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Ammoniated electrons exist in solutions of the alkali metal amides in liquid ammonia which have reached thermodynamic 
equilibrium with hydrogen gas. By using both electron spin resonance and optical spectroscopy t o  measure the electron 
concentration, an equilibrium constant of 5 X lo4 was measured for the reaction 

earn- + NH8 = "2- + l/zH2 

and 3 X l o8  for the reaction 

Na+  + earn- + ICH3 = NaNHz(s) + l / A  

a t  25'. 
respectively, were obtained. 

From the temperature coefficients of these reactions, the approximate AHo values of -16 and -12 kcal/mole, 

Introduction 
Solutions of alkali metals in liquid ammonia de- 

compose slowly (rapidly in the presence of certain 
catalysts) to form the metal amides and hydrogen. 
For potassium, rubidium, and cesium, the reaction 
may be written as 

earn- + NH3 = NHz- + I / Z H ~  (1) 

For lithium and sodium (whose amides are sparingly 
soluble in ammonia) the reactions may be written as 

Li+ + earn- + iYH3 = LiNHl(s) + l/2H2 ( 2 )  

Na+ + earn- + NHa = NaNHZ(s) + '/zHz (3)  

These reactions can be useful for the preparation of 
the amides, but more often they are undesirable side 
reactions in the study and use of metal-ammonia solu- 
tions. Kraus' suggested that a systematic study of 
these reactions was a necessary prelude to the study 
of more stable solutions, No one has directly measured 
the equilibrium constants of these reactions, but it is 
possible to correlate thermodynamic data for elec- 
trolytes in liquid ammonia and thereby to calculate 
indirectly the equilibrium constants. In  this way one 
can calculate, for 25", the approximate values K = 
1.2 X lo6 for reaction I , *  K = 7 X l o L 2  for reaction 
2,*j3 and K = 1.3 X 101° for reaction 3.2,4 The purpose 

(1) C. A. Kraus. J .  Chem. Educ., 30, 83 (1953). 
(2) W. L. Jolly in "Solvated Electron," Advances in Chemistry Series, 

1\70. 50, American Chemical Society, Washington, D. C., 1965, p 30. 
( 3 )  "Selected Values of Chemical Thermodynamic Constants," National 

Bureau of Standards Circular 500, U. S. Government Printing Office, Wash- 
ington, D. C. The free energy of formation of LiNHa was calculated from 
the heat and an estimated entropy. 

of this work was to demonstrate the reversibility of 
these reactions and to measure directly the equilibrium 
constants and their temperature coefficients. 

The experiments were of two types, corresponding to 
two methods for determining the electron concentra- 
tion. In one type of experiment, the electron concen- 
tration was determined spectrophotometrically. In  
the other type of experiment, the electron concentration 
was determined by electron spin resonance. 

Experimental Section 
Description of the Optical Cell.-The high pressure optical cell 

is shown in Figures 1 and 2 .  The heavy stainless steel body of 
the cell resisted attack by the solutions t o  be studied, contained 
the high pressures anticipated, and acted as an efficient heat 
reservoir to dissipate the heat absorbed from the infrared source 
by the sample. The windows were made of Pyrex glass and 
were approximately 1 cm thick. The 0 rings were of a special 
polyethylene-propylene composition (Porter Seal Co. ) selected 
for resistance to  attack by metal ammonia solutions. A stainless 
steel bellows seal valve was used as a master valve for the same 
reason. Stainless steel, V seated, packed valves were used in 
the manifold. Stainless steel tubing and Swagelock fittings 
were used in the construction of the manifold and gauge con- 
nections. When assembled, the unit could hold 136 atm of 
helium gas with no detectable leakage for a period in excess of 
24 hr. 

Temperature control was accomplished by circulating thermo- 
stated water through copper heat-exchange coils soldered to the 
body of the cell. The temperature was measured with a copper- 
constantan thermocouple located in a well a few millimeters from 
the sample cavity, in conjunction with a Rubicon potentiometer. 
The temperature was maintained a t  25 & 0.1'. 

(4) L. V. Coulter, J. R. Sinclair, A. G. Cole, and G. C. Roper, J. A m ;  
Chenz. SOC., 81, 2986 (1959). 
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Figure 1.-Optical cell viewed along axis of the light beam. 
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Figure 2.-Cross section of optical cell. 

Pressure was determined with a stainless steel Bourdon gauge 
with a range of 0-2000 psig (136 atm) divided in increments of 
20 psig (1.36 atm).  By fitting the tip of the gauge pointer with 
a thin piece of flat metal mounted perpendicular to the gauge 
face, readings could be estimated to 1 0 . 1  division (&0.14 atm). 

The cell was mounted on a base plate with adjustable clamps 
designed to permit accurate, reproducible positioning of the unit 
in the sample compartment of a Cary Nodel 14 recording spectro- 
photometer. Once the proper position had been established, the 
cell could be repositioned by simply ensuring that two edges of 
the base plate were in firm contact with two walls of the com- 
partment. 

Calibration of the Optical Cell.-The light path length of the 
optical cell was mechanically measured with a micrometer 
caliper a t  various pressures. The path length a t  zero pressure 
was 0.992 cm and increased about 0.012$&/atm increase in pres- 
sure, These measured values were used in the calculations. 
The light path length was checked against a cell of known path 
length using the 12,000 A absorption band of a solution of metha- 
nol in ethyl ether. h value of 0.996 cm was obtained xvliich, 

considering the possible errors in this technique, is in good agree- 
ment with the mechanical measurement. 

