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In September, 1930, at the meeting of the International Union of
Chemistry at Liege, the Committee on Elements which has functioned
since 1923 was replaced by three committees, on Atomic Weights, Atoms,
including isotopy and atomic structure, and Radioactive Constants.
Hereafter the function of the first of these committees will be to prepare
annually a table of atomic weights on the basis of the most recent evidence.
National Committees on Atomic Weights are requested by the Inter-
national Union to refrain from publishing tables of their own.

While it was impossible for the new committee to issue a report earlier
this year, it is the intention of the committee normally to issue its report
so far as possible in the first (January) number of current chemical and
physical periodicals. These reports will cover the twelve months from
October to September preceding.

Authors of papers bearing on the subject are requested to send copies to
each of the five members of this committee at the earliest possible moment,!

Since the reports of the German and American committees? adequately
cover the ground of progress during 1929, only investigations published
since January 1, 1930, are reviewed in this report.

Batuecas, Schlatter and Maverick® have published new determinations

I II
N. 1.0040
NH; 1.01543 1.01515
HC1 1.00787 1.00737
co 1.00048
H,S 1.01031 1.01035

1 Prof. G. P. Baxter, Coolidge Laboratory, Harvard University, Cambridge, Mass.,
U. S. A;; Mme. M. Curie, Institut du Radium, 1 Rue Pierre Curie, Paris 5, France;
Prof. O. Honigschmid, Arcisstrasse 1, Munich, Germany; Prof. P. Le Beau, Ecole
Superieure de Pharmacie, 4 Avenue de I’Observatoire, Paris 5, France; Prof. R. J.
Meyer, Meinekestrasse 8, Berlin W. 15, Germany.

? Ber., 63B, 1 (1930); THis JOURNAL, 52, 857 (1930).

3 Batuecas, Schlatter and Maverick, J. chim. phys., 27, 36, 45 (1930).
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of (PV),/(PV): by the expansion method. In Column I the assumption is
made that the quantity varies lineally with the pressure; in Column II an
equation of the second degree is used.

Nitrogen.—Moles and Batuecas* have redetermined the density of
ammonia at various pressures. The gas was prepared (1) from ammonium
oxalate and potassium hydroxide, (2) by synthesis (technical) from the
elements, (3) by hydrolysis of magnesium nitride. After chemical puri-
fication the gas was fractionally distilled and in most cases was dried finally
with phosphorus pentoxide. Correction for adsorption on the walls of the

Globe N-3 Globe N-2 Globe G,
Method of 773 ml. 647 ml. 1007 ml.
preparation Preliminary Average
1 Atmosphere
1 0.77167 0.77196 0.7718
77234 77184 L7721
77226 TLT7207 L7722
77137 77219 7718
Average .77191 .77202 .7720
77174 .77130 77152
.77168 .77190 77179
.77113 77158 .77136
.77160 .77168 77164
.77166 77166
77170 77149 .77160
77184 77212 .77198
- Average .77162 .77168 77165
2 .77118 .77185 77152
77153 77207 .77180
77180 .77119 77149
.77144 .77188 .77166
.77161 77193 T7177
Average .77151 77178 .77165
3 0.77169 77169
.77165 77165
.77195 .77193 77194
77168 77170 77169
77187 77206 77197
Average 77183 .77181 .77179
Average of all .77163 77172 77181 .77169
Method of
preparation Globe N3 Globe N2 Globe G Average
2/s Atmosphere
1 0.76758 0.76763 0.76761
76734 76773 .76754
76839 76842 .76841
.'76803 .76844 .76824
Average .76784 76806 76795

4 Moles and Batuecas, Anales soc. espaii. fis. quim., 28, 871 (1930).
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Method of
preparation

2 0.
.76770
76752
76759
76743
76737
.76740

Average

3

Average
Average of all

Average
2

Average
3

Average
Average of all

Average
2

Average
3

Average
Average of all

globes was made.
0° and 760 mm.

Globe N3

76754

76766

.76511
. 76623
.76586
.76573

.76592
.76582
.76587

76641
76577
.76610
. 76605
.76608

.76592

.76328
.76378
.76395
. 76367

.76424

.76400
.76416
.76444
76387
.76418
.76391
.76438
.76342
.76350
.76405
.76385
. 76392

Globe N2 ~ Globe G
0.76770
.76769
76770
.76729
.76758
.76744
76770 .76785
1/, Atmosphere
0.76624
.76597
.76557
.76593
.76606
.76592
.76599
0.76539
.76561
.76593
.76541
.76559
.'76559 .76595
1/, Atmosphere
0.76321
.76341
.76434
.76365
.76314
.76348
.'76403
(.76260)
.76387
.76360
.76362
76426
.76426
.76370

REPORT OF THE COMMITTEE ON ATOMIC WEIGHTS

Average

0.76762
.76770
.76761
.76764
.76736
.76748
.76742

76773

0.76568
.76610
.76572
.76583

.76599
.76587
.76593
.76539
. 76641
. 76569
.76602
.76573
.76585

.76585

0.76325
.76360
.76415
.76366
.76369
.76348
.76402
.76416
.76416
.76374
.76390

.76416
.76392
.76383

1629

The results are expressed in the weight of the liter at

From the densities at various pressures the limiting density of ammonia
is calculated by the method of differences to be 0.75990. The correspond-
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ing molecular weight of ammonia is then 17.032, and the atomic weight of
nitrogen 14.009. '

Phosphorus.—Ritchie® has determined the density of phosphine at
different pressures. The gas was prepared from phosphonium iodide by
means of potassium hydroxide and was fractionated.

P, Globe I, Globe IT,
atmospheres 336 ml. 341 ml. Average
1 (1.5311) 1.5308 1.5308
1.5308 1.5307 1.5308
1.5307 1.5305 1.5306
1.5307 1.5307 1.5307
1.5308 1.5308 1.5308
1.5306 1.5306
Average 1.5307 1.5307 1.5307
0.75 1.5274 1.5272 1.5273
1.5273 1.5273
1.5271 1.5272 1.5272
Average 1.5273 1.5272 1.5272
0.50 1.5241 1.5237 1.5239
1.5242 1.5242
1.5237 1.5236 1.5237
1.5233 1.5238 1.5236
1.5238 1.5238 1.5238
Average 1.5238 1.5237 1.5238
0.25 1.5204 1.5202 1.5203
1.5202 1.5203 1.5203
1.5201 1.5201
1.5205 1.5205 1.5205
Average 1.5204 1.5203 1.5203

Assuming a linear relation between PV and pressure, (PV)o/(PV), is
calculated to be 1.0091.

If the normal liter of oxygen weighs 1.4290 g. and the coefficient of devia-
tion from Boyle’s Law per atmosphere is —0.00096, then PH; = 34.000
and P = 30.977. This value for phosphorus is appreciably lower than
the chemical value.

Sulfur.—Hénigschmid and Sachtleben® have completed a synthesis of
silver sulfide from its elements. ‘The compound was found to be stable up
to 300° but to lose sulfur by decomposition above this temperature. When
reheated in sulfur vapor, partially decomposed sulfide takes up quantita-
tively the deficiency in sulfur. Excess sulfur is ‘given up at 300°. To
carry out a synthesis weighed quantities of the purest silver were heated in
sulfur vapor until the reaction was complete and then the excess of sulfur
was eliminated in a current of pure nitrogen at 280°. Constancy in weight
of the sulfide was readily attained. The sulfur was prepared by precipita-

s Ritchie, Proc. Roy. Soc. (London), A128, 551 (1930).
§ Honigschmid and Sachtleben, Z. anorg. Chem., 195, 207 (1931).
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tion from thiosulfate and double distillation in vacuum. Weights are
corrected to vacuum. In the twelfth analysis the materials of the eleventh
were reweighed in exhausted receptacles.

THE AtoMIic WEIGHT OF SULFUR

Ratio Atomic weight
Wt. of Ag, g. Wt. of AgsS, g. AgsS:2Ag of sulfur
7.90291 9.07742 1.148617 32.066
9.42181 10.82209 1.148621 32.066
9.74522 11.19355 1.148620 32.066
9.59836 11.02489 1.148622 32.067
9.20378 10.57166 1.148622 32.067
10.75224 12.35021 1.148617 32.066
8.28317 9.51424 1.148623 32.067
9.86327 11.32913 1.148618 © 32.066
10.43748 11.98871 1.148621 32.066
7.21091 8.28265 1.148627 32.068
9.84440 11.30749 1.148621 32.067
9.84439 11.30748 1.148622 32.067
Average 1.148621 32.066

Since all recent determinations of the atomic weight of sulfur have
yielded a value not far from 32.06, this value has been adopted for the table.

Chlorine.—Scott and Johnson,” call attention to an error in the solu-
bility of silver chloride at 0° assumed by Hénigschmid and Chan® in their
syntheses of silver chloride, which amounts to 0.002%, in the weight of
silver chloride.

Calcium.—Hoénigschmid and Kempter® purified calcium nitrate from
marble by ten recrystallizations, and converted the product to chloride by
precipitation of the carbonate and solution of the latter in hydrochloric acid
(Sample I). Sample II was prepared from commercial nitrate by fifteen
crystallizations. After recrystallization of the chloride it was prepared
for weighing by dehydration and fusion in hydrogen chloride, and allowed

ATtoMmic WEIGHT oF CALCIUM

Ratio Atomic weight

Sample Wt. of CaCls, g. Wt. of Ag, g. CaClz:2Ag of calcium
1 1.84526 3.58692 0.514441 40.082
I 1.62314 3.15509 .514451 40.084
I 1.42216 2.76444 .514447 40.083
I 2.21933 4.31400 .514448 40.083
I 1.03950 2.02064 .514441 40.082
I 1.45783 2.83364 .514472 40.088
11 2.93786 5.71052 .514464 40.086
II 2.45368 4.76952 .514451 40.084
II 2.11276 4.10689 .514441 40.082
Average .514451 40.084

7 Scott and Johnson, THiS JOURNAL, 52, 3586 (1930).
8 Honigschmid and Chan, Z. anorg. Chem., 163, 315 (1927).
9 Hoénigschmid and Kempter, ibsd., 195, 1 (1931).
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Atomic WerGHT oF Carcium  (Concluded)

Ratio Atomic weight
Sample Wt. of CaCls, g. Wt. of AgCl, g. CaCl2:2AgCl of calcium

I 1.97942 5.11225 0.387191 40.083
I 2.35393 6.07937 .387199 40.086
I 1.67385 4.32284 .387210 40.089
I 1.62314 4.19217 .387183 40.082
I 1.42216 3.67297 .387196 40.085
I 2.21933 5.73153 .387214 40.090
II 1.03950 2.68467 .387198 40.086
I 1.45783 3.76499 . 387206 40.088

Average .387200 40.086

to solidify in nitrogen. The solutions of the weighed chloride were cor-
rected for deviations from the neutral point by titration with /100 solu-
tions of acid and base and then were compared with silver in the usual way,
and the silver chloride was collected and weighed. Weights are corrected
to vacuum.

The average of both series, 40.085, is slightly higher than that found
earlier by Richards and Hoénigschmid, 40.071. For the present 40.08 is
recommended.

A. V. and O. Frost!® claim to have discovered a concentration of Ca*
by beta-ray emission from K*! in a potassium feldspar containing 0.042%,
of calcium oxide. Only 0.15 g. of calcium oxide was available. From the
ratio CaCl;: CaBr; the atomic weight of calcium was found in two experi-
ments to be 40.23. Similar experiments with ordinary calcium which had
been purified in the same way gave 40.10.

Honigschmid and Kempter!! attacked the same problem with calcium
extracted from sylvin by von Hevesy. After preliminary purification the
average atomic weight through the chloride was found to be 40.22. Spec-
troscopic investigation, however, revealed the presence of strontium.
After removal of this impurity by fractional precipitation of the oxalate,
the observed atomic weight was lowered to 40.093. The material still
contained 0.015 atom per cent. of strontium so that the value to be ex-
pected is 40.091. Since the sylvin is a geologically younger mineral than
the feldspar, a smaller concentration of Ca*! is to be expected, so that the
question as to appreciable variation of Ca#* in nature is still an open one.

Vanadium.—Scott and Johnson,!? have analyzed vanadyl trichloride.
This was made by heating purified vanadium trioxide in a current of chlo-
rine, and the product was purified by vacuum distillation, after removal of
excess chlorine with mercury and sodium. Portions for analysis were
removed in sealed glass bulbs in the later stages of the distillation. After
being weighed the bulbs were broken under either nitric acid or ammonia.

10 Frost and Frost, Nature, 125, 48 (1930).

11 Hénigschmid and Kempter, Z. anorg. Chem., 195, 9 (1931).
12 Scott and Johnson. THIS JOURNAL, 52, 2638 (1930).
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In the former case the glass was washed with nitric acid and collected on a
filter. In the latter, after the supernatant liquid had been filtered, the
precipitate was dissolved in nitric acid and the glass was washed and
collected. The solutions were then compared with silver in the usual way,
and in some cases the silver chloride was collected. The analyses are
arranged in the order of decreasing volatility of the chloride samples.
Weights are corrected to vacuum.

THE AtoMIic WEIGHT OF VANADIUM

Acid Hydrolysis

Wt. of Ratio Atomic wt. Wt. of Ratio At. wt. of
VOCI3, g.  Wt.of Ag, g. VOCls:3Ag of vanadium AgCl, g. VOCI3:3AgCl vanadium

8.15697 15.23143 0.535535 50.950 20.23483 0.403115 50.973
8.29538 15.48986  .535536 50.950 20.57872  .403105 50.969
7.60527  14.20111  .535541 50.951 18.86755  .403087 50.961
01143 13.09218  .535543  50.952

Average 535539  50.951 .403102  50.968

Alkaline Hydrolysis

7.75120 14.47384 0.535532  50.949
7.88453 14.72386  .535493 50.936 19.56218 .403050 50.945
9.19783 17.17614  .535500 50.938 22.81924 .403073 50.955
6.69572 12.50344 .535510  50.941
8.04970 15.03136  .535527 50.947 19.96976  .403094 50.964
7.62984 14.24666  .535553  50.955

Average .535519 50.945 .403072  50.955

~

Experimental evidence was found that the nephelometric end-point was
slightly affected by the presence of vanadic acid, but the effect on the
atomic weight of vanadium is less than 0.005. The average of the com-
parisons with silver, 50.948, agrees almost exactly with the recent results
obtained by McAdam, and by Briscoe and Little.

Chromium.—Gonzales' has applied to chromyl chloride the recently
developed method of preparing volatile inorganic compounds by fractional
distillation in vacuum. The compound was prepared by the action of
concentrated sulfuric acid on a mixture of sodium chloride and potassium
bichromate and after fractional distillation under low pressure was col-
lected in sealed glass bulbs. The bulbs were broken under water and the
halogen was determined by comparison with silver in the usual way. Ulti-
mately the silver chloride was determined. Weights are corrected to

vacuum.

THE AToMic WEIGHT OF CHROMIUM
At. wt.
Wt. of Wt. of Ratio Atomic wt. Wt. of Ratio o!
CrO:Cls, g. Ag, g. CrO:Cl2:2Ag  of chromium AgCl, g. CrO:Cl::2AgCl chromium

9.56543 13.32143 0.718049 52.012 17.69786  0.540485 52.029
9.54415 13.29120 .'718080 52.019 17.65929 .540460 52.022
Average .718065 52.016 .540473 52.026

13 Gonzales, Anales soc. espaii. fis. quim., 28, 579 (1930).
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The average result 52.02 is only 0.01 unit higher than the current one and
no change is recommended for the present.

Arsenic.—Krepelka!* has published details of the analysis of arsenic
trichloride noted earlier.’® Recrystallized arsenic trioxide was reduced
with sugar charcoal and the metal resublimed. Conversion of the metal to
chloride was followed by repeated vacuum distillation of the latter. Sam-
ples were collected for weighing in sealed evacuated bulbs. Hydrolysis
with ice water was followed by comparison with silver in the usual way.
In two cases the silver chloride was collected and weighed. Vacuum
weights are given.

THE AtoMic WEIGHT OF ARSENIC

Wt. of Wt. of Ratio At. wt. of Wt. of Ratio At. wt. of
AsCls, g. Ag, g. AsCl:3Ag arsenic® AgCl, g. AsCl3:3AgCl  arsenic®

3.98710 7.11681 0.560237 74.944

4.81766 8.59961  .560218 74.938

6.27437 11.20020 .560201 74.933

2.42721 4.33242 560244 74.946 5.75672 0.421631 74.934

3.86442 6.89796  .560227 74.941

5.09819 9.10041  .560215 74.937

5.46890 9.76222  .560211 74.936

5.10039 9.10415  .560227 74.941

5.71146  10.19540  .560200 74.932

3.05992 5.46180 .560240 74.945

1.49994 2.67756  .560191 74.929 3.55734 .421646  74.941
Average .560219 74.938 .421638 74.938

¢ Calculated with Cl = 35.457. The figures given by the authors are calculated
with Cl = 35.458.

This value is slightly lower than the value which has been in use for some
time, and slightly higher than that found by Aston with the mass spectro-
graph after correction for the presence of 0!8, 74.927. The value 74.93 is
adopted in the table of atomic weights. '

Tantalum.—Krishnaswami!® has analyzed the chloride and bromide
of tantalum. Metallic tantalum was first obtained by reducing purified
potassium tantalum fluoride with sodium in an atmosphere of argon.
When examined spectroscopically the metal appeared to be free from im-
purities, although it contained a small percentage of oxide. The metal
was converted to halides by the action of pure dry halogens and the halides
were twice distilled in vacuum and collected in sealed glass bulbs. After
being weighed the bulbs were broken under ammonia and the solutions
filtered to remove glass and tantalic acid. To find the weight of the glass
the tantalic acid was dissolved in oxalic acid and the glass was collected on
a weighed crucible. The solutions were then compared with silver, and

14 Krepelka, Collect. trav. chim. Tchecoslovaquie, 2, 255 (1930).

6 Krepelka, Nature, 123, 944 (1929).
16 Krishnaswami, J. Chem. Soc., 1277 (1930).
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the silver halides were collected and weighed. Weights are corrected to
vacuum.

