of the three sections of the glass mani- 
fold and are, in turn, connected by ball joints and flexible 
hoses to an external vacuum manifold. Connections from 
the external manifold lead to a vacuum pump, McLeod 
gage, and an external manometer. 

Samples of approximately the desired compositions are 
made up by weight and transferred to the sample flasks 
through their stopcock bore by a hypodermic syringe 
equipped with a long needle. After degassing, the flasks 
are connected to the evacuated glass manifold. 

The glass apparatus, consisting of flasks, manometers, 
stopcocks, and connecting pieces, is suspended in a 
constant temperature bath and can be agitated to hasten 
equilibrium. The submerged manometers are read in the 
bath with a cathetometer. For pressures that do not ex- 
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ceed the length of the manometers (about 130 mm), a 
high vacuum can be maintained in the center section be- 
tween the manometers, and the pressures can be read 
directly. For higher pressures a back pressure, which can 
be measured on the external manometer, must be rnain- 
tained in the vacuum manifold and the center section. 
The pressures were read with a cathetometer to 0.05 
mm. The measurements involved two or four readings, 
however, and errors up to 0.2 mm could easily result. 
The readings were corrected for temperature and gravity. 
The correction for vapor density is not significant. 

A uniform bath temperature was maintained by a cir- 
culating pump, and the temperature was controlled to 
within 0.01"C by a thermistor-actuated proportional tem- 
perature controller. The temperature was measured with 
a calibrated glass thermometer, and recorded tempera- 
tures are accurate within 0.03"C. An error of 0.03"C 
would cause a maximum pressure error of 0.2 mm for 
the alcohol-triethylamine systems at 40°C. 

Chemical analysis of the liquid phase was by acid titra- 
tion of the amine except at amine concentrations in ex- 
cess of 90% by weight in which case gas chromatogra- 
phy gave better results. The titrations were carried out as 
follows. The sample was slowly injected into 1 N HCI until 
the pH reached 2. Then the excess acid was titrated with 
1 N THAM (tris-hydroxymethyl amino methane) to an end 
point of 4.7. The acid was standardized against purified 
amine, and the THAM against the acid. Reproducibility 
was about 1 part in 500 of amine. The analyses were 
made in triplicate, and more were made if agreement 
was not within 1 part in 500. The gas chromatograph 
used at high amine content contained a 20-ft by 'k-in. 
column packed with Fluoropak with a silicone coating. 
The chromatographic analyses were run at least four 
times and usually more, and the results were compared 
with known samples made by weight. Accuracy is be- 
lieved to be within 0.2 mol %. 

All materials were distilled from commercial products 
on a Stedman column at high reflux. A cut with a boiling 
range of not more than 0.1"C was used. Triethylamine 
and n-butyl alcohol showed a single peak on the gas 
chromatograph. Secondary and tertiary butyl alcohol 
showed a small additional peak amounting to about 
0.2%. The samples were collected and stored under ni- 
trogen. They were withdrawn through the stopcock bore 
with a hypodermic needle and transferred to the sample 
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