The cell was filled with liquid XH3 and the effect of pressure 011 

the spectrum was checked at several pressures up to about 130 
atm. Hydrogen gas was used to pressurize the cell. The results 
indicated an increase in absorbance with pressure. .At 100 
atm this increase was 1.7y0, which was larger than predicted 
from the increase in path length. Maybury and Coulters 
measured the adiabatic compressibilities of liquid ammonia 
solutions, and from their data we estimate an increase in the 
density of liquid ammonia of 0.5% per 100 atm increase in 
pressure. We conclude that the measured increase in absorbance 
was the result of changes in both path length and density. 

The volume of the cell was checked on a vacuum line by filling 
tile cell to a known pressure of nitrogen and then pumping the 
nitrogen into a gas buret of known volume using a Toepler pump. 
The volumes of the gauge and the manifold were determined in 
the same manner. 

The Bourdon gauge was calibrated on a dead weight tester 
and a calibration chart prepared. Above 10 atrn the gauge 
read 0.1 atm high. All readings were corrected by the use of 
the calibration chart. Periodically the gauge was checked 
against a second calibrated gauge; the calibration did not change 
over the period the gauge was in use. 

Procedure for Obtaining Optical Data.-Prior to use, the 
optical cell was carefully cleaned, the metal surfaces of the sample 
compartment coated with 0.05 AI chloroplatinic acid, and the 
rvhole unit dried in an oven at 120'. This procedure left a thin 
coating of platinum in the cell to act as a catalyst. The cell 
mas assembled and leak tested with helium at 136 atrn. 

The cell was attached to a vacuum line arid evacuated. The 
entire system mas wrapped with heating tape and the tempera- 
ture raised to about 100". Care was taken to loosen the retain- 
ing rings during the bake out to prevent cracking of the windows 
due to the different coefficient of expansion of steel and Pyrex. 
The cell was pumped out for a minimum of 8 hr and then filled 
with dry, oxygen-free nitrogen or argon. Xmmonia, dried with 
sodium metal, was then distilled into a small steel cylinder (10 
ml) equipped with a valve. This valve was closed; the cylinder 
was removed from the vacuum line, weighed, and then attached 
to the manifold of the optical cell. ,4 small hole was cut in the 
end of a plastic glove bag (12R Co., Cheltenham, Pa.) and this 
was sealed to the filling port of the cell. The bag was contin- 
uously flushed with nitrogen or argon which had passed, succes- 
sively, through a column packed with BTS catalyst (BXSF 
Colors and Chemicals Inc.) to remove traces of oxygen and a 
column of magnesium perchlorate to remove traces of water. 
I n  a run involving sodium or potassium, a piece of metal \vas 
cleaned of all oxide and placed i n  an extrusion press in the dry 
bag. A length of wire was extruded and placed in a small 
tared weighing bottle which had been baked in an oven a t  200' 
and then cooled in the dry gas atmosphere. The sample was 
weighed and returned to the dry bag, and the bag was thorouglily 
flushed with dry gas. The filling port of the cell was opeiied 
and a known amount of metal introduced. 

Cesium was much more difficult to handle because of its semi- 
liquid state and extreme reactivity. We found that we could 
deliver accurate volumes of clean cesium into the cell with a 
micropipet heated to 30". The density of cesium a t  this tempera- 
ture was estimated a t  1.84 g/cc. The metal a t  30" was draivn 
up into the pipet which was kept a t  the same temperature. The 
tip of the pipet was then placed into the filling port and dry 
nitrogen was used to force the metal from the pipet into the 
cell. When the pipet had been properly cleaned and dried, no 
reaction occurred, and the pipet emptied cleanly. The entire 
operation took place in a well-flushed glove bag. 

After the introduction of metal, the port was closed, and the 
cell was evacuated. The valve to the vacuum line was closed; 
cold water was circulated through the cell heat exchanger, and 
ammonia was distilled into the cell from the small steel cylinder. 

( 5 )  R. H. Maybury  and L V.  Coulter. J. C h e m .  P h y s . ,  19, 1326 (1931). 
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When the cell appeared full, the master valve was closed, and 
ammonia in the manifold was condensed back into the steel 
cylinder using liquid nitrogen. The manifold was again opened 
to the vacuum line, and the pressure was measured with 
a thermocouple gauge to check that no ammonia was left in 
the manifold. The cylinder was removed and weighed. 

In the spectral range in which the electron absorption band 
occurs, ammonia has intense absorption bands. It was neces- 
sary to take readings a t  wavelengths between these bands, where 
the ammonia absorption is low. A t  zero hydrogen pressure, the 
concentration of the electron was zero. Therefore, the absorbance 
due to the electron was taken to be the difference in the total 
absorbance a t  pressure P > 0 and that a t  P = 0. 

In early experiments the absorbance a t  zero hydrogen pressure 
was determined after removing the hydrogen produced by the 
reaction of the metal with ammonia. After the hydrogen pres- 
sure dependence of the reaction had been thoroughly established, 
this step was eliminated. Instead, the total absorbance was 
plotted against the square root of the hydrogen pressure and the 
line extrapolated to zero hydrogen pressure. 

Water a t  25" was circulated through the heat exchanger, and 
the system was allowed to come to chemical equilibrium. This 
usually took 1-2 hr, depending upon the concentration of the 
alkali metal. The cell was positioned in the sample compartment 
of a Cary Model 14 spectrophotometer and the absorbance meas- 
ured. Because of the sensitivity of the electron absorption band 
and the equilibrium constant to temperature, the sample was 
exposed to the light source for periods of less than 5 sec, and time 
was allowed to dissipate any heat absorbed before taking the 
next reading. To ensure that equilibrium had been reached, 
the procedure was repeated a t  20-min intervals until three 
successive readings were identical. 