THE AToMIC WEIGHT OF TANTALUM

Wt. of Wt. of Ratio Atomic wt. Wt. of Ratio At. wt, of
TaBr;, g. Ag, g. TaBr::5Ag of tantalum AgBr, g. TaBri5AgBr tantalum
3.07127 4.96415 0.61869 181.36
3.72095 6.01413 .61870 181.37

3.81890 3.54594 1.07698 181.34 6.17267 .61868 181.35
3.59654 3.33939 1.07700 181.36 5.81303 .61870 181.37
2.69071 2.49831 1.07701 181.37 4.34926 .61866 181.33
2.61163 2.42488 1.07702 181.37 4.22133 .61868 181.35
3.92094 3.64064 1.07699 181.35 6.33750 .61869 181.36
2.04583 1.89956 1.07700 181.36 3.30681 .61867 181.34

Average 1.07700 181.36 .61868 181.35

Wt. of Wt. of Ratio Atomic wt. Wt. of Ratio At. wt. of
TaCls, g. Ag, g. TaCl;:5Ag  of tantalum AgCl,g. TaCls:5AgCl tantalum
3.15350 4.74301 0.66488 181.35 6.30152 0.50044 181.37
2.96215 4.45549 .66483 181.33 5.91874 .50047 181.40
4.08061 6.13756 .66486 181.34 8.15438 .50042 181.36
3.21073 4.82972 .66479 181.30 6.41613 .50042 181.36
3.49922 5.26278 .66490 181.36 6.99201 .50046 181.39
Average .66485 181.34 . 50044 181.37

The average value, 181.36, is lower than that found by Balke in 1910,
181.50. Balke’s method, in which the ratio TaCl;:TaOs was determined,
has been found to be unreliable because of the uncertain composition of
most oxides. The new value therefore has been adopted.

Rhenium.—Ho6nigschmid and Sachtleben!” have taken advantage of
the increased quantities of rhenium now available by analyzing silver
perrhenate. Three specimens of material were prepared. (I) Potassium
perrhenate was recrystallized and the silver salt precipitated. Retained
potassium was removed by reprecipitation and crystallization. (II)
Metallic rhenium was burned to heptoxide in oxygen, and after solution of
the oxide in water, silver perrhenate was precipitated with silver nitrate.
(III) ' The third sample was prepared by dissolving silver oxide in perrhenic
acid.

THE AToMIc WEIGHT OF RHENIUM

Wt. of Wt. of Ratio Atomic weight
Sample AgReOy, g. AgBr, g. AgReOs:AgBr of rhenium

I 5.36365 2.81186 1.90751 186.34
II 7.83577 4.10795 1.90747 186.33
II 8.55829 4.48684 1.90742 186.33
II 6.34973 3.32894 1.90743 186.33
III 8.90918 4.67111 1.90729 186.30
III 6.95494 3.64684 1.90712 186.27
III 7.85704 4.11955 1.90726 186.30

Average 1.90735 186.31

17 Honigschmid and Sachtleben, Z. anorg. Chem., 191, 309 (1930).
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The silver salt was prepared for weighing by fusion in air of a mixture of
the perrhenate with an excess of acid. Weighed amounts of salt were
dissolved in water and the silver was precipitated as silver bromide.
Weights are corrected to vacuum.

This result is 2.4 units lower than the preliminary value found by W. and
I. Noddack by analysis of the disulfide, but in view of the inferiority of the
latter method and the small quantities weighed, the new value 186.31 is
adopted for the table.

Thallium.—Honigschmid and Striebel!® prepared thallous bromide by
precipitation from a solution of the purified sulfate. After distillation in
nitrogen the salt was weighed in a quartz tube. Solution in hot water was
followed by hot precipitation with a nearly equivalent amount of silver.
The end-point was found with a nephelometer in the usual way. Weights
are corrected to vacuum.

THE AToMic WEIGHT OF THALLIUM
Preliminary Series

Wt. of Wt. of Ratio Atomic weight
T1Br, g. Ag, g. TIBr:Ag of thallium
3.86281 1.46582 2.63526 204 .38
3.78429 1.43583 2.63561 204 .41
3.96949 1.50639 2.63510 204.36
3.94471 1.49669 2.63562 204.42

Average 2.63540 204.39

Final Series

4.01222 1.52251 2.63527 204.377
3.97142 . 1.50692 2.63546 204.397
3.90498 1.48170 2.63547 204.399
4.07193 1.54509 2.63540 204.391
3.68886 1.39974 2.63539 204.390
4.04739 1.53580 2.63536 204 .387

Average 2.63539 204.390

This value agrees exactly with that found earlier by Ho6nigschmid,
Berckenbach and Kothe through the analysis of thallous chloride.

Lead.—Baxter and Bliss! have determined the atomic weight of two
specimens of RaG. The first was extracted from Swedish kolm, the second
from uraninite from Wilberforce, Ontario, Canada. Purification was
effected by precipitation as chromate and sulfate and crystallization as
nitrate and chloride. After resublimation the chloride was fused pre-
paratory to weighing. Comparison with silver was carried out as usual.
Weights are corrected to vacuum.

The kolm lead has a lower atomic weight than any other specimen yet
examined and seems to consist almost entirely of the isotope Pb.

18 Honigschmid and Striebel, Z. anorg. allgem. Chem., 194, 293 (1930).
19 Baxter and Bliss, THIS JOURNAL, 52, 4848, 4851 (1930).
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INTERNATIONAL ATOMIC WEIGHTS

1931
Sym- Atomic Atomic Sym- Atomic Atomic
bol Number Weight bol Number Weight

Aluminum Al 13 26.97 Molybdenum Mo 42 96.0
Antimony Sb 51 121.76 Neodymium Nd 60 144.27
Argon A 18 39.944 Neon Ne 10 20.183
Arsenic As 33 74.93 Nickel Ni 28 58.69
Barium Ba 56 137.36 Nitrogen N 7 14.008
Beryllium Be 4 9.02 Osmium Os 76 190.8
Bismuth Bi 83 209.00 Oxygen (o) 8 16.0000
Boron B 5 10.82 Palladium Pd 46 106.7
Bromine Br 35 79.916 Phosphorus P 15 31.02
Cadmium Cd 48 112.41 Platinum Pt 78 195.23
Calcium Ca 20 40.08 Potassium K 19 39.10
Carbon C 6 12.00 Praseodymium  Pr 59  140.92
Cerium Ce 58  140.13 Radium Ra 88  225.97
Cesium Cs 556 132.81 Radon Rn 86 222
Chlorine Cl 17 35.457 Rhenium Re 75 186.31
Chromium Cr 24 52.01 Rhodium Rh 45 102.91
Cobalt Co 27 58.94 Rubidium Rb 37 85.44
Columbium Cb 41 93.3 Ruthenium Ru 44 101.7
Copper Cu 29 63.57 Samarium Sm 62 150.43
Dysprosium Dy 66 162.46 Scandium Sc 21 45.10
Erbium Er 68 167.64 Selenium Se 34 79.2
Europium Eu 63 152.0 Silicon Si 14 28.06
Fluorine F 9 19.00 Silver . Ag 47  107.880
Gadolinium Gd 64 157.3 Sodium Na 11 22.997
Gallium Ga 31 69.72 Strontium Sr 38 87.63
Germanium Ge 32 72.60 Sulfur S 16 32.06
Gold Au 79 197.2 Tantalum Ta 73 181.4
Hafnium Hf 72 178.6 Tellurium Te 52 127.5
Helium He 2 4.002 Terbium Tb 65 159.2
Holmium Ho 67 163.5 Thallium Tl 81 204.39
Hydrogen H 1 1.0078 Thorium Th 90 232.12
Indium In 49 114.8 Thulium Tm 69 169.4
Todine I 53  126.932 Tin Sn 50 118.70
Iridium Ir 77  193.1 Titanium Ti 22 47.90
Iron Fe 26 55.84 Tungsten w 74 184.0
Krypton Kr 36 82.9 Uranium U 92 238.14
Lanthanum La 57  138.90 Vanadium A\ 23 50.95
Lead Pb 82 207.22 Xenon Xe 54 130.2
Lithium Li 3 6.940 Ytterbium Yb 70 173.5
Lutecium Lu 271 175.0 Yttrium Y 39 88.92
Magnesium Mg 1 24 .32 Zinc Zn 30 65.38
Manganese Mn 25 54.93 Zirconium Zr 40 91.22

Mercury Hg 80 200.61
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THE AToMICc WEIGHT OF LEAD

Ratio Atomic weight
Sample Wt, of PbCls, g. Wt. of Ag, g. PbCl::2Ag of lead

Common 2.74332 2.12809 1.28910 207.222
3.60741 2.79852 1.28904 207.209

3.07537 2.38565 1.28911 207.224

2.81471 2.18351 1.28908 207.218

1.28909 207.218

Kolm 1.61294 1.25678 1.28339 205.990
1.60407 1.24983 1.28343 205.999

2.56499 1.99842 1.28351 206.016

1.83748 1.43167 1.28345 206.003

3.32075 2.58729 1.28349 206.011

3.07451 2.39530 1.28356 206.027

1.28347 206.008

Uraninite 3.74779 2.91808 1.28433 206.194
5.63102 4.38436 1.28434 206.196

1.28434 206.195

Aston?® has extended the usefulness of the mass spectrograph to the
determination of the chemical atomic weight of complex elements by micro-~
photometric measurements of the intensities of the isotopic lines in a mass
spectrogram. The following table gives the percentages of the compo-
nents, as well as the packing fractions and the atomic weights calculated on

the basis of chemical oxygen.
Packing Atomic wt.

Isotopif: weights and percentages fraction 0 = 16.0000
Chromium 50 52 53 54
4.9 81.6 10.4 3.1 —10 X 10~¢ 52.011
Zinc 64 65 66 67 68 69 70
: 48.02.5 25.9 5.3 17.1 0.85 0.38 —9.9 X 10~4 65.380
Molyb- 92 94 95 96 97 98 100
denum 14.2 10.0 15.5 17.8 9.6 23.0 9.8 —5.5 X 10~¢ 95.97
Krypton 78 8 82 83 84 86
0.42 2.45 11.79 11.79 56.86 16.70 —8.8 X 10~* 83.77
Tin 112 114 115 116 117 118 119 120 121 122 124

1.07 0.74 0.44 14.19 9.81 21.48 11.02 27.04 2.96 5.03 6.19
—7.3 X 1074 118.72

Xenon 124 126 128 129 130 131 132 134 136
0.08 0.08 2.30 27.13 4.18 20.67 26.45 10.31 8.79
—5.3 X 1074 131.27

Mercury 196 198 199 200 201 202 204
0.10 9.89 16.45 23.77 13.67 29.27 6.85 +0.8 X 1074 200.62

The close agreement of the calculated atomic weights with those found by
chemical means in the case of chromium, zinc, molybdenum, tin and
mercury, indicates that the method is capable of giving results of a high

2 Aston, Proc. Roy. Soc. (London), A126, 511 (1930); A130, 302 (1931); Nature,
126, 200, 348 (1930).
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degree of accuracy. In the cases of krypton and xenon the calculated and
experimental (density) values are discrepant and, as pointed out by Aston,
new determinations of the densities and compressibilities of these gases
should be made.

[CONTRIBUTION FROM THE DEPARTMENT OF BOTANY AT LOS ANGELES AND THE DIVISION
OF PLANT NUTRITION AT BERKELEY, UNIVERSITY OF CALIFORNIA]

THE CRYSTAL STRUCTURE OF SOME FORMS OF GLUCOSE.
A PRELIMINARY PAPER

By O. L. SPONSLER aND W. H. DORE
REceivep JUNE 18, 1930 PUBLISHED May 6, 1931

In anticipation of throwing more light upon the atomic arrangement of
the cellulose unit, several crystalline forms of glucose have been under
investigation. The structural relationship between cellulose and the beta
modification of the amylene oxidic ring form of glucose has been pointed
out by the authors.! In order to gain a clearer conception of cellulose it
has seemed desirable to determine the structure of the crystals of the beta
form and also of other forms of glucose. The present report deals with
some preliminary results on the alpha and the beta forms of d-glucose
(C¢H1205) and on the alpha glucose monohydrate (CsHi20g-H20).

The first two forms were prepared? by the method of Hudson and Dale?
and the monohydrate by that of Hudson and Yanovsky.? The fine
crystals so obtained were examined by the powder method of x-ray crystal
analysis. Radiation from a molybdenum target Coolidge tube was em-
ployed for obtaining the diffraction patterns. The existence of crystallo-
graphic data for the two alpha forms made it possible to determine the
lattice dimensions and to assign space groups to these forms. The absence
of similar data for beta glucose precluded those deductions regarding its
structure, but the diffraction patterns made it evident that the alpha and
beta forms have different crystal structures.

After this paper was written Hengstenberg and Mark® reported a lattice
for “‘d-glucose” without stating whether the alpha or beta form was used.
They employed a single crystal rotation method. The agreement of their
data with those appearing in this paper, together with the method they
used for preparing their material, makes it clear that they were working
with alpha d-glucose.

1 Sponsler and Dore, ‘“Fourth Colloid Symposium Monograph,” The Chemical
Catalog Co., New York, 1926, pp. 174-202; Meyer and Mark, Ber., 61, 593-614 (1928).

2 The thanks of the authors are due to Mr. T. C. Broyer, of the Plant Nutrition
Laboratory, for preparing these two forms.

3 Hudson and Dale, THis JOURNAL, 39, 320 (1917).

4 Hudson and Yanovsky, ibid., 39, 1013 (1917).
5 Hengstenberg and Mark, Z. Krist., 72, 301 (1929).
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Alpha d-Glucose.—Taking Bodecker’s® value of 1.5384 for the specific
gravity, 180 for the molecular weight and Avogadro’s constant as 6.062 X
1023, the molecular volume of alpha d-glucose is

1

1.54 7 6.062 X 10%

Groth? described d-glucose as orthorhombic bisphenoidal with axial

ratios: @ : b : ¢ = 0.794 : 1.000 : 0.335. The determination of these ratios

by Becke® was made on material which, from the method of its preparation,
was clearly the alpha modification.

Assuming four asymmetric molecules in the elementary cell (the mini-

mum for the rhombic bisphenoidal class), the volume is 4 X 193 or 772 cu.

A., corresponding to cell dimensions: ¢ = 10.45 A,b=1484,¢c =

= 193 X 10-2¢ = 193 cu. A.

TABLE 1
INTERPLANAR SPACINGS FOR ANHYDROUS ALPHA d-GLUCOSE
Observed Relative Calculated
spacing intensities spacings and indices
ve e 14.85 (010)
ce e 10.45 (100)
8.65 V. v. weak 8.55 (110)
7.44 V. weak 7.43 (020)
6.07 Mod. 6.05 (120)
5.23 Mod. 5.23 (200)
e e 4.97 (001)
4.72 V. strong 4.72 (011)
4.48 Tr. 4.49-7 (101)(130)
4.31 V.v.strong 4.30 (111)
3.87 V. weak 3.84 (121)
3.60 Tr. 3.60 (201), 3.59 (230)
3.51 Mod. 3.51 (031), 3.50 (211)(140)(300)
3.34 Tr. 3.33 (131)
3.16 V. strong 3.15 (320)
2.98 Tr. 2.98 (041), 2.97 (050)
2.88 Weak 2.901 (231), 2.86-5 (141)(330)(301)(150)
2.60 Weak 2.61-59 (400)(241)(250)
2.48 V. strong 2.48 (002) (420)
2.30-28 (122)(411)(251)
228 Tr { 2.31-28  (401)(350)(341)
2.25 V. strong 2.24-26 (202) (260)(350) (341)
2.06 Mod. 2.06 (042)
1.95 Weak 1.96-7 (441)(270) (242)
1.81 Weak 1.81 (402)(460)
1.68 V. v. weak 1.68 (461)(352)
1.59 V. weak 1.60 (123), 1.58 (203)
1.34 V. weak 1.34 (670)
1.29 V. weak 1.29 (810)(820)

¢ Badecker, Ann., 117, 111 (1861).
7 Groth, “Physikalische Krystallographie,” 1910, Vol. III, p. 437.
8 Becke, Z. Kryst. Mineral, 20, 297 (1892).
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4.97 A. Interplanar spacings calculated to these dimensions are compared
with the observed spacings in Table I. The axial values are represented by
the half values in the column of observed spacings; lines for the full values
are absent from the diffraction pattern.

S o R

Caled.
10.45
14.85

4.97

Obsd.
5.23
7.44
2.48

Of the nine possible space groups® included in the rhombic bisphenoidal
class, only one, V* (or Q4), fits the data presented. In that group four
asymmetric molecules are required; and the face planes are interleaved so
that only their half values will appear in the diffraction pattern.