A t  this point hydrogen gas a t  approximately 150 atm was added 
to the manifold. This in turn was carefully bled into the gauge 
section until a pressure near that desired was registered on the 
gauge. The valve to the manifold was closed; the master valve 
was opened, and the pressure was allowed to equilibrate. This 
normally took 5-10 min. The master valve was then closed and 
the system allowed to reach chemical equilibrium as established 
by three successive absorbance readings a t  20-min intervals. 
This equilibration took from 1 to 3 hr, depending on the con- 
centration of the amide and the pressure used. This over-all 
procedure was repeated until the desired data had been obtained. 
To test for reversibility in several runs, the process was reversed, 
that is hydrogen was removed from the system. It was impossi- 
ble in this step to prevent some ammonia from coming off with 
the hydrogen and (with the exception of saturated solutions) 
increasing the amide concentration. This ammonia was collected 
by passing the gas being removed very slowly through two traps 
a t  liquid nitrogen temperature. The hydrogen was pumped 
away and the amount of ammonia determined by either condens- 
ing it into a gas bulb and weighing or by absorbing it in a known 
quantity of acid and titrating. The amide concentration was 
corrected accordingly. 

Throughout the procedure, extreme care had to be taken to 
prevent liquid ammonia from condensing above the master valve 
in the gauge section, resulting in a change in the amide concentra- 
tion. This was accomplished both by heating the gauge to a 
temperature about 5" greater than the cell and by keeping the 
master valve closed except when taking a pressure reading. 

Determination of the Amide Concentration in the Optical 
Studies.-The concentrations of amide in the solutions in the 
optical cell were determined from the weights of the metals used 
and the volumes of the ammonia. The volume of the ammonia 
solution was determined from the weight of ammonia used, 
corrected for the amount of ammonia in the gas phase. Three 
approximations were made in this calculation: first, that the 
vapor pressure of the solution could be estimated using Raoult's 
law; second, that knowing the pressure and volume of the 

ammonia gas, the number of moles of gas could be calculated 
using van der Waal's equation for ammonia;e third, that the 
effect of the amide concentration on the volume of the solution 
could be estimated by adding the volume of the amide formed 
(calculated from the density of the solid amide') to the volume 
of the liquid ammonia calculated from its weight and density? 

Preparation of the Esr Samples.-The esr samples were pre- 
pared by sealing measured amounts of alkali metal and ammonia 
in Pyrex glass tubes and allowing chemical equilibrium to be 
reached. In all of the samples studied, the intense blue color 
of the alkali metal completely faded and was replaced either by 
the yellow color of the amide ion (in the cases of potassium and 
cesium) or a precipitate of metal amide (in the cases of sodium 
and lithium). 

The epr sample tubes consisted of 3-mm Pyrex tubing which 
had been selected for uniformity of wall thickness and bore. 
Each tube was fitted with a pyrex 0 ring joint and annealed. 
The cross section of each tube was determined gravimetrically 
using mercury. The tubes were thoroughly cleaned, rinsed with 
a 0,001 M solution of chloroplatinic acid, and placed in an oven 
a t  200" for 2 hr. This procedure left a very fine coating of 
platinum on the walls to act as a catalyst for the preparation of 
the amide from the metal and liquid ammonia. The presence of 
the catalyst did not interfere with the spectrum, and without it 
the reaction to form the amide was extremely slow. 

The tubes were placed on the vacuum line, evacuated, and 
flamed. They were then filled with dry nitrogen, removed, 
capped, and weighed. The tubes were transferred to a dry bag 
and charged with samples of the metal which had been extruded 
from a hand press. The tubes were carefully reweighed, placed 
back on the vacuum line, and evacuated. Dry liquid ammonia 
was then distilled onto the samples. From the weight of metal 
used and the cross section of the tube, the approximate level of 
ammonia to give a desired concentration could be determined. 
The tubes were sealed off, and both sections were weighed to 
determine the weight of ammonia used. The tubes were set 
aside and allowed to  reach chemical equilibrium. 

Certain experiments called for the addition of sodium bromide, 
potassium bromide, or both salts to the solution. The salts 
were dried for several hours a t  189" and allowed to cool in a 
desiccator. Short lengths, 2-3 cm, of melting point capillary 
were weighed on a microbalance, filled with an estimated amount 
of the desired salt, and reweighed. The capillary with the salt 
was placed in the esr sample tube and the whole unit evacuated 
and gently flamed. The sample tubes were filled with dry gass 
and the samples were prepared as described above. 

Method for Determining the Esr Spectrum.-After the reactioa 
had reached equilibrium (usually a few days after the blue color 
of the metal solution had disappeared) the spectrum was recorded 
on a Yarian V-4502 epr spectrometer. A small crystal of di- 
phenylpicrylhydrazyl (DPPH) was placed in the cavity near the 
sample to act as a reference and intermediate standard. The 
temperature was controlled to 1 0 . 1 '  by passing dry air through 
a heat exchanger and then through a small dewar in which the 
sample was positioned. Figure 3 shows the arrangement. The 
temperature could be varied by changing the temperature of 
the heat exchanger bath and by controlling the flow of air. 
The temperature was measured with a copper-constantan thermo- 
couple. 

The electron concentration was determined by indirectly 
comparing the sample signal with that of a solution of recrystal- 
lized vanadium(1V) oxyacetylacetonate of known concentration. 

The Q value of the microwave cavity is seriously affected by 
the introduction of samples of varying dielectric strength. X 
lowering of the Q value decreases the sensitivity of the spectrom- 
eter and results in a reduced signal intensity. Such sensitivity 

(6) "Handbook of Chemistry and Physics," 46th ed, Chemical Rubber 

(7) R. Levine and W. C. Fernelius, Chem. Rev., 64 ,  449 (1954). 
(8) C. Cragoe and D. Harper, National Bureau of Standards Scientific 

Papers No. 420, U. S. Government Printing Office, Washington, D. C.,  1921, 
p 313. 

Co., Cleveland, Ohio, 1966. 
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Figurc 3.-Schematic drawing of esr microwave cavity, shov- 
ing arrangement of the sample and the DPPH intermediate ref- 
erence standard. 

changes were compensated for by means of the DPPH inter- 
mediate standard. SVhen the spectra of each sample and the 
standard sample were recorded, the spectrum of the DPPH 
was also recorded. One of the samples was selected as a reference, 
and the ratio of the signal intensity of each oi the other samples 
( I ( o b s d ) )  to that of the reference ( I ~ ( ~ t ~ ~ d j )  was corrected by the 
ratio of the  DPPH signal intensities ( D R I D )  according to the 
equation I / I R  = (1 a i s . j / l l t ( o b E d , ) D R / L ) .  Then by determining 
the concentration of spins in the reference sample by means of 
the vanad,ium(IV) solution, the electron concentration of all 
of the samples could be calculated. This technique also accounts 
for any change in cavity match or radiofrequency power level.g 
Readings on a given sample could be duplicated to within i 10%;. 

The temperature-dependence studies were carried out with 
the sample left in place in the spectrometer. After establishment 
of thermal equilibrium, the spectrum was taken at 10-min 
intervals. Equilibrium was considered to have been reached 
when three successive readings were of the same intensity. 
The temperature was then changed slightly in a direction opposite 
to  the main direction in which the temperature had been shifted, 
and the change in intensity noted. A signal change in the direc- 
tion predicted by this temperature change indicated that we had 
been a t  equilibrium. 

Determination of the Hydrogen Pressure and Amide Con- 
centration of the Esr Sample .-The total volume of each prepared 
sample tube was determined from its internal length and cross 
section. h n  adjustment (-0.2%) was made for the rounded 
ends, The volume of liquid was determined either by directly 
measuring the height in the tube or by determining the weight 
and estimating the density of the solution. When possible, both 
methods were used, and they agreed within 2%. 

After the spectrum had been recorded, the sample tube mas 
placed in a specially built glass vessel which could be evacuated 
and which permitted breaking the tube and determining the 
hydrogen volumetrically. Using the solubility data of SViebe 
and TremearneIO and the volume data, the pressure of hydrogen 
in the tube was calculated. For every 0.5 mole of hydrogen 
formed, 1 mole of amide forms, and therefore for the potassium 
and cesium runs it was possible to calculate the amide concen- 
trations. 

Results of the Optical Study 
The optical spectra of solutions of NaNH2, KNH2, 

and CsNHz were recorded a t  13,G50 A and a t  hydrogen 

(9) Varian Technical Information Publication 87-114-000, pp 5-7-5-11. 
(10) R. Wiebe and T. H. Tremearne, J .  A m .  C h e m .  Soc., 66, 235T (1934). 

pressures up to approximately 100 atm. Some of the 
results are shown in Table I. As previously stated, 
readings had to be taken at  a wavelength where the 

TABLE I 
EQUILIBRICM D.4TA4 FROM OPTICAL STCDIES AT 13.650 .I 

Nolarity 
of amide 

2 .01  

1 .80  
1 .70  

1 . 8 9  
1.996 
2 ,  13h 
1 . 4 1  
1 .21  
1 .00  

0 .93  
0.80 
0 .72  (CsNH?) 
0 .68  

0 .  i 3 h  
0 79b 
0.906 
0.58 
0.55 

0 .50  
0 .40  
0 . 2 8  
0 . 2 6  
0 . 2 0  (CsNHn) 

0 19 
0 16 
0 15 
0 067 
0 027 ( B a N H  

Hydrogen 
press, 
a tm 

0 
1 2 . 5  
22 .9  
40.8 
5 0 . 3  
72.1 
8 7 . 2  

100 
100.0  

0 
15 0 
38.1 
64 0 
8 8 . 5  
99 .7  
6 4 . 5  
42.2 
17.0 

100.0 
100 

0 
4 0  

11 .6  
25.2 
4 9 . 0  
82 .7  
99 .6  

100 
100 
100 
100 

0 
8 .85  

2 8 . 6  
49 .6  
6 8 . 4  
8 8 . 0  

72 .0  
47.0 
1 8 . 3  

100 
0 
0 7  

18 4 
45 2 
7 3 . 5  
9 5 . 0  

100 

100 
100 
100 
100 
100 

0 
0 . 8  

11 .6  
25.9 
60 3 

100 
104 
100 
100 
100 
100 

0 
25 .8  
49 
67 

100 
586 
24.5b 

Total 
ibsorbance 

0.323 
0 58%5 
0 .730  
0 835 
0 .900  
1 000 
1 .061  
1 125 
1 045" 
0 340 
0 640 
0.800 
0.928 
1 020 
1 043 
0 940 
0.817 
0 680 
0 994a 
0 808 
0 216 
0 329 
0 415 
0 405 
0 618 
0.720 
0 775 
0 .  7 3 e U  
0 . 7 7 P  
0 .740  
0 .  700a 
0.270 
0.402 
0 488 
0 525 
0 .640  
0.680 
0.688 
0 ,644  
0.591 
0 503 
0 641a 
0.300a 
0.330 
0.465 
0.557 
0.640 
0.691 
0 TOR 
0 865 
0.613 
0.552 
0 .  
0 260a 
0 . 2 7 0  
0 345 
0.400 
0.462 
0,520" 
0 . 6 2 2  
0.540" 
0.611 
0 . 4 9 g a  
0.438" 
0.286" 
0 263 
0.270 
0 .276  
0.277 
0.274 
0.260 