TaBLE II

INTERPLANAR SPACINGS FOR ALPHA

Observed . Relative

spacing intensities
9.70 Mod.
7.00 Strong
6.00 V. weak

{ :gg } V. v. strong
4.10 V. v. weak
3.85 V. strong
3.50 Weak
3.30 V. v. weak

{ gfg } Strong
3.00 V. v. weak
2.85 Mod.
2.63 Weak
2.50 Strong
2.42 Mod.
2.24 V. weak
2.17 Strong
2.04 V. weak
1.99 Mod.
1.90 V. v. weak
1.85 Mod.
1.72 V. v. weak
1.65 V. weak
1.59 V. weak
1.52 V. v. weak
1.39 V. v. weak
1.32 V. v. weak
1.28 V. v. weak
1.21 V. v. weak
1.17 V. v. weak
1.14 V.-v. weak

® Astbury and Yardley, Phil. Trans. Roy. Soc. London, 224A, 221 (1924)

Calculated
spacing and indices

9.50 (001)
6.88 (101)
5.99 (101)

.45 (102)
.31 (200)
.05 (111)
.87 (111)
44 (202)

d-GLUCOSE MONOHYDRATE

33 (112), 3.27 (210)

.20

»—ﬂn—an—Av-u-aHHHHHHHMNMMNMNNwwamw»uA»
; )
[V

(211), 3.17 (003)
(103), 3.11 (112)
(211)(202)

(300), 2.84 (212)(103)

(301)
(020), 2.50 (310)
(120)
(104)

(122), 2.17 (220)(401), 2.16 (400) (014)

(401), 2.02 (222)

(303), 1.99 (410)(222), 1.98

(005), 1.89 (320)
(402)

(500)(404) (024)
(130)

(422), 1.58 (006)
(025)

(603)

(430)

(333)(022) (424)
(240)

(242), 1.16 (242)
(340)(036)
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Alpha d-Glucose Monohydrate.—Taking Bodecker’s value of 1.5714
for the specific gravity and 198 for the molecular weight, the molecular
volume of alpha glucose monohydrate is

198 « 1
1.5714 7 6.062 X 10%

Groth” describes alpha glucose monohydrate as monoclinic sphenoidal
with axial ratios: a:b:c = 1.735:1:1.908, with the angle between inclined
axes, 8 = 97°59’. An elementary cell containing two molecules as a
minimum has dimensions: ¢ = 8.72A. 5 = 5.03 A., and¢ =9.59 A., 8 =
97°59’, when based on the volume and axial ratios given. A comparison
of the interplanar spacings from those dimensions and from the x-ray data
is presented in Table II. From crystallographic data the crystal is shown
to be monoclinic; from chemical data the molecule is known to be asym-
metric. In the absence of x-ray data from a single crystal, those two con-
siderations would place the structure in space group C;. That space group®
demands two molecules per unit cell and requires that the (010) spacing
be halved. Our interpretation is in agreement with both requirements.

= 207.9 X 10~ or 207.9 cu. A.

TaBLE II1
INTERPLANAR SPACINGS FOR BETA d-GLUCOSE AND ALPHA d-GLUCOSE OBSERVED VALUES
Beta d-glucose Alpha d-glucose

A. units Intensity A. units Intensity

{5.47} V. v. st 8.65 V. v.w.
5.27 T 7.44 V. w.
4.63 V. v. st. 6.07 M.
4.34 V. st. 5.23 M.
4.11 Ww. 4.72 V. st.

f 3.86} V. v. w. 4.48 V.v.w.
13.81 | V. v. st 4.31 V. v. st.
3.62 M. 3.87 V. w.

3.35 M. 3.60 V.v.w.

3.17 St. 3.51 M.

2.83 V. st. 3.34 V.v.w.

2.78 V.v.w. 3.16 V. st.
{2.48} W 2.98 V.v. w.
| 2.45 ) 2.88 w.

{ 2.30 } W 2.60 W,
2.27 ’ 2.48 V. st.
[2.14 2.28 V.v. w.

\2.09} w. 2.25 V. st.
1.85 V.w 2.06 M.
1.78 W. 1.95 w.
1.68 V. w. 1.81 Ww.
1.56 V.v. w. 1.68 V.v.w.

1.59 V.w.
1.34 V. w.
1.29 V.w

¢ Bracketed figures indicate outer limits of a broad band which may represent a com-~
posite of several lines. V. = Very. W. = Weak. St. = Strong. M. = Medium.
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Beta d-Glucose.—The powder data for beta glucose are not capable of
interpretation without the support of crystallographic data, but the ob-
served interplanar spacings are here placed on record in Table IIT in order to
point out a difference between the crystals of the beta and alpha forms.

Summary

The crystal structures of three forms of glucose (alpha and beta an-
hydrous glucose and alpha glucose monohydrate) have been studied by the
x-ray powder method. The interplanar spacings of the three forms are
given. The data for anhydrous alpha glucose correspond to an ortho-
rhombic unit cell having dimensions: ¢ = 10.45 A,b =148 4, ¢ =
4.97 A., and meet the requirements of space group V% The data for alpha
glucose monohydrate agree with the requirements of a monoclinic unit cell
having dimensions: a = 8.72 A, b = 5.03 A, ¢ = 9.59 A, 8 = 97°59’
and correspond to space group cz.

BERKELEY, CALIFORNIA

[CONTRIBUTION FROM THE ANALYTICAL LABORATORY OF THE STATE UNIVERSITY OF
Iowal]

OXIDATION-REDUCTION POTENTIALS.

IV. THE DETERMINATION FROM EQUILIBRIUM DATA.
B. FERRIC-FERROUS ELECTRODE

By STEPHEN POPOFF, VERNON B. FLEHARTY AND EpWIN L. HANSON
RECEIVED Aucust 29, 1930 PusLisHED May 6, 1931

The determinations of oxidation-reduction potentials from equilibrium
data are considered to be more reliable! than those from e. m. f. measure-
ments because in the former one attains true equilibrium, while in the
latter one cannot always be certain that an inert electrode will always
record the true potential, especially in dilute solutions. E. m. f. measure-
ments are further complicated by liquid junction potentials, which cannot,
theoretically at least, always be entirely eliminated. In equilibrium data
it is also possible to work with the more dilute solutions in which the
principle of ionic strength can be considered to hold—thus the activity
coefficients of the ions can be calculated from the limiting case of the
Debye-Hiickel equation.

When metallic mercury comes in contact with ferric perchlorate solution,
the following reaction takes place

2Fe(ClO,); + 2Hg == 2Fe(Cl0y): + Hga(ClOy),

This reaction is of special interest because, at equilibrium, the sub-
stances are present in comparable amounts which can be suitably analyzed.
It is therefore possible to determine the equilibrium constant by purely

1 Lewis and Randall, “Thermodynamics and the Free Energy of Chemical Sub-
stances,” McGraw-Hill Book Co., New York, 1923, p. 411.
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chemical means, to calculate the oxidation-reduction potential of the
ferric~ferrous electrode, and to compare the latter with that obtained from
e. m. f. measurements. |

The equilibrium of this particular reaction has not been studied chemi-
cally, although Noyes and Brann? determined the equilibrium constant of
the reaction

Ag + Fe(NO;); == AgNO; + Fe(NOj):
The perchlorates, mercury and perchloric acid were considered to be
better suited for the determination of the equilibrium constant than the
nitrates, silver and nitric acid, because in the latter case it is difficult to
prepare pure metallic silver in a fine and suitable state of subdivision
possessing the same energy content, and because of the possible oxidizing
action of nitric acid.

In our investigation sufficiently dilute solutions were employed to be
able to use the principle of ionic strength in the calculation of the equilib-
rium constant. The equilibrium constant was also calculated from total
concentration by suitable mathematical and graphical treatments.

As a result of this experimental study the oxidation-reduction potential
of the ferricferrous electrode was calculated to be —0.7473 v. Popoff
and Kunz? obtained —0.7477 v. by e. m. f. measurements.

Preparétion of Materials

(1) All water was redistilled from an alkaline permanganate solution.

(2) Ferric perchlorate was prepared by treating J. T. Baker c. p. ferric chloride with
successive portions of G. Frederick Smith perchloric acid, and heating until no test for
chloride ion was obtained. It was then recrystallized four times from 0.1 M perchloric
acid.

(8) Mercury was purified by passing it through a column of dilute nitric acid six
times; through redistilled water six times; distilling, filtering and passing through nitric
acid and water as before.

(4) Potassium permanganate, silver nitrate, preventive, hydrochloric acid and per-
chloric acid solutions were made from the best chemicals obtainable.

Analytical Methods

All analyses were made using weight pipets and burets.

(1) The potassium permanganate solution was standardized electrometrically
against Bureau of Standards sodium exalate using McBride’s conditions.*

(2) The silver nitrate solution was standardized electrometrically using a silver—
silver chloride electrode with recrystallized potassium chloride as the standard.

(3) The total iron in the ferric perchlorate solution was determined electro-
metrically by the Zimmerman-Reinhardt method making the solution 0.5 M with re-
spect to perchloric acid.

(4) The concentration of perchloric acid in the ferric perchloric solution was de-
termined volumetrically using methyl orange as the indicator, by adding an excess of
sodium hydroxide, filtering, and titrating the excess base with a standard acid solution.

2 Noyes and Brann, THis JOURNAL, 34, 1016 (1912).
3 Popoff and Kunz, 7bid., 51, 382 (1929).
¢ McBride, ibid., 34, 393 (1912).
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(5) and (6) The weight ratio between the silver nitrate and sodium chloride solu-
tions was determined electrometrically using silver-silver chloride electrodes.

(7) The perchloric acid solution was standardized volumetrically using phenol-
phthalein as the indicator, against a carbonate-free solution of sodium hydroxide which
had been standardized against constant boiling hydrochloric acid solution.

(8) Analysis of the equilibrium mixture.

(a) The ferrous iron was determined by precipitating the mercurous ion with an
excess of sodium chloride, filtering, adding 20 cc. of preventive solution and enough per-
chloric acid to make the acid concentration approximately 0.5 M. The solution was
then titrated electrometrically with potassium permanganate.

(b) The mercurous mercury was determined by adding an excess of sodium chlo-
ride and titrating the excess electrometrically with the silver nitrate, using a silver-silver
chloride electrode.

(c) The ferric iron was obtained by difference between the total iron and ferrous
iron found.

Table I expresses the results of these analyses. Concentration (C) is expressed in
moles per thousand grams of water in vacuum in all tables.

TABLE I
ANALYTICAL METHODS
Solution C Solution C
1. KMnOy 0.020254 4. HCIO,in Fe(ClOy), 0.079275
.020252 .079176
.020257 .079076
.02025 .07918
Two months later 0.02017 5. Concentrated NaCl 0.11058
.11062
2. AgNO, 0.027343 .11052
.027357 .11064
.027352
027352 -1106
.02735 6. Dilute NaCl 0.064346
.064302
3. Fe(ClOy), 0.23844 .064316
.23826 .064297
.23838 -
.23796 -06432
.2384 7. HCIO, Soln. 0.36087
.36116
.36107
.36137
.3611

The Relation between Equilibrium Constant and Oxidation—-Reduction
Potential.—The reaction
OFe+++ 4 2Hg — 2Fe*+ + Hg,++ (A)
occurs in the cell
Pt | Fe(Cl0,)s, Fe(ClOy): | Hgy(C10,); | Hg
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The equations for the potentials at each electrode at 25° are

(lF,+ ++

= Eo — 0.05915 log

Epg = Eogg — 9%29_115 log apggs++

At equilibrium, the potential of the cell will be zero, and

0.0591 b
Eogg — gg 5 log apg++ = Eowe — 0'03915 log —aF;H
Qpe++

Transposing, one gets

2
Fomg — Eore = 0.02915 log GEg+ — 0.05915 log ap;.,+++
2 Qpe++

_ 0.05915  @her+ X Gpgrs
= 5 log

d%,+++

However, ah.++ X aHg’M/a%em» is the equilibrium constant of reaction (A)
0.03915 log K

E(’Hg - Eoye =

in which X is the equilibrium constant.

The value for Eg, has been determined by Lewis® and if the value for the
equilibrium constant of the reaction shown is determined precisely, one can
calculate the oxidation-reduction potential of the ferric-ferrous electrode.

Experimental Methods

(1) Attainment of equilibrium was accomplished by approaching the
equilibrium of the reaction from both sides at a temperature of 25°. One
set of runs was allowed to come to 25° in the water thermostat, approaching
the equilibrium from the “cold side,” so to speak. Amnother set of the
same concentration was heated to 30-35° in an air thermostat, then brought
to the equilibrium at 25° in the water-bath. This can be termed as
approaching the equilibrium from the ‘“‘hot side.”” These mixtures were
continually rotated and shaken in a constant temperature bath at 25 =
0.01°. The solutions were analyzed for the ferrous iron and the mercurous
mercury by withdrawing a weighed amount of the solutlon approximately
100 g. being used for each analysis.

(2) The ease of reversibility of the reaction was determined by vary-
ing the mercury content, the temperature and the time of rotation (for
both “hot” and ‘“cold”). .It was finally decided to use 40 cc. of mercury
in about 500 cc. of solution and to rotate the mixtures for both ‘“hot” and
“cold” for at least forty-eight hours at 25° before any analyses were
attempted. It had been determined previously that twenty-four hours
of rotation at 30~-35° was more than sufficient to shift the equilibrium and
that twenty-four hours of rotation at 25° was more than sufficient to obtain
the same equilibrium as that established from the “cold” side. Special

8 Lewis and Randall, Ref. 1, p. 433.
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Pyrex bottles were made (holding about 500 cc.) which could be glass sealed.
Ordinary glass-stoppered bottles, which were sealed with paraffin, failed to
give reproducible and identical results for both “hot’” and “‘cold” equilib-
rium mixtures at 25°. At the present time no explanation will be offered.

(3) Variation of Acid and Salt Concentrations.—In each of the five
series the acid concentration was kept constant but the concentration of
the ferric perchlorate (starting mixture) was varied down to 0.001 C.
The acid concentration was varied from 0.02 to 0.002 C. The latter was
found to be the lowest concentration at which no hydrolysis took place
when 0.001 C iron solution was used. Lower concentration of ferric per-
chlorate than 0.001 C was not employed because the errors in the analyses
would have been too great. In the 0.003 C perchloric acid series, 0.004 C
iron was the upper limit. A starting solution containing 0.001 C of iron
and 0.001 C of perchloric acid hydrolyzed.

Experimental Data and Calculations

Table II gives the experimental results obtained in 0.02, 0.01, 0.005,
0.003 and 0.002 C perchloric acid concentrations, respectively, with vary-

TABLE 11
EFrFEcT ON THE EQUILIBRIUM CONSTANT CALCULATED AS THOUGH MERCURY WaAs
MONOVALENT AND DIVALENT AS DESIGNATED, FROM ToTAL CONCENTRATIONS, ON
VARIATION OF CONCENTRATIONS OF ACID AND SALTS
Total CFe CFet++ CHgz++ or 3CHg+ CFo+++ K’Cﬂg!""" K&Bg'*
Series I, 0.02 C HCIO4
0.006 0.004788 0.002456 0.001207 0.03868 0.01949

.003 .002533 .001262 .0004598 .03828 .01390
.001 .0009015 .0004588 .00009521 .04113 .008688
Series I1, 0.01 C HCIO4
.008 .006109 .002992 .001891 .03124 .01933
.006 .004685 .002288 .001302 .02965 .01647
.003 .002513 .001244 .0004802 .03408 .01302
.002 .001731 .0008607 .0002692 .03557 .01107
Series III, 0.005 C HCIO,

.008 .005789 .002897 .002239 .01938 .01499
.006 .004514 .002229 .001475 .02094 .01364
.004 .003151 .001581 .0008488 .02179 .01174
.003 .002415 .001215 .0005779 .02122 .01015
.002 .001677 .0008255 .0003232 .02222 .008565
.001 .0008819 .0004526 .0001158 .02624 .006762
Series IV, 0.003 C HCIO4
.004 .003028 .001503 .0009720 .01459 .009365
.002 .001610 .0008053 .0003902 .01371 .006645
.001 .0008526 .0004453 .0001474 .01490 .005152
Series V, 0.002 C HCIO,4
.002 .001546 .0007712 .0004542 .008930 .005248

.001 .0008301 .0004153 0001698 .009920 .004060
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. . o . ! oge .
ing concentration of iron. K(mg,++ represents the equilibrium constant

calculated from total concentration by the equation
_ Crot++? X Cugst+

!
KCH"++ - Cre+++2

It was discovered that if the equilibrium constants were calculated upon
the assumption that mercurous ion were monovalent, interesting results

were obtained. If mercurous ion were monovalent

’ _ Cret+ X Crg*
KCB;"’ = ———___CF.***'

No attempt is made to draw any conclusions from the values of K ?;Hga,.

0.04 ——t— ——

| |

0.02 o

f
%
\

0.001 0.002
CF.(cxo.),-
Fig. 1.—The apparent equilibrium constants from total concentra-
tion in varying acid and salt concentrations.

1 L —° | °
T ol
0.015 /, — <
. L — o
i {f/”/
0.005
0.001 0.002
Cro(1005

Fig. la—The apparent equilibrium constants from total concentra-
tion in varying acid and salt concentrations.

In an analysis of a typical equilibrium mixture the percentage mean
error was 0.1 for the determination of ferrous iron and 0.15 for mercurous
mercury.

The Equilibrium Constant from Total Concentration.—The values of
KCrg++ and K(uge in 0.02, 0.01, 0.005 (corresponding to I, I, IIL
respectively) C perchloric acid were plotted (Figs. 1 and la, respectively)
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against the C of the ferric perchlorate (at equilibrium) and the curves
extrapolated to zero concentration of ferric perchlorate. The extrapolated
values, Table III, were plotted (Figs. 2 and 2a, respectively) against the C
of the perchloric acid and the curves again extrapolated to zero concentra-
tion of the acid.

TasLE III1
EQUILIBRIUM CONSTANT IN VARYING AciD CONCENTRATION
CHClo4 Kz‘ng++ K'CB‘+
0.020 0.0421 0.00706
.010 .0386 .00796
.005 .0310 .00556
.000 .0188 .00126

Due to the uncertainty of graphical extrapolation the data were extrapo-
lated mathematically using the principle of moments and zero sum. A

0.04 =

0.02 /

L4

KCH8’++¢

0.01 0.02
Crcio,.
Fig. 2.—The equilibrium constants in varying acid against the
acid concentration.