L-et 
absorbance 

. . .  
0 260 
0 .405  
0,509 
0 .573  

0.732 
0 . 7 9 6  
0 , i T O  

0 300 
0 . 4 9 9  
0 .  385 
0 676 
0 . 6 9 8  
0..5Y9 
0 473 
0 340 
0.652 
0 .5 i2  

0.113 
0.195 
0 .278  
0 401 
0 .502  
0 , 5 5 6  
0 .557  
0 542 
0.537 
0.447 

0.132 
0.218 
0.2.54 
0.368 
0.388 
0 .416  
0 .372  
0.320 
0 .233  
0.394 

0.030 
0.162 
0 . 2 7 6  
0 339 
0.388 
0.403 
0.363 
0 333 
0.281 
0.289 

0.010 
0.085 
0.140 
0 201 
0 , 2 2 9  
0 260 
0,247 
0 .298  

0.167 

0.007 
0.014 
0 020 
0.021 
0.018 
0,004 

0 .672  

, . .  

. . .  

. . .  

, . .  

. . .  

0 .  185 

. . .  

Concn of 
absot-bing 
species, 

10'11 

2.37 
3 . 6 9  
4 . 6 2  
5 . 2 0  
6 . 1 0  
6 . 6 2  
7 . 2 0  
6 98 

. . .  

, . .  
,, - _  - , 0 
4 18 
3 . :3 0 
8 .12 
6 .82  
5 . 4 2  
4 32 
3 . 1 2  
5 90 
5 18 

1 04 
I 84 
2 . 5 3  
3 65 
4 , 5 4  
5 02  
3 03 
4 . 9 1  
4 .87  
4 03 

1 . 2 1  
1 . 9 9  
2 :31 
B . 3 4  
3 . 5 1  
3 . 7 7  
3 .37  
2 . 9 1  
2 .14 
3 .  .57 

0 28 
1.51 
2 . 5 1  
3 07 
3 . 5 2  
.'i , 6 5 
3 29 
.3 . 0 1 
2.64 
2 . 6 2  

0 . O Y  
0 . 7 8  
1 .28  
1 811 
2 . 3 4  
2 35  
2 .23  
2 . 7 0  
1 . 6 7  
1 .51  

0 .06  
0 18 
0 18 
0 .  l Y  
0 .17  
0 . 0 4  

, . .  

. . .  

, . .  

, . .  

Determined by extrapolation of the measured absorbance. 
The hydrogen pressure was reduced to test the reversibility of 

the equilibrium. When necessary, the amide concentration was 
adjusted for loss of ammonia. 
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ammonia absorbance exhibits a minimum. I t  was 
desirable that this minimum be fairly broad (about 
500 A) and a t  a wavelength for which the extinction 
coefficient of the electron is high. L e  found that the 
miiiirnurn a t  13,650 A satisfied both of these conditions 
and gave the most reproducible results. Some meas- 
urements were made a t  11,200, 12,500, 16,000, and 
17,500 A ;  the results were similar, but the data were 
more scattered. 

The concentration of the electron was calculated by 
substituting the values of the net absorbance Ae-, 
the extinction coefficient e ,  and the path length d 
(Table I) into the Beer-Lambert equation, (ealn-) = 

A,-/Ed. We used an extinction coefficient of 1.1 X 
lo4  M-' cm-' a t  13,650 A, taken from the data of 
Corset and Lepoutre.11*1'2 Figure 4 shows the rela- 
tionship between the electron concentration and the 
hydrogen pressure for several amide concentrations. 
The data for all concentrations studied exhibited the 
same linear dependence on the square root of the hy- 
drogen pressure. To determine that i t  was specifically 
the hydrogen gas pressure which caused the increase in 
absorbance, the following experiment was performed. 
The spectrum a t  25 atm hydrogen pressure was re- 
corded, and then, using argon, the pressure was in- 
creased by 25 atni and the spectrum again recorded. 
The experiment was repeated using helium and nitro- 
gen. No increase in absorbance other than that due to 
changing path length and density was detected. To 
ensure that  nothing had affected the samples during 
the experiments, hydrogen n-as again added to the 
system and the spectrum recorded. An increase in 
absorbance n-as detected in every case. 

From the data in Table I a t  100 atni of hydrogen 
pressure, assuming the amide to be completely dis- 
sociated, we calculated equilibrium quotients for reac- 
tion 1 from the equation 

The values of K ,  are plotted against amide concentra- 
tion in Figure 5. Obviously K ,  is not constant with 
changing amide concentration. To try to resolve this 
difficulty we treated the data in two ways. First, a 
modified Debye-Hiickel treatment was employed com- 
bining the properties of KNHz in liquid ammonia cal- 
culated by Fuoss and KrausI3 with the calculations for 
an alkali metal made by Arnold and Patterson. l4  

This treatment required a series of approximations, 
not the least of which was that the Debye-Hiickel 
theory was valid a t  these concentrations. Unfortu- 
nately this treatment failed to produce a significant im- 
provement in the data. 