!

sO 0.005 >
N

v

0.01 0.02
Croio,-
Fig. 2a.—The equilibrium constants in varying acid against the
acid concgntration.

value of 0.0188 was calculated for the true equilibrium constant (K '(;Hg,H)
and 0.00126 for the true equilibrium constant (K'(,'Hg+) from total con-
centration.
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The Equilibrium Constant from Ionic Strength.—It was possible in
Series V, 0.002 M acid, 0.002 and 0.001 M ferric perchlorate, to calculate
the activity coefficients in

_ Cre++? X fret+? X CoHgr+ X fHg++
- CFe+++2 X fFo+++2

K;

by the equation®
—log f = 0.532 v/
The latter equation holds for most solutions whose ionic strengths are
not greater than 0.01. Table IV gives the values obtained.

TasLE IV
Tue EquiLiBriuM CONSTANT FROM IoNIC STRENGTH IN 0.002 M HCIO,
Total CFe » b AR fr+¥+ . K¢
0.002 0.0117 0.608 0.326 0.01884
.001 .0068 .685 .427 .01751

Although the ionic strengths of the solutions containing 0.001 M ferric
perchlorate (starting solution) and either 0.005 M or 0.003 M perchloric
acid are 0.0097 and 0.0078, respectively, the equilibrium constants, using
activity coefficients, calculate to be 0.0510 and 0.0274, respectively. It
may be concluded that the equation used to calculate the activity co-
efficients does not hold for the foregoing solutions.

One may also calculate the equilibrium constants for all the solutions in
Series III and IV, using activity coefficients, and then plot the values thus
obtained against the square root of the ionic strength and extrapolate to
zero ionic strength, assuming that the points lie on a straight line. The
latter assumption, however, can hardly be justified, although the final
extrapolated values agree closely among themselves and are not very far
from 0.0184, the true equilibrium constant, since the equilibrium constant
in each acid is different, although the ionic strengths of the solutions are
the same and less than 0.01.

The true equilibrium constant may be taken as the average of the
equilibrium constants obtained from total concentration and from (aver-
age) ionic strength in 0.002 M perchloric acid. The average value is
0.0184 or 0.018 = 0.0005.

The Oxidation-Reduction Potential of the Ferric-Ferrous Electrode.—
Using the equation

0.05915
2

and Lewis's’ value for Eoy, (—0.7986 v.), the value for Eop, calculates to
be —0.7473 v. Noyes and Brann? found from equilibrium data —0.7467 v.,
while Popoff and Kunz? report —0.7477 v. from e. m. f. measurements.

¢ Bronsted and La Mer, THIS JOURNAL, 46, 555 (1924).

Eope = Eogy — log K
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Summary

1. The following reaction was studied chemically and found to be a

truly and easily reversible reaction
2Fe**+ 4 2Hg — 2Fe*+* 4+ Hg,*+

2. The equilibrium constant of the reaction was calculated either from
total concentration by suitable graphical and mathematical treatments er
from ionic strength of dilute solutions, and was found to be 0.0180 =
0.0005.

3. The principle of ionic strength may not be considered to hold even
in solutions as low as 0.01 when there is too much acid present as compared
with the other salts.

4. The oxidation-reduction potential of the ferric—ferrous electrode,
calculated from the equation

0.05915
2

was found to be —0.7473 v. This value agrees very closely with —0.7477 v.
obtained from our former e. m. f. measurements.
Iowa City, Iowa

E"Fs = EOHg - log K

[CONTRIBUTION FROM THE LABORATORY OF PHYSICAL CHEMISTRY OF THE UNIVERSITY OF
WiIsCONSIN]
METHODS OF CALCULATING AND AVERAGING RATE
CONSTANTS!

By W. E. ROSEVEARE
RECEIVED JANUARY 19, 1931 PuBLISHED MaAyY 6, 1931

Introduction

In order to obtain a more probable value of the rate of a chemical re-
action, for temperature coefficients, etc., it has been customary to take the
simple arithmetical average of individual calculated values. Due to the
nature of the rate function, such an arithmetical average may possibly be
as far from the true value as that calculated from the two least accurate
measurements. This applies only to the average of rate constants which
are calculated from measurements made on a single sample of reacting
material and not to the average of those found under identical conditions of
time and concentration. Most rates of reaction have been calculated by
the interval method or the method of integrating from the zero of time
using the formulas: k& = 1 In (a — %n - 1> and & = 1 In—2 .

tn — tn—1 a — X, tn a— %,
The arithmetical averages of the rates calculated by these methods give
quite different results and both are incorrect.

! This paper was presented in preliminary form by the author before the Mid-west
Regional meeting of the American Chemical Society, May 9, 1930.
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Present Incorrect Methods of Averaging

Error of the Interval Method Average.—It can be shown that the
simple arithmetical average of the interval rate constants, when calculated
for equal time intervals, is equal to the rate constant as calculated from the
initial and final observed values of the concentration and is independent of
all intermediate ones. If ko, k1,2, R2,3. .. ks — 1., are the interval rate con-
stants for # intervals, then the arithmetical average will be: (1/5) (ko1 +
kos+... by —1,). For a unimolecular reaction ko, = (1/A¢f) In (Co/C),
where At is the time interval during which the concentration changes from
Co to Ci. If all the time intervals are the same and k, is the arithmetical
average, then

BN IS TN - S Ay
k.—-n[MlnCl-l-Atn + ... In :I

C At Cn
or
U U coc.cz...c,.-,]
2 nAi CiCoCs...Cn

All the values of C cancel out except the first and the last and since 7 Af =
t,, then

L (G
ks = o In C,.)
k. = ko_n

Thus the arithmetical average is independent of all values except the first
and last. This proof may be extended to a reaction of any order. Itcan
be shown by very simple analytic geometry that, for points whose abscissas
are equally spaced, the arithmetical average of the slopes of straight lines
drawn through adjacent points is equal to the slope of the straight line
drawn through the first and last points and is independent of the ordinates
of the intermediate points. Wagner? showed this to be true in the case of
a second order reaction.

Error of the Second Method.—When each value of k is calculated by
integrating from the zero time, each value of ¢ — x is combined with a
single value of the initial concentration which may rest on a single measure-
ment. Guggenheim? pointed out that this gave undue weight to the initial
concentration. Even though the initial concentrations were known with
absolute accuracy, this method gives too much weight to the points near
the zero of time.

Methods Applicable to Unimolecular Reactions

Rate measurements may be divided into two classes, depending on
whether one analyzes for the concentration (¢ — x) or the amount which
has reacted, x.

When x is Measured Directly.—Guggenheim® developed a method

* C. Wagner, Z. physik. Chem., 115, 132 (1925).
3 E. A. Guggenheim, Phil. Mag., [7] 2, 538 (1926).
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which eliminates the use of the initial concentration. He plotted the com-
mon logarithm of the amounts reacting in a chosen interval of time against
the time. The slope multiplied by 2.303 gave the rate constant.

The rate may also be determined analytically from three values of x,
provided the time intervals between them are the same. If x;, x; and x3
are the amounts which have reacted at times 4, f; and f;, then

E(t: — ) = In EZ - ;‘3 6y

(@ — %)

k(t; - tz) = In (ll — xa)

(&)

If we impose the condition that (&3 — &) = (f2 — 4), 4. e., the time intervals
are the same, then
a — X a — X
e —m - a—m
and
iy — X3
P T N
If t; was taken as the zero of time, then this equation would reduce to that
obtained by Smith* for the initial concentration in terms of the concen-
trations at two times, one twice the other. Substituting @ from Equation
3 in either Equation 1 or 2 we obtain
1. (%2 —x)
k= p In Gos =)
where 7 is the time interval between the x; and x, as well as between the
%2 and x;. For a gaseous reaction followed by the change in volume at
constant pressure or the pressure change at constant volume, the x’s may
be replaced, respectively, by the volume or pressure. This method and
Guggenheim’s are alike in that the initial concentrations are eliminated.
Even though one finds a perfectly straight line using the former method or
a constant value of 2 using the second method, it does not follow that the
reaction obeys the simple unimolecular law. A straight line and a constant
value of & will be obtained when and only if the rate is given by the equa-
tion dx/dt = k(e — x) = k’(b — x), where k&’ and b may or may not be
zero. This expresses the rate for a reversible reaction, a side reaction, a
subsequent reaction and a reaction where the product combines with the
reactant making it relatively inert, as well as for a simple unimolecular
reaction. The reversibility can be determined from free energies and the
other exceptions by chemical analyses and by trying the effect of adding
some of the product to the reacting mixture. Thus one can obtain strong
but not absolute evidence of unimolecularity when the original concentra-
tion cannot be measured.
In order to best show up a trend, the time intervals should be short, but

¢ R. C. Smith, Phil. Mag., [7] 1, 496 (1926).

3)
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to obtain the most probable value, the intervals should be longer. Since
the value of x3 — x, can never be greater than x; — x; and the probable
error in x is a constant quantity independent of the time, the error in & will
be due principally to the error in x5 — x,. Therefore, for the case when the
error in determining the concentration has a greater effect on & than the
error in measuring the time, the error may be considered as due to the
error in x3 — x; alone. In this case the accuracy will be greatest when
X3 — xg is greatest. If we let the concentration be a at #, then x; will be
zero and Equation 3 becomes

kr = ln( or X3 — X2 = Xpe—k1

X2
X3 — X2)
Setting the derivative with respect to 7 of x3 — x; equal to zero will make
the latter a maximum and the error in k a minimum. Since ¢~*" does not
equal zero, this gives

kxy — dxa/dr = 0 4
By differentiating Equation 1 with respect to r with x; = 0, one finds
dxy/dr = k(a — x2). Substituting this in Equation 4 gives x; = a/2, the
condition for maximum accuracy in k. This means that if In (xs — x,) is
less accurately determined than 7, then the greatest accuracy is obtained
when the concentration decreases 509, during the first interval and one-
half that much during the second interval.

In order to best utilize data, when the error in measurement of time is
negligible and one wishes to use this method as evidence for unimolecu-
larity, it is best to take six measurements at equal time intervals near the
beginning, six with the same time intervals when about 50% has reacted,
and six more when about 75%, has reacted, such that the time interval
between the first and seventh equals that between the seventh and thir-
teenth, etc. Then one can calculate a rate constant from the first three,
another from the second three, etc., giving two constants for the beginning,
two for the middle and two nearer the end. This will show if there is a
trend not represented by dx/dt = k(e — x) = k(b — x). To obtain the
most probable value of the rate constant one should calculate it from the
first, seventh and thirteenth; the second, eighth and fourteenth, etc.
These constants will all have practically the same weight and will be
independent and therefore may be averaged arithmetically.

When (a¢ — x) Is Measured Directly.—In this case one can calculate &
from any two measurements of concentration and the time between them,
but when there are more than two points, one is faced with the problem of
deciding how to combine them. If the time is the least accurate measure-
ment, then all points will have practically the same weight. On the other
hand, if In (@ — x) is least accurately determined, then each point will have
a different weight since ¢ — x and not In (@ — x) is directly measured.
The probable error in @ — x in general is a constant quantity rather than a
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In Fig. la the dotted lines show the limits of

error due to a constant error in time and Fig. 1b shows the limits of error
for a possible error in (¢ — x) equal to one-tenth of the initial concentration.

The weight changes in the same
way regardless of the size of the
error, the very large error being
used merely to facilitate graph-
ing. If 7, is the probable error
in the concentration, then by ex-
panding In (C + ) in series and
neglecting terms of second and
higher powers, one has 7./C as the
probable error in In C. Letting ,
be the probable error in measure-
ment of the time, one can see
from Fig. 2 that 7, tan 6 or kr, is
the probable error in In C which
would produce the same probable
error in £ as does 7,. Therefore,
one may consider the time as en-
tirely correct and that there are

In (@ — x).

Time.
Fig. 1a.

two probable errors in In C, one due to error in measurement of C and

the other due to error in measurement of £

In (a— x).

Time.
Fig. 1b.

The effective probable error
of a point in terms of In C will be
V (k) 4 (r./C)?. The weight p
of any point will be inversely pro-
portional to the square of its prob-
able error, and therefore
1
2= @y + Gior @

Thus one can calculate the weight
of any point. It will be seen from
formula (5) that if the error was
due only to the error in measuring

| time, all points would have the

same weight. On the other hand,
if the error was due only to the
error in determining concentration,
the weight of each point would be
proportional to C%. The weight is
important in the latter case, since

if the weight at the start is taken as unity, the weight will be one-quarter
when the reaction is 50%, complete and one-hundredth when 909, complete.
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1. Graphical Method.—This method of plotting In (¢ — x) against the
time and drawing the best straight line through the points is well known.
It has the advantage of showing trends and at present is certainly the best
method for such cases. However, it has the disadvantage in that large
graphs cannot be published and some data are more accurate than can be
represented graphically.

2. Arithmetical Mean.—Where the weights of all points are nearly the
same, a very convenient mean is obtained by dividing the points into two
equal parts and taking a time
weighted average of the slopes of
pairs of points. If there are six
points on the plot of In C against
t, one would take the slopes of
the pairs of points 1-6, 2-5 and
3-4 and weight these according to
the distance between the points.
However, the distances between
the points is very nearly propor-
tional to their projection on either
axis. Therefore, the weights may
be taken as the difference in ¢ for each pair of points. The slope from points
land 6is (In Cs — In C;)/(4 — #4) and its weight will be (4 — #). Then
the weighted mean will be

In Co —1n C1
ts — h

In C.

Time.
Fig. 2.

. tl)_l_lncb tlznc, w4

(b — t1) + (s — ) + (b — t5)
Since the time differences in the numerator cancel out
(11’1 Ca + In Cﬁ + In C4) -_ (ln C’; + In Cz + In Cl)

InCi —In G
4 — L3

(ta — t)
km =

e GtGtw—Gtuth
and in general
[~ i=n i=1/m B
log C; — E log C;
_ i=1/m+1 i=1
b = 2.303 1 Lo

ti — I

L i=1/m+41 i=1 .

A given error in time or log C produces the same magnitude of error in the
above mean regardless of the time. Thus all points have equal weight.
If there are an odd number of points, the middle one is not used, and
therefore » is always even. This method should only be used for cases
where the time is the least accurate measurement or for the rare case when
the percentage error in analysis is a constant quantity.
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3. Method of Least Squares.—This method of obtaining the slope of
a straight line is well known, but it has rarely been used to calculate rate
constants and when used has not been weighted. It has the disadvantage
of requiring a great deal of arithmetical work, and weighting considerably
increases the amount of work. The general formula for the slope of a
straight line by the method of least squares is

s = Zpx Zpy — Zp Tpxy

: (Zpx)t — (2p)(Zpx?)
where p is the weight of a point whose codrdinates are x and y. The rate
constant of a unimolecular reaction will be
ZptZpln (@ —x) — Zp Zptiln (@ — x)

(Zpt): — (Zp)(Zpt?)
The weight p of each point can be determined by the method previously
given. This method has the advantage in that one can calculate the
“probable error.” The formula for calculating the probable error is given
by Birge.5 Professor Ingraham of the Mathematics Department of the
University of Wisconsin pointed out to the author that the above method
of least squares does not give the most probable value of the rate constant.
Therefore the use of this method is questionable.

Concentration Change for Maximum Accuracy.—It is important to
know how long to let a chemical reaction proceed in order to obtain the
greatest probable accuracy in the rate constant, when the rate is calculated
from the concentrations at two times. If r and 7, are the probable errors in
the concentrations C and C,, then 7/C and 7,/C, will be the corresponding
errors in In C and In G, providing the error is small. If one assumes that
the error in % is due only to the error in concentration, then the probable

error in k will be
N

If we let y = C/C,, the fraction which has reacted at time {, then kt =
—Iny. Dividing Equation 6 by &, substituting C = yC,, and kf = —In 1y,
then the fractional error in & is

7 —1 r\?
k‘k =GCiny \/(70)2 + (}) (7)

Taking the derivative of 7,/k with respect to y and setting it equal to zero,
we have

P =

(ro/r)?»* + 1+ Iny =0 ®
which is the condition that the percentage error in 2 shall be a minimum.
Since the probable error in the concentration, instead of being a constant
percentage error, is almost always a constant quantity independent of the
concentration, 7, will be equal to . Equation 8 then becomes: —Ilny =
y*+4 lory = 0.33. Thus, for the case when the error in time is negligible,

s R. T. Birge, Phys. Rev. Suppl., 1, 5 (1929).
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the greatest probable accuracy in % is obtained by calculating it for the
interval during which 67%, of the material reacts.