(11) J.  Corset and G. Lepoutre in "Solutions Metal-Ammoniac: Pro- 
pri6tPs Physico-Chimiques," G. Lepoutre and M. J. Sienko, Ed. ,  w. A. 
Benjamin, New York, N. Y., 1964, p 186. 

(12) G. Lepoutre, private communication. Errata t o  ref 11: Figure 3, 
p 188; the abscissa reads 13,000 under the 1 of 13,000 and 10,000 under the 
1 of 10,000. Page 188, line 3, second paragraph; change 13,000 cm-1 to 
12,000 cm-1. 

(13) R. M. Fuoss and C. A. Kraus, J .  A m .  C h e m .  SOC., 55, 476 (1933). 
(14) E. Arnold and A. Patterson, J .  C h e m .  P h y s . ,  41, 3089 (1964). 
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Figure 4.-Electron concentration (as determined by optical 
measurements) v s .  the square root of the hydrogen pressure a t  
several amide concentrations. 
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Amide concentration, M .  

Figure 5.-Kc and K vs.  amide concentration for reaction 1. 
Data from optical measurements. 

Second, an equilibrium constant was calculated from 
the equation 

in which rA(KNH2) and Y+(K) are the empirically 
determined mean ionic activity coefficients for potas- 
sium amide and potassium, respectively. Since no 
activity coefficient data have been reported for any of 
the alkali amides, values were estimated from the 
measurements on NH4Cl a t  25' by Ritchie and Hunt.lS 

(15) H. W. Ritchie and  H. Hunt ,  J .  P h y s .  Chem.,  48, 407 (1939). 
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The activity coefficients for potassium n ere taken from 
the work of Marshall.lG The latter values were meas- 
ured a t  -33" and were left uncorrected. The principle 
of ionic strength was assumed valid. The results of 
this calculation appear in Table 11, and the calculated 
values of K are plotted in Figure 5 .  Clearly the K 
values are much more constant than the K ,  values. 

The value of K for reaction 1 obtained by extrapola- 
tion to zero concentration is approximately 5 X lo4.  
A value of K = 3 X l o9  was calculated for reaction 3 
from the data for a saturated NaNH2 solution, using 
the expression 

PHl1'? 
K =  

[Na+ ] [e-] y I (Na) 

The y+(Na) value was estimated from the data of 
Marshall. 

TABLE I1 

ESTIMATED ACTIVITY COEFFICIENTS, PH, = 100 ATII 

CALCULATED YALUES O F  THE EQCILIBRIUbf COSST-4YT U S I \ G  

Amide 
concn -11 

2 0  
1 8  
1 7  
1 4  
1 2  
1 0  
0 93 
0 80 
0 i 2 a  
0 68 
0 58 
0 55 
0 50 
0 40 
0 28 
0 26 
0 2016 
0 19 
0 16 
0 15 
0 067 
0 0276 

a CSNH~.  

102"/* of lo?-,* of 

1 .35  2.90 
1 .50  2 .95  
1 .57  3 .00  
1.82 3 .25  
1 .97  3.55 
2 .25  4.00 
2.37 4 .25  
2 .65  4.70 
2 .91  5.05 
3 .03  5.25 
3 .55  5 .75  
3 . i 5  6 .05  
4 .05  6.35 
4 .45  7 .05  
6.10 9 .25  
6 .35  9,60 
7.72 1 0 . 5  
8 . i 0  11.0 
9.80 11 .7  

10 .5  12 .0  
18.0 18 .5  

. . .  27.0 
KaiSH2. 

amide13 metal16 

Election 
concn 
10. l i  

7 20 
6 98 
6 32 
5 90 
5.18 
5 05 
4 91 
4 87 
4 05 
3 77 
3 5 i  
3 68 
3 29 
3 01 
2 54 
2 62 
2 34 
2 23 
2 70 
1 67 
1 51 
0 18 

K X 10 

6 . 0  
6 . ;  
7 . 3  
7 . 5  
7 .2  
6 . 3  
5 . 9  
5.2 
5 . 9  
6 . 0  
6 . 2  
5 . 8  
6 . 2  
5 . 3  
4 . 8  
4 . 4  
4 . 6  
5 . 3  
4 . 1  
6 . 9  
4 . 2  

300,000 

-1 

Results of the Esr Measurements 
Determination of the Equilibrium Constant.-In an 

earlier study,17 using electron spin resonance to de- 
termine the total concentration of unpaired electrons, 
we observed that the equilibrium quotient (K,) for 
reaction 1 varied markedly with the concentration of 
potassium amide. At the time it  was believed that a 
change in the sensitivity of the esr spectrometer x i s  
responsible for the inconstancy of K,. More recently 
we have used smaller diameter sample tubes in an at- 
tempt to correct the problem. Table I11 shows the 
results. Obviously the K ,  values are still not constant 
with changing amide concentration. However, a 
marked improvement in the data is achieved by cal- 

(16) P. R. Marshall, J. Cizem. Eng. Da ta ,  l, 399 (1962): ref 11, p 97. 
(IT) E. J. Krischke and W. L. Jolly, Scieuce, 147, 45 (1863). 