In the case of fast reactions, the error in measuring the time may have a
greater effect on the rate constant than the errors in measuring the con-
centration. One may calculate 7;, the probable error in the initial con-
centration which would produce the same error in & as does the error in
(¢t — t). From Fig. 2 one can see that tan § = k and therefore for
small values of 7,, *'1n c, = k#i,. 7'1a ¢, is the probable error in In Cp which
would produce the same probable departure from the line as does the
actual probable error in 4. The probable error 7; in reading the time is
independent of time, and therefore the probable error in (¢, — &) will be
/2 7. One may consider that £, is entirely accurate and that all the
error is in f, and equal to 7, /2. Since 7y, ¢, = 75/Co, and 7, is set equal
to 7 \/§, we have

ty = krCo V2 ©)
Therefore one may consider the time as always correct and that there is a
probable error in the initial concentration 7, due to error in measurement of
the concentration, and another probable error in the initial concentration
7y or kr,C\/2 due to errors in measurement of the time. Since the
probable error in concentration # is independent of time, then 7, may be
replaced by 7 and the effective probable error expressed in terms of the

initial concentration will be V72 + (kr,Co v/2)%. Substituting this for 7,
in Equation 8, the general equation for optimum time will be

(krico)z %+t +1+Iny=0 (10)

Table I gives for different ratios of (k7,Co)/7, the values of 1 — 1y, the
fraction which has reacted. Thus one can determine how far to let a

TaABLE I

1—y9 Ratio

y (fraction changéd) (kr¢Co)
0.33 0.67 0.0
.3 .70 0.8
.2 .8 2.7
.1 .9 8.0
.05 .95 20.0

unimolecular reaction proceed in order to obtain the greatest probable
accuracy in the rate constant, regardless of the probable errors in time and
concentration. The probable errors in time and concentration must be
estimated by the experimenter. When applying this formula it is only
necessary to know an approximate value of the rate constant &, but it must
be in terms of natural logarithms and the unit of time in which 7, is ex-
pressed. It should be remembered that these probable errors are probable
departures from the correct values and not percentage errors.
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Methods Applicable to Bimolecular Reactions

When x Is Measured Directly.—When the concentrations of the react-
ing substances are the same, one can calculate the rate constant from the
amount reacting during two equal consecutive time intervals. For these

intervals
1 1

ke — 1) = = — o (11)
1 1
k(ts — 2) e (12)
Iftz‘—tl = t3——t2then
1 1 1 1
O —% G—-x 4—% @-mx (13)
and
_ 2K1%3 — X%y — XoXs
Tt =2+ m 14

Substituting this value of a in either equation (11) or (12), one obtains
— %) — (x5 — 2
k=%&ﬁm&—%m@b (15)
where 7 is the time interval between x; and x; as well as between x; and x;.
If AC, and AC, are the changes in concentration during two equal and
consecutive time intervals, Equation 15 may be written
1(AC — ACy)?
21-( AC + AG)AGAG

Equation 15 may also be written

= 1 _ X3 — X2
B 27(xs — x1) Lag — xz - 1] [1 Xo — xl] an

Since (x3 — ) is always smaller than (x; — x;), which is smaller than
(%s — x1), one can see from equation (17) that when 7 is more accurately
known than (x3 — x), the error in & will always be largely due to the error
in (%5 — x2). The probable accuracy in £ will be very nearly a maximum
when (s — x) is a maximum. Letting 4, = 0, then x; = 0 and equation
(13) becomes

(16)

2 1 1
a—xg—;_a—xa (18)
or
_ xg(a - xz) (19)

(03 — %) = @+ x2)
In order that ;3 — x; shall be a maximum, its derivative is set equal to zero.
e - T R R -0 0)
This reduces to x; = 0.414a¢. Thus, when the rate is calculated from
Formula 15 and the time interval is more accurately known than x; — xs,
the probable error in % will be smallest when about 41%, reacts during the
first time interval.
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When (¢ — x) is Measured Directly.—The integrated equation for a
bimolecular reaction, when the concentrations of the reactants are the
same, may be written

c G

The probable error in concentration 7 is small compared to the concentra-
tion, and therefore one may use the series expansion 1/(c — 7) = 1/C —
r/C?* + r?/C? — ... and neglect all terms except the first two. The error
in 1/C will then be r/C? and the probable error in & due to errors in con-

centration will be
\/( &)+ (&) @

Letting y = C/C,, dividing by k and letting k¢t = 1/C — 1/C,, one obtains

1'2
e _ \/ nt -
k Co(l/y - 1)

The probable error will be a minimum when the derivative of 7;/k with
respect to y is zero.

d(:ik;k) = [(1 )( 272) (r0 - 53 2 ;_i)'/a] E _ 1] -2 ©3)

Setting this equal to zero, we have
(2 y 42y =1 (24)

One may calculate the probable error in the initial concentration ry that
would produce the same probable error in k, as does the actual probable
error in time 7,, By the same procedure that was used for the unimolecu-
lar reaction, one obtains 7, = k#,C% 4/2, the effective probable error in the
initial concentration will be vV (k7,C2 /2)? + 72 and the general equation
for optimum accuracy will be

2\ 2 .
(I%Z:Eg) 2yt 4y 42y =1 (25)

11 1
k=7

Table II gives the values of (1 — v) for different values of the ratio k7,Cj/r.
Thus for the case when the concentrations of the reactants are the same,

TasBLE II
OprmMuM CONCENTRATION CHANGE FOR BIMOLECULAR REACTION
Fraction changed (1—7%) 053 06 07 0.8 09 0.95
Ratio kr.Ci/r .0 1.8 5 14 63 268

one may determine how much should react in order to obtain the maximum
accuracy in k. In order to do this, one needs to know an approximate
value of £ and ene has to estimate the probable error in measuring the
time and concentration.
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Summary and Conclusions

The rate constants of both unimolecular and bimolecular reactions can
be calculated analytically when the initial concentration or time cannot be
determined. This method, however, is not to be recommended when it is
possible to determine the initial concentration accurately by direct means,
since it has greater probable error.

The commonly used simple arithmetical average of rate constants is
entirely incorrect and should never be used except for averaging rate
constants calculated from entirely independent data, and then only when
the probable errors are nearly alike. The method of least squares should
be used with caution. The graphical method may be used in all cases
where each point on the graph represents entirely independent data.

The author recommends that one should first determine whether the rate
law holds within experimental error. Then, in case it does, one should
take more data in such a manner that a number of values of 2 can be
calculated from entirely independent data for approximately the optimum
concentration change. These values of # may be averaged graphically or
by taking the simple arithmetical average.

MaADp1soN, WISCONSIN

[CONTRIBUTION FROM THE CHEMISTRY DEPARTMENT OF THE UNIVERSITY OF MANITOBA ]

THE PHYSICAL IDENTITY OF ENANTIOMERS. THE
CAMPHORIC ACIDS

By ALAN NEwWTON CAMPBELL

RECEIVED JANUARY 20, 1931 PuBLISHED May 6, 1931

In a recent paper! the author in collaboration with another was able to
produce evidence that the d- and l-mandelic acids are not absolutely
identical in their physical properties. Private criticism made at that time
rested upon the contention that the d-form was not quite pure, despite the
facts that the rotation of d-form was normal, and that the rotatory disper-
sions or rather differences in rotation for the two lines used, were the same,
which would not be the case if one form were impure. Nevertheless, in
view of this contention, it was thought advisable to prepare the next pair of
enantiomers from independent optically active sources of opposite rotation.
I am indebted to Dr. Kenyon for the suggestion that I should use the d- and
I-camphors, or rather the camphoric acids obtainable from them. I have
been exclusively occupied for the past fifteen months with this work, most
of the time being spent on preparation and purification. As I surmise that
criticism will, as usual, be directed rather to this question of purity than to
ability to determine physical constants, I give a detailed statement of the
methods of preparation and purification.

1 Campbell and Garrow, Trans. Faraday Soc., 26, 560 (1930).
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Preparation and Purification

Pure d-camphor was purchased from British Drug Houses (m. p. 176.3° (uncorr.)):
three hundred grams of d-camphor was heated with 2400 cc. of nitric acid (d 1.42) and
1600 cc. water for sixty-five hours on the water-bath. The product was cooled and the
crude d-camphoric acid filtered off.

The crude product was purified as follows. It was dissolved in 10% caustic soda
and extracted with ether to remove unchanged camphor. The acid was reprecipitated
with hydrochloric acid, dried and converted into its anhydride by refluxing with acetyl
chloride. Excess acetyl chloride was removed by shaking with cold water. The an-
hydride was then dissolved in boiling alcohol and the solution allowed to crystallize.
The purified anhydride was then hydrolyzed by boiling with potassium carbonate solu-
tion. d-Camphoric acid was precipitated from the alkaline solution by addition of hy-
drochloric acid. The precipitate was filtered and washed, and then recrystallized ten
times from boiling water, the first crop of crystals being always rejected; 50 g. of d-cam-
phoric acid was eventually obtained.

In order to decide whether this repeated recrystallization would constitute a purifica-
tion from the opposite enantiomer, supposing it to be present, the solubility diagram for
d-, I- and r-camphoric acids was determined, for 16°. The results were

Solid phase:
Dextro Inactive Inactive and dextro

0.12d [0.63d
0.121 10.041

Solubilities, g. per 100 g. of water { 0.679

When these figures are plotted Fig. 1 is obtained.
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Fig. 1.

The titration of the two acids eventually obtained, by standard baryta,
gave equivalent weights of 99.90 (levo) and 100.00 (dextro); caled.,
1/5-200.13.
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From the diagram it is apparent that the solid phase in contact with
solution throughout the greater course of the curve is the racemic form.
It therefore follows that if a solution of the d-form contains any appreciable
quantity of the /-form, racemic form will separate from the solution (at
room temperature) until the solution contains 0.63 g. of dextro and 0.04 g.
of levo per 100 g. of water. Further evaporation will result in the deposi-
tion of d- and I- in the above proportions. Further than this, therefore, the
purification of dextro cannot be carried. If, however, as has hitherto
been stated, enantiomers are completely identical, then the complete
solubility diagram will be perfectly symmetrical, and the recrystallization
of the levo form will also result in a product which will be impure with
opposite enantiomer, to precisely the same extent. Hence any objections
urged against the differences in physical properties on the score of impurity
fall to the ground.

Each recrystallization was allowed to stand overnight, in contact with
the mother liquor, after separation and rejection of the crystals first ap-
pearing. Under these circumstances it is improbable that equilibrium was
not attained, in view of the relatively large amount of active form sepa-
rating from the solution.

The form of the solubility diagram bears out the contention of Ross and
Summerville? that the racemate is a very stable one.

It was at first attempted to prepare l-camphoric acid from /-camphor, but it was
found that commercial /-camphor was hopelessly impure. Recourse was therefore had to
l-borneol as the starting material. I-Borneol was obtained from British Drug Houses,
and it had the following physical constants: m. p. 203.5°% [a]X¥ —37.6 (in alcohol).
The l-borneol was purified by the method of Haller.? The J-borneol acetate was distilled
under reduced pressure, before freezing, to free it from non-volatile impurities. The
purified /-borneol was then oxidized with nitric acid and purified in the above manner.
The product eventually obtained had a chemical equivalent of 99.90, as against 100.00
for the d-form (caled. 100.07).

In connection with the question of purity, the appearance of the prepa-
rations was well worth noting. They consisted entirely of large, clear,
well-shaped crystals, of an average diameter of 5 mm. Apart from oc-
casional twinning, they were well-shaped rhombohedra, having the hemi-
hedral facets well developed. Admixture with the opposite enantiomer
would have resulted in the formation of the racemic form, with a holo-~
hedral structure. After examining such a preparation carefully with a low-
power lens, it is impossible to believe that it is not homogeneous.

Melting Points of the Camphoric Acids.—These were determined by
the method described in the previous paper.! The precautions there
described were repeated in the present instance. The following figures
were obtained for the melting points of successive crops of crystals.

2 Ross and Summerville, J, Chem. Soc., 2778 (1926).
3 Haller, Ann. chim. phys., [6] 27, 422 (1892).
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TABLE I
MELTING POINTS

All these figures are uncorrected and therefore low, but the same thermometer was
used for all determinations.

Dextro.........ooonnnnn. 187.5 188.0 186.0 186.0 186.0
Levo....ovviveinnneeennn 183-189° 186.5° 186.5° 186.5° 186.5"

¢ Large but distorted crystals deposited slowly from aqueous solution of crude
product. °® Successive recrystallizations of product.

Solubilities.—The solubilities were determined in water, since, though
the solubility in acetone is conveniently large, camphoric acid forms a
compound with acetone (private communication from Professor Smits).
All solutions were filtered in the thermostat, by means of an apparatus
previously described,* the saturated solution was weighed, and a weighed
portion titrated with baryta. Solubilities are expressed, as usual, in
grams per 100 g. of solvent.

TasLE 11
SOLUBILITIES IN WATER

Temp., °C. Dextro Levo Temp., °C. Dextro Levo
16.0 0.665 25.5 0.705
16.0 .657 29.9 .710
18.0 715 30.0 0.802
20.1 0.682 35.0 .92
24.8 .74 35.5 77
25.0 .765 40.0 1.00 .88

These results, when plotted, yield Fig. 2.
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Fig. 2.—Solubilities of d- and /-camphoric acids in water: D,
dextro; L, levo.

Specific Rotatory Power.—The instrument which I used in Aberdeen
and the method of work are described in the previous paper.! Since com-
ing to Winnipeg, I have used an identical instrument, except that it has no

+ Campbell, J. Chem. Soc., 179 (1930).
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spectrometric attachment. Determinations with this instrument were
therefore made with sodium light. Solutions were made up by weighing
in the first place, but in order to be entirely independent of graduated
apparatus, the densities of the solutions were determined in a pycnometer
holding 11.660 cc. of water at 4°. A weighed portion of the solution was
then titrated with baryta and calculated by the formula
. a X 100
leh = o %2

Specific Rotatory Power in Water.—A single determination of this was
made, with the result [a]}’- 55 + 46.3°.

Specific Rotatory Power in Alcohol.—The alcohol used was the ordi-
nary rectified alcohol, having d}® 0.80275. It therefore contained 96.99%,
of alcohol by weight. An 8-liter glass jar was filled with this alcohol, in
order that identical solvent might be used throughout. In a few experi-
ments carried out in Winnipeg I was of course obliged to use a different
sample of alcohol, but it had an almost identical density and was used for
both forms. The specific rotatory powers, at 18°, were as given in Table
I11.

TasLg 111
SpPECIFIC ROTATORY POWERS IN ALCOHOL
Dextro- Levo Dispersion,
? A= 5060 4+ 4610 A=05960 A =4610 [alrn=35960 — [«]r=4610
1.21 +51.8 +77.5 25.7
1.24 —47.0 —76.5 29.5
1.86 -+49.0 +75.0 26.0
2.44 —44.7 -70.9 26.2
2.50 +47.7 +74.4 26.7
3.92 +47.5 +73.8 26.3
4.90 +47.3 +73.5 26.2
4.95 —44 .4 —70.4 26.0
8.05 +46.9 +72.7 24.8
9.55 —44.06 —69.5 25.45
9.75 +46.7 +72.1 25.4
Dextro Levo
p t=252° A = 5806 A = 5896

1.22 +52.0

1.33 —48.0
2.51 +48.3

2.52 —47.0
3.78 +48.3

4.43 —45.0
9.6 +47.3

9.70 —43.0

When these figures are plotted the curves of Fig. 3 are obtained. The
dispersions appear to be identical, while the rotations differ. Apart from
the evidence of purity which this affords, it may have a theoretical sig-
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nificance. According to Hunter® dispersion is a more fundamentally
constitutive property than rotation and, if this view is correct, it would
seem to indicate that the difference between enantiomers is not constitu-
tive, in the ordinary sense of that word, as indeed it could not be, but of a
more superficial character.
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M, Dextro, A = 4610; N, levo, A = 4610. R, Dextro, A = 5960; S, levo,
M = 5960. T, Dextro, A = 5986, 5890; V, levo, A = 5896, 5890.
Fig. 3.

Conclusion.—The theoretical implications of these results have already
been discussed in the previous paper.!

Summary of Results

1. Dextro and levo camphoric acids have been prepared in a state of
purity.

2. The melting points, solubilities and specific rotatory powers of the
two forms have been determined and compared.

UNIVERSITY OF ABERDEEN
UNI1VERSITY OF MANITOBA
WINNIPEG, CANADA

5 Hunter, J. Chem. Soc., 123, 1671 (1923).



May, 1931 SOLUBILITY OF CHLORINE IN CHLORIDE SOLUTIONS 1667

[CONTRIBUTION FROM THE RESEARCH LABORATORY OF PHYsicAL CHEMISTRY,
MassACHUSETTS INSTITUTE OF TEcHNOLOGY, No. 249]

THE SOLUBILITY OF CHLORINE IN AQUEOUS SOLUTIONS OF
CHLORIDES AND THE FREE ENERGY OF TRICHLORIDE ION

* By M. S. SHeErRrILL AND E. F. IzARD

RECEIVED JANUARY 21, 1931 PupLisHED MAy 6, 1931

Introduction

Previous investigations! show that the solubility of chlorine in water is
decreased by small additions of hydrogen chloride, but is increased by
larger additions. The initial decrease in solubility is readily explained by
the depression of the hydrolysis of the dissolved chlorine by the added acid.
At the higher concentrations of added acid, however, where the percentage
hydrolysis is reduced to an extremely small value, a further decrease in
solubility might be expected to arise from the salting-out effect of the
hydrogen chloride. Actually an increase in solubility has been observed
which indicates the formation of a complex ion, probably the trichloride
ion, in sufficient amount to more than compensate the salting-out effect.

In contrast to hydrogen chloride, additions of sodium chloride to water
continue to decrease the solubility of chlorine, even at the higher concen-
trations. This indicates that the salting-out effect predominates over the
complex ion formation in determining the total solubility. This view is
confirmed by the fact that the salting-out effect of the metallic chlorides
is in general considerably greater than that of hydrochloric acid.?

In order to test these views more quantitatively, a systematic study
was made of the solubility of chlorine at a pressure of one atmosphere and
25° in solutions of sulfuric acid, hydrogen chloride and a series of other
chlorides. The results were compared with existing values of the solu-
bility of oxygen in the presence of the same series of electrolytes. The
solubility data relating to oxygen were taken from the compilation of
Randall and Failey? and from an investigation by McArthur.® The
theoretical considerations involved in the interpretation of the results of
the solubility determinations are briefly as follows.

The dissolved chlorine exists in the saturated solutions partly in the
form of free chlorine (Cly), partly in its hydrolyzed form (HCIO), and the
remainder in the form of the complexion (Cl;~). Inthe case of the sulfuric
acid solutions saturated with chlorine the complex-ion formation is in-
appreciable, and the small hydrolysis can be computed, so that the salting-
out effect of the electrolyte on the chlorine as such can be estimated and
compared with the corresponding effect on the dissolved oxygen in its

1 Jakowkin, Z. physik. Chem., 29, 613 (1899).

2 Scatchard, Chem. Reviews, 3, 398 (1927); Randall and Failey, 7bid., 4, 271 (1927).
3 McArthur, J. Phys. Chem., 20, 495 (1916).
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saturated solution. This is conveniently done by computing the ratio
So/s of the saturation concentration of chlorine (Cl; as such) in pure water
to its value in the presence of the electrolyte, and comparing it with the
corresponding value for oxygen. This ratio represents the activity co-
efficient of the chlorine, or of the oxygen, in the presence of the different
electrolytes.

Debye and McAuley* have shown, with the aid of the ion attraction
theory, how the activity coefficient of a non-electrolyte in the presence of
electrolyte varies, for a given solvent, with the nature and concentrations
of the non-electrolyte and electrolyte. Though the derivation of this
theoretical relation is complicated, the final result may be expressed for
this special case of gas solubility by the relatively simple equation

So op) 1 - 21)2
Log =k (bs) ; 2(Cizi)

In this equation K is a constant characteristic of the solvent at a tempera-
ture T, the ratio On/Os is the rate of change of the dielectric constant of the
solution (containing only non-electrolyte) with the concentration s of the
non-electrolyte, 7 is a mean of the radii of the ions present, and ¢; is the
concentration and z; the charge of any ion of kind ¢ (hence 1/,Z(¢;2;)?is the
ionic strength). The ratio On/0s may be assumed to be independent of
the concentration s, and therefore regarded as a constant characteristic of
the non-electrolyte.

It follows from this theory that the saturation concentrations of chlorine
and oxygen in different electrolytes of the same ionic strength must bear
the definite relation to each other expressed by the equation

Log (so/s)ct

Log (s0/5)oa
That is, the theory requires that at small concentrations this logarithmic
ratio be independent of the particular ionic strength at which the solu-
bilities of the two gases are compared, and also of the nature of the ions
which make up that ionic strength.

Direct comparison of the solubility of chlorine with that of oxygen in
solutions of sulfuric acid up to a concentration 1 formal (the concentration
range covered by the compilation of Randall and Failey?) showed the
activity coefficients of these two gases to be nearly the same, and corre-
spondingly the logarithmic ratio to be approximately equal to unity.
Thus, in 1.036 formal sulfuric acid the activity coefficients of the chlorine
and oxygen in their saturated solutions were 1.170 and 1.185, respectively,
and the corresponding logarithmic ratio was 0.925.

In the interpretation of results this value for the logarithmic ratio was
assumed to hold at all ionic strengths, and accordingly the concentration of
free chlorine (Cly) in the various chlorine saturated solutions of chlorides

4 Debye and McAuley, Physik. Z., 26, 22 (1925).

= Const.
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was computed from the known values of the solubility of oxygen in the
same solutions with the aid of the equation
Log (so/s)c1z = 0.925 log (so/5)o2 (1)
The hydrolyzed portion (HCIO) of the dissolved chlorine was calculated,
as indicated below, with the aid of the mass action law, and the remainder
of the dissolved chlorine was assumed to be trichloride ion (Cl;7).
The equilibrium conditions of the reaction Cl; + H:O = H* + Cl~ +
HCIO, are represented by the equation
[H+][CI-](HCIO] _ «2(H*)(CI-)(HCIO) _
[CLIH0]  —  (Cl/p)
in which the activities of the substances are indicated by brackets and the
concentrations (expressed in moles per 1000 g. of water) by parentheses.
The symbol « is the mean activity coefficient of the H+ and Cl— ions;
and p/po is the ratio of the vapor pressure of water in the solution to that of
pure water. The value for the equilibrium constant K of the hydrolysis
reaction was taken from Lewis and Randall® to be 4.84 X 10—% The
' mass action expression for the hydrolyzed part of the dissolved chlorine
varies with the type of added electrolyte. The equations employed in
computing the concentration of the hypochlorous acid (HCIO) in ¢ formal
solution of the various substances were as follows

K 2

(HCIO0) = K 8/29) [E(Czl’c)a; (HCIO)] ¢ 7,50, ®)
(HCIO) =K (—1’%2—5 for HCI @)
(HCI0)? = K gﬁé%)s for NaCl or KC1 5)
mcio) = K B2 for BaCly ©)

In applying Equation 3, the mean activity coefficient of the H+ and
Cl1- ions was placed equal to that found by Livingston® at the same ionic
strength for H* and Br~ in mixtures of sulfuric acid and potassium bro-
mide. The equation was derived under the assumption that H,SO,
is completely ionized into 2H* and SO,~, since Livingston had made this
assumption in evaluating the mean activity coefficients of hydrogen and
bromide ions.

The values for the activity coefficient « substituted in Equation 4 were
taken from Lewis and Randall;’ in Equation 5 from Harned;® and in
Equation 16 from Harned and Brumbaugh.®

5 Lewis and Randall, ‘““Thermodynamics and the Free Energy of Chemical Sub-
stances,” McGraw-Hill Book Co., New York, 1923, p. 508.

¢ Livingston, THIS JOURNAL, 48, 45 (1926).

7 Ref. 5, p. 336.

8 Harned, THIS JOURNAL, 48, 326 (1926).

-9 Harned and Brumbaugh, #bid., 44, 2729 (1922).
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Experimental Procedure

The solutions of the various electrolytes which were to be saturated with chlorine
were prepared of known strength, and the conditions of saturation, described below, were
so regulated that no change in concentration could result from the absorption of the
chlorine. In consequence it was only necessary to analyze the saturated solutions for the
total amount of dissolved chlorine. The solutions of sulfuric and hydrochloric acid were
prepared by adding a weighed amount of distilled water to a weighed amount of a stock
solution whose composition by weight had been carefully determined. The sodium,
potassium and barium chloride solutions were prepared by adding weighed amounts of
distilled water to weighed amounts of the carefully purified and dried salts.

The chlorine was prepared by the action of hydrochloric acid on chromic acid, and
bubbled through the solution under investigation in an absorption train. As a pre-
caution the absorption train was painted black to prevent the decomposition of chlorine
by light. A brief description of the apparatus and method of saturating the solution
with chlorine follows.

Two hundred cubic centimeters of 6.0 normal hydrochloric acid (the constant boiling
mixture of hydrochloric acid and water) was added to a one-liter round-bottomed flask

provided with a water-cooled return condenser. Into this flask
were sealed two side tubes connecting with large funnels, and so
" arranged that concentrated hydrochloric acid could be delivered
G through one of these tubes beneath the surface of the liquid in the
J \H flask, and a saturated solution of chromic acid introduced through
the other. The flask was heated by means of a ring burner, and
the rate of influx of the two acids was regulated so as to keep the
concentration of the hydrochloric acid in the flask nearly equal to
that of the constant boiling mixture. The moist chlorine on leaving
the condenser was bubbled through the solution under investigation
in two washing bottles placed in series, and finally through a third
portion of the solution in a bubble-tube, shown in the figure, which
was especially designed to insure complete saturation and easy re-
moval of a sample for analysis without loss of chlorine. The pre-
liminary washing of the chlorine served to prevent loss by evapora-
tion in this final absorption tube. When all air had been displaced
from this train of apparatus and the solution approximately satu-
\_/ rated at atmospheric pressure and room temperature with chlorine,
Fig. 1. the stopcock J was closed to supersaturate the solution by building
up a somewhat larger pressure. After a few minutes stopcock H
was closed, and the tube disconnected at the ground glass joint G. The tube was then
placed in a rocking device in a thermostat at 25 = 0.01°, and slowly rocked under these
conditions for a short time. Finally stopcock J was opened and the agitation continued
for three or four hours to ensure the solution being saturated with chlorine at the baro-
metric pressure. In removing a sample for analysis the tube was placed in a vertical
position in a rack in the thermostat. By applying pressure at J with both stopcocks
open, the sample of solution was forced out through H directly into a weighing bottle
containing a solution of potassium iodide. The iodine liberated in this weighed sample
was determined by titration with sodium thiosulfate using starch as an indicator.

Tabulation and Discussion of Results

The results of the determination of the solubility of chlorine at 25° and
one atmosphere in pure water, and in the presence of the various electro-
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lytes are recorded in the following tables. In computing the solubilities
from the experimental data the partial pressure of chlorine above the
solution was found by deducting from the observed barometric pressure the
vapor pressure of water in the respective solutions. Then the solubility
corresponding to a saturation pressure of chlorine equal to one atmosphere
was calculated by applying Henry’s law, which is valid over the small
range of pressure involved. The values for the vapor pressure of water,
shown in the third column, were obtained for the solutions of sulfuric acid
from Bronsted!® and from Grollman and Frazer,!! of hydrochloric acid from
Dobson and Masson,!? of sodium chloride from Negus,® of potassium
chloride from Lovelace, Frazer and Sease!* (calculated over from 20° to
25°), and of barium chloride, where no data were available, under the
assumption that the vapor pressures of these solutions were equal to those
of potassium chloride of the same formality.

The equilibrium concentrations recorded in the tables were calculated
from the total solubility by the equations considered in the introduction.
The value (0.0592 molal) given in Table I for the molality so of Cl; in pure
water saturated with chlorine at 25° and 1 atmosphere was obtained by
extrapolation of the values for s, the molality of Cl, in the different sulfuric
acid solutions saturated with chlorine, to zero concentration of sulfuric
acid. This value for the solubility constant of chlorine in water was
confirmed by making a similar extrapolation of the concentrations of the
unhydrolyzed portion of the dissolved chlorine in solutions of hydrochloric
acid saturated with chlorine. Since hydrochloric acid has a much larger
effect in depressing the hydrolysis of chlorine than does sulfuric acid, and
since the trichloride formation in the diluter solutions of hydrochloric acid
is inappreciable, this latter method of extrapolation is attended with much
less error.

A comparison of the values (in Table I) for the activity coefficient (so/s)
of chlorine in the sulfuric acid solutions with the corresponding values for
oxygen given by Randall and Failey? led to the adoption of equation (1)
for the converse calculation of the values (in Table II) for the activity
coefficient of chlorine in the chloride solutions. For these calculations
reference was made to the solubility data for oxygen given by Randall and
Failey,? and by McArthur.?

The equilibrium constant of the reaction Cly(g) + Cl— = Cl;~ may be
expressed in either of the following forms

acl- (Cls~ ac- (Cls™)
= aa- (CI) P)Ch or K = eci- ack ((Cl')(Clz) e
10 Bronsted, Z. physik. Chem., 68, 693 (1910).
11 Grollman and Frazer, THIS JOURNAL, 47, 712 (1925).
12 Dobson and Masson, J. Chem. Soc., 125, 668 (1924).
13 Negus, “Dissertation,” Johns Hopkins University.
U Lovelace, Frazer and Sease, THIS JOURNAL, 43, 102 (1921).
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The values for this complex constant recorded in the tenth column of
Table II were calculated by the first of these expressions under the as-
sumption that the activity coefficients (acy,- and acy-) of the ions were
equal; and those in the eleventh column by the second under the assump-
tion that the activity coefficient (acy,-) of the complex ion is equal to the
product (aqy-acy,) of the activity coefficients of the chloride ion and of the

TABLE 1
SOLUTIONS OF SULFURIC ACID SATURATED WITH CHLORINE AT 1 ATM.
Formality Total Vap. press. Act. coeff. Equilibrium Act. coeff.
of HeSO4, solubility, water, of HC1 concentrations of Cls
C =(Clz) PH0 a (HC10) (Chk)=s aclg=5si/s
4.9901 0.04066 16.7mm. .. 0 0.04066 1.45
3.9934 .04278 18.3 .. 0 .04278 1.39
3.0090 .04550 19.9 1.186 0.0014 .04410 1.34
1.9686 .04977 21.7 0.719 .00318 .04659 1.270
1.0240 .05617 22.8 .634 .00535 .05082 1.165
0.4995 .06272 23.3 .579 .00874 .05398 1.097
0.0000 .0923 23.8 .. (.0331) (.0592) 1.000
TasBLE IT

SoLUTIONS OF VARIOUS CHLORIDES SATURATED WITH CHLORINE AT 1 ATM.
Complex constant
K=[Cl5"l/[CI"]pcu

N

N g|T
9 Sls

Formal- Total < 154

ity of solu- VA&P.DPress. Act coeff. of N NG
electro- bility, ©f water, H(C| Clz Equilibrium Concentrations 2 =10
Iyte,C Z(Cl)  pH:0 « so/s s=(Cls) (HCIO)  (Ch-) (CI9) Q 1)

Hydrochloric Acid

5.180 0.1004 17.2 1.228 0.04821 0.000 0.0522  5.128 0.0100 0.0123
3.987 .0914 19.0 1,180 .05017 .000 .0412 3.946 .0104 .0123
2.990 .0824  20.4 1.138  .05200 .000 .0304  2.960 .0103 0117
1.991 .0737 21.7 1.095 .05404 .000 .0197 1.971 .0100 .0110
1.019 .0665 22.8 Ce. 1.052 .05630 .000 .0102 1.009 .0101 .0108
0.496 .0630 23.3 0.762 1.027 .05766 .0001 .0062  0.4908 .0106 .0109

.200 .0619 .. .

.100 .06394

.010 .08264

Sodium Chloride
4.989 0.03087 19.2 1.995 4.076 0.01452 0.00017 0.01618 4.973 0.00325 0.0132
3.989 .03601 20.2 1.336 3.075 .01925 .001054 .01571 3.974  .00395 .0121
2.991 .04161 21.2 1.083 2.318 .02554 .001772 .01430 2.978 .00480 .0112
0.998 .05795 23.0 0.766 1.319 .04488 .005987 .00708 0.997 .00710 .0094
0.501 .06575 23.3 0.731 1.151 .05144 .00954 .00477  0.5058 .00943 .0108
Potassium Chloride
3.913 0.04724 20.7 1.028 2.36 0.02509 0.00160 0.02055 3.984 0.00528 0.0128
3.014 .04865 21.4 0.866 1.96 .03014 .00241 .01610  3.003 .00536 .0105
2.013 .05388 22.3 783 1.58 .03737 .00370 .01281 2.004  .00639 .0101
1.000 .06109 23.0 .711 1.26 . 04694 .00659 .00756  0.9990 .00757 .0097
0.500 .06610 23.4 .706  1.12 .05266 .01003 .00341 0.5066 .00673 .0075
Barium Chloride

1.333 0.04468 22.5 1.011 2.046 0.02804 0.00220 0.01354 2.655 0.00508 0.0106
1.000 .04924 23.0 0.884 1.696 .03491 .00323 .01110 1.992 .00557 .0095
0.667 .05494 23.3 .784  1.406 .04210 .00493 .00791 1.331 .00593 .0085
0.330 .06216 23.5 731 1.173  .05046 .00822 .00348 0.6713 .00521 .0061
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dissolved chlorine. Each series of values thus computed should, on ex-
trapolation to zero concentration of the added chloride, give the true value
for the complex constant.

The best agreement of the complex constants among themselves was
obtained in the case of the hydrogen chloride solutions. Furthermore,
both expressions for computing the complex constant lead to substantially
the same value, namely, nearly equal to 0.01.

This good agreement is accounted for by the fact that in the hydrogen
chloride solutions an increase in solubility of chlorine due directly to the
formation of the complex ion is the predominating effect, and hence the
calculation of the concentration of the trichloride ion from the total solu-
bility is attended with slight error. On the contrary, in the case of the
other chloride solutions the increase in solubility due to complex ion forma-
tion becomes of minor influence, and is more than compensated by the very
large decrease in solubility due to salting-out effect. The effect of hy-
drolysis also enters as a small but appreciable factor.

For example, in the 3.987 formal solution of hydrochloric acid the in-
crease in solubility of chlorine (referred to 0.0592 m) due to hydrolysis is
negligible, the decrease due to the salting-out effect is 15.39), whereas the
increase due to complex-ion formation is 69.6%,. In contrast, in the 3.989
formal solution of sodium chloride, the increase in solubility due to hy-
drolysis is 1.8%, the decrease due to the salting-out effect is 67.59%,, and
the increase due to complex-ion formation is 26.5%,.

In the case of the solutions of sodium, potassium and barium chlorides
the agreement of the values computed for the complex constants with
each other, and with those obtained from the investigation of the hydrogen
chloride, is very satisfactory when there is taken into consideration the
fact that the large salting-out effect of these chlorides on chlorine was
indirectly estimated by comparison with their salting-out effects on
oxygen. Thus, for the sodium chloride and potassium chloride solutions,
the complex constants recorded in the last column agree well among
themselves, and yield an average value approximately equal to 0.01, the
value found for solutions of hydrogen chloride. The values in the tenth
column show greater variation among themselves and are all less than 0.01,
but there appears to be a trend toward this value as the concentration of the
added electrolyte approaches zero. The least satisfactory agreement was
found in the case of the barium chloride solutions, due probably to the
additional approximate assumptions involved in the calculations.

If 0.01 be adopted as the value for the complex constant of the tri-
chloride ion, the free-energy decrease attending its formation out of chlo-
rine gas and chloride ion may be computed by the familiar expression
— AF = RT In K. The result is shown by the free-energy equation

Cly(g) + CI— = Cl3— — 2730 calories
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According to Lewis and Randall at 25°
1/,Ha(g) + 1/2Cla(g) = H* 4 Cl~ 4 31,367 calories
By addition of these two free-energy equations there results
1/,Hy(g) + 3/2Cla(g) = H* 4 Cl;~ + 28,637 calories

That is, AFys = —28,637 calories for Cls~ (or for one formula weight of
aqueous HCls).
Summary

The solubility of chlorine was determined at 25° and 1 atmosphere in
solutions of sulfuric acid, of hydrogen chloride, of sodium chloride, of
potassium chloride and of barium chloride, and compared with the corre-
sponding solubilities of oxygen. By means of such a comparison the salt-
ing-out effect of these electrolytes on the dissolved chlorine was estimated.
This made it possible to compute from the total solubility of chlorine the
extent of trichloride formation in the chloride solutions, and the corre-
sponding value for the equilibrium constant of the reaction Cly(g) 4 Cl~ =
Cl;~. The value for this constant was found to be 0.01, the corresponding
free energy of formation of trichloride ion, in the system of Lewis and
Randall being — 28,637 calories.