TABLE I11 
EQUILIBRIUM DATA FROM EPR EXPERIMENTS 

Concn Hydrogen Concn of K c  = K" = K ,  X 
of amide, press, electrons, p H z l i * [ ~ H ? ~ l  y*z(KNHZ) 

-1 I a t m  106.11 [ e - ]  r*'(K) 
0.269 7.52 4.50 1 .65  X 1Oj 0 . 7  X lo5 
0.361 18 .9  8 .05  1.96 X lo" 0 . 8  X 1Oj 
0,815 19 .2  9 .24  3 .87  X 1 0  1 . 2  X 1Oj 
1 . O O  19 .4  9 .92  4.44 X lo" 1 . 4  X lo" 
1 .08  16 .8  8 . 4 5  5.26 X 10 1 . 6  X 10 
2.40 21 .5  13.0 8 .55  X 1Oj 1 . 4  X 10; 

y,(KKH2) estimated from ref 15; y,(K) from ref 16. 

culating equilibrium constants ( K )  using activity 
coefficients of potassium and potassium amide (as 
estimated for the constants obtained from optical 
data). The values for K ,  and K are plotted against 
amide concentration in Figure 6 .  Extrapolation to 
zero concentration yields a value of approximately 5 X 
lo4,  which is fortuitously in agreement with the value 
obtained from optical data. 

I 

1 2 
KSHz concentration, M. 

Figure 6.--K, and K us. amide concentration for reaction 1. Data 
from esr measurements. 

Two sets of experiments were made using esr to verify 
the hydrogen pressure dependence results found by 
optical methods. In  the first, 1 M KNHz solutions 
were prepared in such a way as to vary the hydrogen 
pressure. This was accomplished by simply keeping 
the weight of potassium and the volume of ammonia in 
each sample constant and varying the total volume of 
the tube. The second set of experiments was run using 
saturated h'aNH2 solutions. Here the volume of the 
tubes and the quantity of ammonia r e r e  kept constant 
and the quantity of metal varied. The results of the 
t r o  sets of experiments are shown in Table IV. In  
both cases the intensity of the spectrum was linearly 
dependent on the square root of the hydrogen pressure. 

Temperature Dependence of the Equilibrium.-The 
temperature dependences of the equilibrium constants 
of reactions 1 and 3 were obtained by measuring 
signal intensities for systems equiIibrated a t  various 
temperatures. IYe did not calcuIate absolute equilib- 
rium constants for each temperature, but rather calcu- 
lated the ratios of the equilibrium constant a t  room 
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Hydrogen 
press, 
a tm 

35.5 
29.0 
19.4 
16.8 
10.0 

TABLE I V  
HYDROGEN PRESSURE DEPENDENCE 

Electron 10-1 x 
Signal concn, equilibrium 

intensity l 0 ~ M  constant 

1 .0  M KNHz Solution 
5.iO 13, l  1.4O. 
4.92  11.3 1.5" 
4 .32  9.92 1.45 
3.68 8 .43  1.5"  
2.87 6.60 1 . 5 ~  

Saturated NaNHz Solution (0.027 M) 
38 0.418 0.94 33 , OOOb 
34 0.382 0 .87  34 , OOOb 
25 0.310 0 .71  36, OOOb 
22 0.316 0.71  3 4 ,  OOOb 
19 0.281 0.64 34 , ooo* 
14 0.243 0.56 34 , OOOb 

a From the expression K = [ ru"~-] - ,~~P~, ' / ' / [e - ]  ylt2. From 
The activity coeffi- the expression K = PH,'/ ' /[N~+] [e-] 

cients were estimated from ref 15 and 16. 

temperature to that a t  each temperature, Krt/K. The 
signal intensity value had to be corrected for the 
change in the Boltzmann distribution of the energy 
levels with changing temperature. A t  a given tem- 
perature the distribution ratio is given by the expression 
N%/N1 = exp( - AE/kT) .  By expanding and neglect- 
ing higher order terms we obtain the relation NZ - 
N1 = -NlAE/kT. The quantity NZ - N I  is pro- 
portional to the signal intensity so we corrected the 
relative intensity values S/S,t by multiplying by the 
ratio T/T,t. 

The ratio of the equilibrium quotients for reaction 1 

K,t [e,,-] [NHz-Irt Prtl/' 
K [eam-lrt [NHz-] P'" 

- 

had to be corrected for the change in the hydrogen pres- 
sure with temperature and the change in the NHz- 
concentration due to the change in the density of the 
solution. The pressure correction was made by assum- 
ing that hydrogen gas behaves ideally and by taking 
into consideration the change in solubility of hydrogen 
in liquid ammonia with changing temperature and 
pressure.'O The "2- concentration is directly pro- 
portional to the density of the solution ; therefore, 
density was substituted for the "2- concentration in 
the above expression for Krt/K. As a fair approxima- 
tion for the density of the solution we used the density 
of liquid ammonia.* The complete expression for 
reaction 1 was 

Krt - S T Drt ('.t)"' - 
K S r t  Trt D P 

The ratio Krt /K is plotted against 1/T in Figure 7. 
It will be noted that  all the points for several different 
amide concentrations fall fairly well on one straight 
line. From the slope we calculate AH" = -15.7 
kcal/mole for reaction 1. 

The ratio of the equilibrium constants for reaction 
2 is 

We approximated the terms involving the electron 
and sodium ion as shown above and obtained 

Krt S T D Prt 'I2 

(P> - 
K S r t  Trt Drt 

This ratio is plotted against 1/T  in Figure 8; the slope 
yields AH" = - 12.3 kcal/mole for reaction 3. 

3 0  3.2 3.4 36 3 8  
1000/T, O K  

Figure 7.-Logarithm of the ratio K2940/K vs. lO00/T for solu- 
tions of KKHz in equilibrium with hydrogen. 