CAMBRIDGE, MASSACHUSETTS

[CONTRIBUTION FROM THE RESEARCH LABORATORY OF THE GENERAL ELECTRIC
CompaNny]

THE COMPARISON OF CERTAIN COMMERCIAL GETTERS

By MarY R. ANDREWS AND JOHN S. BAcoN
RECEIVED JANUARY 26, 1931 PuBLISHED MAyY 6, 1931

For many years certain materials have been used in lamps and vacuum
tubes for the removal of traces of gases so as to improve the vacuum.
These materials may be divided into two classes: (1) those acting as
adsorbents by virtue of their finely divided condition or activation, that is,
those having tremendous surfaces upon which gases can be strongly held
by adsorption, and (2) those which possess high chemical activity. To
the first class belong active charcoal, copper oxide powder, powdered
thoria, etc. The second class includes the alkali metals, alkaline earth
metals, and probably phosphorus—the material so much used in incan-
descent lamps. All of these materials are called “‘getters” in the technical
slang of the day.

The work reported here is confined to a comparison of the efficacy of the
common getters of class two. We have tested calcium, barium, mag-
nesium, sodium and phosphorus for the degree of vacuum produced under
given conditions and the speed with which this vacuum is reached. These
getters are all used as thin coatings on the walls of bulbs or tubes. They
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are produced by evaporation and deposition of the element at much reduced
pressures. This gives a film of large surface and presumably of material
which has been freed of gas.

Kaye, in his book on high vacua (page 31), says that a pressure of 108
mm., or approximately 10~% baryes, is probably the lowest measured
pressure reached as yet. Working with Dr. Dushman, Mr. Bacon, in the
Research Laboratory, recently attained a pressure of less than 5 X 10~°
mm. in a gage connected to a large tube of well degassed charcoal im-
mersed in liquid air. This, then, is a degree of vacuum which it would be
desirable to reach in production of vacua with getters. The best pressure
we have attained in the experi-
ments reported below is about
107" mm., but it is hoped that
further work will so improve
getter technique that this pres-
sure may be materially reduced. A

Method.—A 40-watt lamp-
bulb containing the getter (see
Fig. 1) was connected to an
ionization gage of the type de-
veloped by Dushman and
Found.! There was a short side
arm at C by which the set was
sealed to the exhaust system.
The anode and leads of the gage /
were of molybdenum and the {V{.‘ ¢
filaments of tungsten so that

Fig. 1..—A, Bulb containing getter; B, ioniza-
the whole could be thoroughly (o gage; C, point of exhaust and seal-off.
degassed by current, electron

bombardment and high frequency induction heating. The bulb and gage
were usually of soft glass.

After exhaust and ‘“bake-out” for an hour at 360°, the gage was thor-
oughly degassed and then enough getter vaporized and condensed on the
walls of the lamp bulb to form a mirror over most of the inside surface.
During the vaporization of the getter a considerable amount of gas which
had been contained in it was evolved. This was reabsorbed in large part
by the getter during its deposition, but an appreciable amount remained
free. Therefore liquid air was applied to a trap below the set to catch any
mercury vapor diffusing from the McLeod gage and traps and, after a short
interval of pumping to remove gases that had not been absorbed by the
getter during deposition, the set was sealed off. Pressures were usually
read immediately after seal-off and at suitable intervals thereafter.

! Dushman and Found, Phys. Rev., 17,7 (1921); 23, 734 (1924).
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The ideal method of laying down a getter of this type would be to vapor-
ize and deposit it in a perfect vacuum so that immediately after deposition
it is completely gas free. Gases appearing later in the bulb would then
find a clean reagent in the best condition for reacting with or absorbing
them. In practice there are several different methods of obtaining de-
posited getters. First is the chemical pellet, that is, a mixture of dry
reagents which when heated to a high temperature will react to produce
the desired metal, which is volatile at the temperature of the reaction.
Thus sodium is produced from a mixture of NaCl 4+ Ca. While this
method has been much used, it has the objection that it is difficult, always,
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Fig. 2—Magnesium: effect of increasingly thorough degassing.

to remove the gas completely from any finely powdered material. It is
bound to act like a getter of the first class mentioned at the beginning of the
paper, retaining in considerable quantities adsorbed gas which will be
freed when the mixture is heated. Moreover, if the reaction is exothermic,
the temperature of the powdered mix rises suddenly once the reaction is
started, and the metal is thrown out almost explosively. It would appear
inevitable that in such a case a considerable quantity of dust from the
mixture should be carried out with the metal vapor and be deposited on the
walls of the bulb, where it might easily adsorb gas and later free it. The
gas thrown out at the moment of reaction often gives a pressure of 25-50
baryes or more. It follows that the metal would deposit in the bulb in the
presence of gas and possibly be contaminated with a considerable amount
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of powdery solids. The reason for the widespread use of such pellets is,
of course, the convenience of handling the mixtures as compared with
that of introducing the inflammable, low-melting metal as such.

A second method, used in depositing such metals as calcium and mag-
nesium which can be produced in the form of large diameter wire, or rods,
is to mount a short piece inside a spiral filament. When a current is
passed through the filament, the metal inside is vaporized. The objection
to this method is that the wire as manufactured at present always contains
a large amount of gas and it appears to be impossible to preheat it evenly
with the spiral so as to degas completely before vaporizing.
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Fig. 3.—Calcium: effect of degassing.

A third method is to enclose the getter either pure or as an alloy in an
envelope of a highly refractory metal such as molybdenum which will not
give off any appreciable amount of gas and which can be heated by high
frequency induction to a low temperature at first for degassing and later
to a higher temperature for vaporizing the getter. This gives better
results than the other two methods, as is shown in the curves.

Figure 2 shows the very marked effect of degassing magnesium in a
spiral and in an envelope. The upper curve gives the average of two tubes
run without getter, the two next lower curves are of magnesium flashed
from spirals without a previous degassing, the next is of magnesium de-
gassed by running the spiral at a bright red temperature for about fifteen
minutes before the temperature was raised to vaporize the metal. The
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fifth and sixth curves are of magnesium degassed in molybdenum envelopes
at a dull red for about fifteen minutes. The seventh curve is of magnesium
in a molybdenum envelope, very well degassed and slowly vaporized in a
system which pumped off the gas very rapidly.

Figure 3 shows the action of calcium. The two upper curves are of
metal degassed for fifteen minutes in spirals, the three lower of metal
much more carefully degassed. Two of these were calcium heated in
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Fig. 4.—Sodium: effect of degassing. Note slow rate of clean-up
by gassy material.

spirals just to the evaporation point so that deposits were formed in two
hours. The third was calcium which had been distilled twice in vacuum
in a side tube before being distilled into the bulb. Barium gave very
similar curves. It was used in the form of the barium-aluminum alloy
(50-50) from which the barium metal was vaporized by high frequency
induction heating.

Sodium (Fig. 4) shows some interesting characteristics. For the three
upper curves, chemical pellets were used. The clean-up was very slow
and not very complete, though the pellets were always preheated to degas
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them as well as possible. But when sodium was deposited in the bulb by
submerging the latter in a bath of molten sodium nitrate and passing
sodium into the bulb by electrolysis, clean-up occured quickly and very
much more completely, as is shown in the two lower curves.

Phosphorus (Fig. 5) was deposited by coating tungsten filaments with a
suspension of red phosphorus and flashing them to a high temperature.
This vaporizes the phosphorus very quickly, which seems to be essential to
its effectiveness as a getter. There has been considerable work? done on
the action of phosphorus as a getter, but our curves show this material to
be only fair. Possibly larger amounts would yield better results. Our
bulbs were tinged yellow by the deposit but were completely transparent.

We are unable to account with
certainty for the irregularity of
the curves shown. During our
earlier tests we had some diffi-
culty with readings obtained with
the ionization gages when the 0.01 —X
pressures were low, in that they
occasionally became negative.
We found that when this oc-
curred, the gage was generating
oscillations of audible frequency
so that a telephone inserted in the
plate circuit emitted noises. We
eliminated this by lowering the
potential of the plate, but it ap-
pears possible that there might be
higher frequency oscillations present at times, which would affect, some-
what, the pressure readings. We have not verified this. We thought
temperature might have some influence, but tests on all the getters made
after they had cleaned up most of the gas in the tube showed that the
pressure was not affected by change of temperature from 0 to 90°. We are
now testing other forms of ionization gages designed to operate without
oscillating.

The above results point so conclusively to the fact that getters are good
getters only when they are deposited quite gas-free that we are making
experiments on vacuum fusion of them before they are used in vacuum
tubes. The results will be reported later. That it is impossible to degas
getters properly in a spiral and probably impossible without fusion, but
that an effective getter can absorb considerable quantities of gas and
eventually produce a fair vacuum, is shown by Fig. 6. This is the record
of calcium held in a tungsten spiral which had been degassed for three

2 N. R. Campbell, Phil. Mag., 41, 685 (1921); 43, 914 (1922).
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Fig. 5—Phosphorus.
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hours by running the spiral at red heat. Before the getter was deposited,
the tube was sealed off. The bulb containing the getter was then immersed
in liquid air (point L.A. Fig. 6) and the getter deposited by heating the
spiral. It had been thought that by this procedure the depositing metal
might carry down and hold all gases evolved from the hot calcium rod, but
the gas pressure rose to some tenths of a barye during deposition (see point
B). After complete deposition, the bulb was removed from the liquid air.
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Fig. 6.—Calcium vaporized and deposited after seal-off.

The pressure promptly rose to twenty-three baryes. But the getter was
active and absorbed this gas rapidly so that in half an hour the pressure had
fallen to a small fraction of a barye (point C) and in the course of some
weeks had gone below a thousandth of a bar, 1. e., less than 107° mm.

It seems probable that some of these getters may have specific reactions
with certain gases. The above experiments were all made with residual
gas, that is, chiefly gas freed from the getter itself plus the possible traces
escaping from the walls and metals of the getter bulb and gage. We have
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under way, however, a series of experiments in which getters are dosed
with pure gases such as hydrogen, water vapor, etc. These will be re-
ported later also.

The curves obtained from getters in vacuum suggest that the final clean-
up of traces of gas in vacuum tubes is due to voltage discharge, 1. e., voltage
clean-up. We are undertaking some experiments of this effect both with-
out getters and in their presence.

Summary

Measurements made on a series of chemically active getters show that
differences in the previous treatment of the getters to remove gas are of
far greater importance than differences between the getters themselves in
production of high vacuum. Poorly degassed getters absorb residual gas
slowly and reach equilibrium at higher pressures than those attained by more
gas-free material. These pressures do not depend on temperatures between
0 and 90°.

SCHENECTADY, NEW YORK

[ConTRIBUTION FROM THE CHEMICAL LABORATORY OF UNION COLLEGE]

THE THERMAL DISSOCIATION OF CALCIUM HYDRIDE

By CHARLES B. HURD AND KENNETH E. WALKER

RECEIVED JANUARY 29, 1931 PusLisHED MAY 6, 1931

Introduction

The thermal dissociation of the hydrides of the alkali metals and of the
alkaline earth metals has been the subject of considerable study. Various
methods have been used, the general procedure being to heat the solid
hydride to a definite temperature and measure the equilibrium pressure of
the gaseous hydrogen.

In the earlier studies little or no attempt was made to shield the glass or
quartz system from possible chemical action with the metal hydrides or
their dissociation products. This action is serious at the high temperature
at which calcium hydride undergoes appreciable dissociation. Recent
investigators have attempted to shield the quartz tubing from chemical
action. In the present paper, the writers describe an apparatus which is
the result of experiments over a period of about four years. The apparatus
is the only one which has been found to work satisfactorily with calcium
hydride. It will, we believe, give satisfactory results in any of the higher
temperature hydride investigations. Results are given here for the dis-
sociation of calcium hydride. The dissociation of barium hydride is being
studied and it is hoped that work on strontium hydride may be started
soon.
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Historical

Calcium hydride is easily prepared by heating metallic calcium or certain
alloys of calcium in hydrogen gas. The work of Guntz and Bassett,'
of Moissan,? and of Bronsted,® is typical. Recently, Proskurnin and
Kasarnowsky* have used the utmost care in preparing and handling the
product. It is interesting to note, however, that the observations of the
different investigators on the rate at which hydrogen is absorbed by the
heated metallic calcium do not agree.

The results of the several studies on the thermal dissociation of calcmm
hydride appear to fall into two classes. The results of some investigators
show a series of equilibrium pressures and temperatures which are repro-
ducible and which fall upon a single curve. This curve is typical of a
monovariant equilibrium consisting of a gas phase with one or more con-
densed phases. The results of Brénsted,® of Kraus and Hurd,’ and of
Remy-Cenneté,® show only one equilibrium curve.

Other investigators have found evidence that more than one equilibrium
is possible, depending upon the relative proportions of calcium and hydro-
gen present. Moldenhauer and Roll-Hausen” believe that the dissociation
takes place in two stages according to the equations

CaH, = CaH + !/,H,

CaH = Ca + !/,H,
Kassner and Stempel® have also found two equilibrium curves. The
results of Ephraim and Michel,’ and those of Hiittig and Brodkorb,”
also show the apparent existence of more than one type of equilibrium,
depending upon the relative amount of hydrogen which has been with-
drawn from the original calcium hydride.

A source of error, common to the work which has been mentioned, is the
possibility that calcium hydride or some solid product of the dissociation,
may come into contact with the quartz container. Calcium hydride and
quartz react at the elevated temperatures employed, setting free gaseous
hydrogen. Hiittig and Brodkorb!? found a steady increase in the pressure
of hydrogen when the system was held at constant temperature. On the
other hand, Kassner and Stempel® have shown by experiment that only a
negligible loss of solid out of the equilibrium mixture occurred in their

! Guntz and Bassett, Compt. rend., 140, 863 (1905).

? Moissan, Ann. chim. phys., 7, 18, 289 (1899).

3 Bronsted, Z. Elektrochem., 20, 81 (1914).

¢ Proskurnin and Kasarnowsky, Z. anorg. allgem. Chem., 170, 301 (1928).
§ Kraus and Hurd, THiS JOURNAL, 45, 2559 (1923).

¢ Remy-Cenneté, Compt. rend., 189, 579 (1929).

7 Moldenhauer and Roll-Hausen, Z. anorg. Chem., 82, 130 (1913).

® Kassner and Stempel, Z. anorg. aligem. Chem., 181, 83 (1929).

9 Ephraim and Michel, Helv. Chim. Acta, 4, 907 (1921).

10 Hiittig and Brodkorb, Z. anorg. allgem. Chem., 153, 309 (1926).

([
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experiments. In the work of Kraus and Hurd,® the calcium hydride was
held in a vertical iron cylinder, with the lower end closed and the upper end
open. The purpose of the iron cylinder was to protect the quartz tube.
Some blackening of the quartz tube occurred, however, near the mouth of
the iron cylinder.

Another possible source of error in these experiments is, obviously, that
some of the solid products of decomposition may sublime to a cooler part
of the quartz tube. Here they may reabsorb hydrogen, reducing the
measured pressure and giving a false value for the equilibrium pressure at
the temperature measured. The present study was made to eliminate
these possible sources of error.

Apparatus

The logical improvement in the apparatus used for the determination of
the dissociation pressure of calcium hydride would be to hold the calcium
hydride inside the quartz tube in a closed container which would be perme-
able to hydrogen but not to calcium or calcium hydride. There are few
such materials.

It was found that platinum or palladium could not be used, since small
pieces of these metals alloyed with calcium. A long series of experiments
was made, using closed cylinders of pure iron.!!

This material was abandoned during 1929 when we found that consistent
results could not be obtained. We note that Remy-Cenneté® has recently
used the same method with one difference. He used an iron cylinder with a
thin sheet of iron welded over one end.

We have found that nickel is the best material which we have tried. It
is possible that cobalt might work successfully. The results with nickel
over a period of a year have been so successful that we are prepared to
recommend nickel.

The apparatus used is shown in Fig. 1. A clear quartz tube, A, 16-mm. in diameter
and 102 cm. long was supported horizontally, in the electric furnace D. A chromel—
atumel thermocouple B was so placed that its end touched the quartz tube even with the
nickel cylinder C.

The nickel cylinder C was made of a 10.2 cm. length of pure nickel tubing. The
wall thickness was 1.27 mm. and the outside diameter 9.6 mm. Two short tapered plugs
of pure nickel were turned in a lathe. The short cylindrical tube and the plugs were
carefully cleaned. A plug was driven in one end of the short tube. Several pieces of
freshly cleaned calcium were inserted in the cylinder and the other nickel plug inserted.
These operations were carried out in a standard hydrogen bottle, the calcium having been
cleaned in the bottle before being inserted in the cylinder. The calcium was a special
pure calcium secured from the Research Laboratory of the General Electric Company.
The plugs were pounded into the cylinder. Of six cylinders, made and filled in this way,
two have leaked and four have been satisfactory at high temperatures.

11 Unpublished thesis, Douglas Small, Union College, 1927; unpublished thesis,
Dudley C. Smith, Union College, 1928.
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The outside of the nickel cylinder was cléaned and the cylinder was pushed to the
end of the quartz tube. A connection was made by means of a glass tube F to the glass
measuring system. The tube F must be slid over the quartz tube A and the de Kho-
tinsky joint E must be built up outside the glass tube F. If a glass tube should be in-
serted into the end of the quartz tube and a de Khotinsky joint built over the end of the
quartz tube, it will always soften and suck in when the inner end of the quartz tube is
at temperatures of 800° or over, since the clear quartz transmits radiation very well from
its hot end to the cement at the cool end. An ordinary vacuum manometer G and a con-
nection H to a vacuum pump complete the apparatus. The mercury manometer G
was read by a high grade cathetometer, reading to 0.01 cm.

The chromel-alumel thermocouple B was calibrated at several points. The cold
end was kept in a mixture of cracked ice and distilled water in a vacuum bottle.

@ Jc

5 58 - "

Fig. 1.—Apparatus employed in determining the dissociation
pressures of calcium hydride.