O T  

O T  

3.0 3.1 3.2 3.3 3.4 

IOOO/TPK) 
Figure 8.-Logarithm of the ratio K z ~ ~ / K  lis. lOOO/T for a satu- 

rated solution of NaNHz in equilibrium with hydrogen. 



862 J. T. NELSON AND J. J. LAGOWSKI Inorganic Chemistry 

Discussion 
It  seems certain that chemical equilibrium mas 

achieved in our studies of reactions 1 and 3. For sys- 
tems in which the amide concentration was held con- 
stant, the concentration of electrons (whether de- 
termined optically or by esr) mas proportional to the 
square root of the hydrogen pressure. 

Equilibrium quotients calculated from data for reac- 
tion 1 were found to increase markedly with increasing 
concentration of amide ion. Hon ever n hen these 
quotients mere corrected to "constants" by use of esti- 
mated activity coefficients, the values n ere reasonably 
constant IT ith changing amide concentration The 
equilibrium constant a t  25' corresponding to the most 
dilute solutions, K = 5 X lo4, is in fair agreement n i th  
that calculated indirectly from the knon n free energies 
of formation? of the species in reaction 1, K = 1.2 x 
IO6 Our experimental value of the heat for reaction 
1, AHo = -15.7 kcal/mole, is probably in reasonable 
agreement TI ith that  calculated indirectly from calori- 
metxic dataj2 AH" = -11.5 kcal/mole, particularly in 
view of the inaccuracies associated n ith heats deter- 
mined from temperature coeficients. An equilibrium 
constant of 3 X l o 9  nas calculated from data for reac- 

tion 3 ,  using estimated activity coeflicients. This value 
may be compared with the value 1.3 X 1O'O calculated 
indirectly from the known free energies of formation of 
the species in reaction 3 .2 ,4  In view of the fact that  
our experimental value of the heat for reaction 3 ,  
AH" = -12.3 kcal/mole, Tyas obtained from data in 
a very narrow temperature interval, it is in remarkably 
good agreement with the heat calculated indirectly from 
calorimetric data, AHo = - 11 . IT kcal/mole. * s 4  

Of the various species in reactions 1 and 3, that for 
which the free energy of formation is least accurately 
known is the electron, can,-. Using the tabulated2,4 
free energies for the other species arid our directly 
determined equilibrium constants for reactions 1 and 
3,  we calculate the values 44.1 and 45.1 kcal/mole, 
respectively, for AFfo (eam-) a t  23". \Ye recoinmrnd 
use of the average value, 44.6 kcal/mole. 
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The results of spectrophotometric experimcnts and potentiometric titrations on anhydrous liquid ammonia solutions of H2S 
and the alkali metal sulfides suggest that  the former undergoes ionization to give a hydrogen-bonded species, SH-...XH3 
or S2-.. HXHsf .  The ionization constant for the process H2S f 2NH3 $ SH-...XHa f XH4+ has been estimated as 
(1.04 & 0.19) X lo-?, The hydrogen-bonded product formed in this ionization does not have the same characteristics as 
sulfide ions ariqirig from the dissolution of alkali metal sulfides in liquid ammonia. 

Introduction 
The band a t  230 mp in the electronic spectrum of 

aqueous solutions containing hydrosulfide ion (HS-) 
IT hich has been attributed2 to a charge-transfer-to- 
solvent electronic transition and shows the environ- 
mental dependence associated with this type of transi- 
t i ~ n , ~  has been used to estimate the first and second 
dissociation constants of hydrogen sulfide in this me- 
dium." The band at 360 mp in the spectrum of solu- 
tions containing the sulfide ion (S2-)3,4 has also been 
characterized3 as arising from a charge-transfer-to- 
solvent transition. 

(1) (a) H. Ley 2nd B. Arends, Z.  P h y r i k  Chcm.,  6B, 240 (1929); (h) H. 
Ley and B. &ends, ibid., 16B, 311 (1932); ( c )  A. J .  Ellis and I<. ApI. Golding, 
J .  Chem. Soc., 127 (1959). 

(2) G. Stein and A. Treinin, T r a n s .  Faradny Soc., 66,  1086 (1959). 
(3) h l .  J. Blandamer, J. A I .  Gross, and &I. C. K. Symons, ibid., 6 0 ,  494 

(1964). 
(4) G. H. Saum and E. B. Hensley, P h y s .  Reo. 113, 1019 ( l R S ' 3 ) .  

lye  present here the results of a study on the nature of 
the species present in anhydrous liquid ammonia solu- 
tions of hydrogen sulfide, 1'. hich bear on the question? 
of (a) the relative acidity of substances in liquid am- 
monia and (b) the constitution of solutions of sulfur in 
liquid ammonia.j 

Experimental Section 
The spectra of liquid ammonia solutions were determined with 

the equipment and using the rinsing techniques described in  
previous publications from this laboratory.6 Assuming that the 
vapor pressure lowering for the very dilute solutions studied 

m )  was negligible, the temperatures of the solutions were 
conveniently estimated from their vapor pressures; initial es- 
periments using a calibrated thermistor probe indicated that the 

( 5 )  J .  T. Nelson, Ph.17. I?issertation, The  'IJni\et-sity of Texas. 196G. 
(6) (a) E, C. Fohn, I<. E. Cuthrell, and J. J. Lagowski. IJZOig. C2ht,??1.,  4 ,  

1002 (1965); (h) D. F. Burow and  J .  J .  Lagowski, Advances in Chemistry 
Sei-iei, Z o .  50 American Chernicdl Society, XX'ashington 12. C., 1965. p 12.5 