Current through the electric furnace D was controlled, in spite of line voltage varia-
tions of as much as 10 volts by the use of UV-876 ballast tubes. One tube or two or three
in parallel were used in series with the furnace on a 220 volt a.c. line. The single tube
or the parallel two or three tube combinations gave constant currents of 1.7, 3.4 or 5.1
amps. A variable resistance shunted across the furnace allowed any fraction of the
current to pass through the furnace. The necessary ammeters and voltmeters were in-
cluded in the circuit.

A run was made as follows. A cylinder with a fresh charge of calcium, 1.0 to 1.4
g., was placed in tube A. The glass system was attached. The system was pumped
out and the furnace raised to a temperature of 300°. The gases evolved were pumped
out and the system tested for several days for leaks. The temperature was then slowly
raised to 700° any gases evolved being pumped out. Enough specially purified hydrogen
was then admitted to convert not over 909, of the calcium to hydride. After the calcium
had had time enough to absorb 90 to 959, of the hydrogen (several days at this tempera-
ture), the gas remaining unabsorbed was quickly pumped out. All impurities which
would not pass through the nickel were thus removed. The system was then held at a
series of constant temperatures until a constant reading was obtained for the pressure of
the hydrogen. Equilibrium pressures were approached from above and from below.
To secure constancy of such pressures requires about a week at 800°. The securing of
accurate results is, therefore, a very slow process.
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A word of warning might not be out of place. The nickel cylinder works very well
if not heated too high. At temperatures of 950-1000° the process of dissociation and
diffusion takes place much more rapidly than at 800°, but the nickel cylinder undergoes
a change, possibly forming an alloy with the calcium which then becomes nearly im-
permeable to hydrogen. No method was found of preventing this, and such cylinders
were rendered useless.

Data

The results of three independent series of determinations are given in
Table I.- To obtain such data with the apparatus employed requires
considerable time, several days being necessary to obtain a satisfactory
equilibrium reading at the lower temperatures.

TABLE 1

DissoctATION PrRESSURES OF CaLcruM HYDRIDE AT DIFFERENT TEMPERATURES
Series 1 (Fig. 2 circle)

T, °K. P, cm. 1/T X 103 Logiw P
1090 3.93 0.917 . 0.594
1126 7.75 .888 .889
1155 13.65 .866 1.135
1177 20.25 .850 1.306
1210 37.22 .826 1.571
Series 2 (Fig. 2 cross)

1044 1.33 0.958 0.124
1065 2.04 .939 .310

991 0.42 1.009 —.377
1088 3.26 0.919 +.513
1109 5.21 .902 717
1131 8.01 .884 .904
1082 2.84 .924 .453

Series 3 (Fig. 2 X)

1011 ’ 0.45 0.989 —0.347
1041 1.13 .960 4+ .053
1061 1.80 .942 .255
1091 3.53 .916 .548
1116 6.28 .896 .799

The results of these three runs are plotted on Fig. 2. The three sets of
data agree reasonably well, giving a single curve. The greatest discrepancy
occurs at the lowest temperature, where the pressures are lowest and are
subject to the greatest error. In Fig. 3 we plot the results of several
investigators in the field for comparison.

Discussion of Results

We are able to calculate the heat of reaction, AH, for the dissociation of
calcium hydride from the relation

dIn K, _ AH

d1/T =~ R
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where the symbols have their ordinary meaning and where K, = Py.
We find from the slope of the curve, Fig. 2
AHp0° = 51,100 calories

If we use the equation
AH = AHy+ 10T

we are able to estimate AHy, = 50,000 calories.
Values for the heat of reaction have been given by several investigators.
Guntz and Bassett give 46,200 calories as the heat of formation of solid
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Fig. 2.

calcium hydride from its elements, calorimetrically determined, at ordinary
temperatures. Bronsted gives a value of 45,100 while Kraus and Hurd
with open cylinders found 48,400. Kassner and Stempel give 43,300 as
the sum of the heats of reaction for their two stages. The data of Remy-
Cenneté as shown by Fig. 3 would give about 50,000.

The value which we find for the heat of reaction, 51,100 calories, is seen
to be considerably higher than former results, with the exception of the
work of Remy-Cenneté. The agreement between our value and that of
Remy-Cenneté is the more interesting, inasmuch as these two investiga-
tions utilize similar methods of confining the materials other than hydrogen
which are present in the equilibrium mixtures.
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The Mechanism of the Reaction
The opinions of various investigators in this field upon the course of the
reaction for the dissociation of calcium hydride differ. All agree, appar-
ently, that molecular hydrogen constitutes the gaseous product. The
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O, Kraus and Hurd; ®, Hurd and Walker; [, Kassner and Stempel;
X, Remy-Cenneté.
Fig. 3.—Comparison of results of several investigators on dissociation
of calcium hydride.

composition of the solid product or products is not definitely determined,
as we have already mentioned in this paper. The results of Kassner and
Stempel for what they believe to be the equilibrium
CaH; — CaH + !/,H,
are plotted in Fig. 3.
We have been unable to detect any such equilibrium in our investigation.
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We have admitted 909, of the hydrogen necessary to react with a weighed
quantity of calcium to form CaH,, and measured the equilibrium pressure
at about 850°. Then at constant temperature we have withdrawn hydro-
gen by means of the pump in several steps until only about 20%, of the
hydrogen necessary to form CaH, was present. The equilibrium was
allowed to establish itself after each withdrawal of hydrogen. The pres-
sures measured agreed within the experimental error.

Experiments were also made where the equilibrium was approached by
lowering the temperature from a higher temperature equilibrium. This,
of course, caused an absorption of hydrogen and an increase of the com-
bined hydrogen to calcium ratio. The same equilibrium pressure was
found to establish itself as was found when the equilibrium was approached
from a lower temperature, hydrogen having been removed.

We have not, in any case, added to the calcium more than 90% of the
hydrogen, calculated as necessary to form CaH, with the weighed sample

of calcittm nrecent in the nickel tuihe Exneriments are planned in which

n
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the calcium hydride will be formed by enclosing the calcium in the same
type of closed nickel cylinder, placing this in a quartz tube, heating to
800° and passing a stream of pure hydrogen over it until the material has
absorbed all the hydrogen possible. The tube will then be cooled to room
temperature, still in hydrogen, removed, and placed in equilibrium appa-
ratus shown in Fig. 1.

There is no apparent change in curvature of the log p against 1/7 curve
of Fig. 2 at the melting point of calcium, 810°, where 1/T" X 103 = 0.923.
Either these data are not sufficiently accurate to show this change of
curvature or there is no calcium present.

Investigators who have worked with open containers have shown that
calcium, if present, would have escaped from the containers at the higher
temperatures, because of its appreciable vapor pressure. In the present
investigation, only hydrogen could escape through the nickel cylinder,
and we can, therefore, conclude nothing concerning the presence or absence
of calcium.

Summary

An improved method for studying the thermal dissociation of calcium
hydride has been described. The calcium hydride is contained in a closed
nickel cylinder. This prevents action of the calcium or calcium hydride,
on the quartz tube and removes a previous source of error in the deter-
minations.

The method is recommended for any study where hydrogen is the only
volatile constituent and where alloying does not occur with the nickel.

Three sets of data giving the equilibrium pressure of hydrogen as a
function of temperature are given.
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A graph, showing a comparison of results with those of other investi-
gators, is given. '
The value of the heat of reaction for the dissociation of calcium hydride is
found to be 51,100 calories at 1100°K.
A brief discussion is given of the mechanism of the reaction.
ScHENECTADY, N. Y.
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THE OXIDATION OF FREE ALKYL GROUPS. PHOTO-
OXIDATION OF GASEOUS METHYL IODIDE
By JoHN REGINALD BATES AND ROBERT SPENCE
RECEIVED FEBRUARY 2, 1931 PuBLISHED May 6, 1931

One of the greatest difficulties facing most investigations connected
with the oxidation of gaseous organic compounds such as the hydrocarbons,
is the occurrence, at the relatively high temperatures which have previously
been necessary, of numerous incomplete side reactions. These side re-
actions mask the fundamental processes, making complete elucidation of
reaction mechanisms from kinetic studies almost impossible. However,
it can be shown that the photochemical oxidation of alkyl halides, occurring
at 0°, is essentially the oxidation of free alkyl groups and an investigation of
the photo-oxidation of methyl iodide, the simplest member of the series,
seemed to promise some information regarding the fundamental processes
of hydrocarbon oxidation.

Previous workers studying the action of light on alkyl halides dealt with
the liquids, and have, for the most part, come to conflicting conclusions.
Donnan and Burke! and Stobbe and Schmidt? found that oxygen was
necessary for decomposition of ethyl iodide as determined by the produc-
tion of iodine. Job and Empschwiller? found that oxygen was not neces-
sary for the decomposition of either ethyl or methyliodides. In the former
case they were able to obtain what was believed to be a photochemical
“threshold’’ of reaction at 4100 A., which was ascribed to the fact that the
energy of this wave length coincided with the then accepted value for the
C~I linkage. More recently, Iredale* has determined the quantum yield
of ethyl iodide decomposition in the absence of oxygen. This he finds to be
unity, as measured by the iodine liberated, and therefore concludes that
the primary process is the separation of an ethyl group and an iodine atom.
Work on gaseous methyl iodide has been confined to its absorption spec-
trum, first studied by Herzberg and Scheibe.® The absorption is con-

! Donnan and Burke, J. Chem. Soc., 85, 574 (1904).

2 Stobbe and Schmidt, Z. Wiss. Phot., 20, 57 (1920).

3 Job and Empschwiller, Compt. rend., 179, 52 (1924).

4 Iredale, J. Phys. Chem., 33, 290 (1929).

5 Herzberg and Scheibe, Trans. Faraday Soc., 25, 716 (1928); Z. physik. Chem.,
[B]7, 390 (1930).
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tinuous above 2000 A., terminating in a short wave limit at 3000 A. Ac-
cording to the band spectra theories of Franck and his co-workers® this
indicates decomposition as the primary act of light absorption. Since the
band in question is characteristic of the C-I linkage it may be safely as-
sumed that the electronic excitation concerns an electron which goes to
make this bond, and therefore that the decomposition is into a methyl
group and an iodine atom. Mills and Iredale” have also studied the band
and show that its long wave limit corresponds to the latest value for the
C-I linkage, and come to the same conclusion. Absorption spectra taken
by us before the publications of Herzberg and Scheibe are in agreement
with these statements and indeed led to the present investigation.

Experimental

The reaction was followed by observing changes in pressure at constant
volume as recorded on a mercury manometer. The cylindrical reaction
vessel was of clear fused quartz, 50 mm. in diameter, 130 mm. long and
having a volume of 240 cc., with two plane, circular, polished windows
fused onto either end. This was fitted into a metal tank in such a way that
one window was flush with the outer side of the tank, the latter being filled
with ice and water to maintain a temperature of 0°. In this way the
window was free from any condensation of iodine on the inside and the
disturbing effects on the light intensity of ice or other foreign matter was
eliminated. This would not have been possible had the vessel been totally
immersed in ice water. Oxygen was taken directly from a tank, dried over
calcium chloride and stored in a large bulb, from which samples could be
admitted to the reaction vessel. Methyl iodide (Merck and Company)
was distilled once, 7z vacuo, and kept under its own pressure, as a perfectly
colorless liquid. The source of illumination was a mercury vapor lamp of
the Kromayer type, so arranged that it could always be returned to exactly
the same position after tilting to start the arc.

Experimental Results

The Action of Light on Methyl Iodide in the Absence of Oxygen.—
Pure methyl iodide vapor undergoes a very slow decrease in pressure
when illuminated for long periods and only small amounts of iodine are
freed. For example, in Expt. 8, Table II, 80 mm. of methyl iodide was
illuminated for six hours with a light intensity which, in the subsequent
experiments with oxygen, gave a pressure decrease of 6 mm. per minute.
The decrease in pressure after six hours was only 5.5 mm., jiodine liberated
being equivalent to 1.4 mm., and residual gas pressure when frozen out by
carbon dioxide snow only about 10 mm. A series of experiments in which
the change in pressure and the amount of permanent gas formed were

8 Franck and co-workers, Trans. Faraday Soc., 21, 536 (1925).
7 Mills and Iredale, Nature, Oct. 1930, p. 604.
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measured simultaneously showed an approximate parallelism between the
decrease in total pressure and the increase in residual gas (Table I).

TaBLE I
DecomposiTION oF METHYL IODIDE
Time of illumination, — Ap, P residual gas,
minutes mm, mm.
50 0.7 0.6°
50 .6 .6
70 7 7

* 20 mm. of hydrogen present.

Budde Effect.—Immediately upon illumination, the pressure of the
methyl iodide increased in a manner similar to the Budde effect in chlorine.?
The increase is proportional to the total pressure up to about 100 mm.,
but appears to fall off somewhat above this pressure. Thus, we were able
to obtain increases up to 2 mm. at 80-100 mm. of methyl iodide, while only
1.2 mm. was observed at 110-120 mm. This effect was also obtained in

“the presence of oxygen, especially when the latter was in high concentra-

tion, as can be seen from the curve in Fig. 1.

70

45

— AP, mm,

x A

L7

5 10 15
Minutes.

Fig. 1.—Typical experimental curve, AP plotted against time.

The Action of Light on Methyl Iodide in the Presence of Oxygen.—
With oxygen present, the reaction velocity increases over a hundred-fold,
thus becoming sufficiently rapid to permit of kinetic measurements.
Iodine is liberated and upon reaching its vapor pressure of 0.03 mm. at 0°,
condenses on the walls. This pressure of iodine does not absorb sufficient
light to have any further photochemical influence upon the reaction.
There is a variation in the total pressure decrease accompanying the re-

8 Kistiakowsky, “Photochemical Processes,” Chemical Catalog Co., 1928, p. 138,
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action from a value slightly lower than the initial pressure, at low methyl
iodide pressures, to about 209, greater at high methyl iodide pressures.®
That jodine does not enter into the constitution of the final oxidation
products was demonstrated by carrying a number of runs to completion and
titrating the free iodine with N/10 thiosulfate. These values, together
with the initial pressures of methyl iodide and oxygen, the total pressure
decrease, and the value of the iodine titrations expressed in mm. of methyl
iodide in the reaction vessel (1 mm. = 1.41 X 1075 mole), are given in the
first five columns of Table II. The values in the last column were calcu-
lated from the equation on page 1694.

TaBLE II
IopINE TITRATIONS
N/10

PcoHa Po, thiosulfate, cc. — AP, obs. — ACH3I — AP, calcd.
37.2 263.0 5.24 39.6 37.2 41.9
59.8 308.2 7.85 66.5 55.6 65.2
98.2 110.8 14.05 123.2 102.8 118.1
14.7 111.6 2.07 13.2 14.7 14.7
108.5 17.7 5.15 38.0 36.5 39.6
101.7 106.1 13.70 125.6 98.5 122.7
101.0 100.0 13.95 126.7 99.0 121.1
80.1 0.0 0.18 5.5 1.4
104.0 98.0 4.25 34.2 30.2 33.1¢
102.3 20.0 2.45 16.4 17 .4 16.6°
51.0 52.6 0.69 4.8 4.9 4.9

¢ AP calcd. obtained from — ACH,I, since these runs were not carried to completion

The general course of the reaction is shown by the — AP/T curve (Fig. 1).
After a small immediate expansion, the reaction proceeds rapidly for a
few seconds, then slows up for several minutes before proceeding at an
almost uniform rate, finally slowing down to zero when the reaction is
complete. For high initial pressures of methyl jodide and oxygen, the
period of uniform pressure decrease is of long duration but at low initial
concentrations it practically disappears.

Identification and Analysis of Reaction Products. (a) Nonconden-
sable Gaseous Products.—105.0 mm. of methyl iodide and 38 mm. of
oxygen were illuminated until reaction was complete and the gaseous
products slowly pumped off through a liquid air trap. No difference in
pressure was observed when the liquid air was replaced by carbon dioxide-
ether mixture and, when the trap was allowed to return to room tempera-
ture, the condensate exerted a pressure less by only 4 mm. than its pressure
before evacuating. Hence, the hydrogen, carbon monoxide, ethane or
methane formed in the reaction amounted to less than 4 mm.

9 The highest pressure of methyl iodide studied was 110 mm., since its vapor
pressure is 141 mm. at 0° and condensation of liquid in the capillary leads to the re-
action vessel introduced errors between these pressures.
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(b) Condensable Gaseous Products.—About 1 cc. of product conden-
sable in liquid air was collected from about fifteen experiments in which
100 mm. of methyl iodide and 60 mm. of oxygen were allowed to react to
completion. This liquid was carefully distilled, giving first a fraction
boiling at 38-40°, slightly colored by iodine, then a colorless mobile liquid
came over between 40 and 43°, identical in appearance, solubility and
smell with a sample of pure methylal.!® The vapor density, as measured
by the Victor Meyer method, using 0.0185 g. of liquid, gave a value 52.5
for the molecular weight. Although the correct molecular weight of
methylal is 76, pure methylal is partially hydrolyzed at 100° and 0.060 g.
has an apparent molecular weight of 61.1. The condensate was soluble in
water and did not smell of formaldehyde but gave the characteristic p-
nitrophenylhydrazone of formaldehyde upon warming with an acid solu-
tion of p-nitrophenylhydrazine. The aqueous extract of the liquid from a
flowing system, when treated with dilute resorcinol solution and poured
over concentrated sulfuric acid, gave the reddish layer, tinged with purple
and covered with a white, cloudy layer, characteristic of formaldehyde and
methylal. Water was shown to be a constituent of the condensate by the
fact that it turned anhydrous copper sulfate blue. Therefore, it was
concluded that the condensable gaseous products of the reaction consist
of methylal and water.

(c) Solid Products.—After having removed the gaseous and liquid
products, the reaction vessel was washed out with ether to remove iodine.
A white solid remained on the walls which was insoluble in water, alcohol
or ether, but which reacted vigorously with concentrated nitric acid.
Upon warming, the deposit evaporated, producing a powerful odor of
formaldehyde.

(d) Determination of Methylal, Iodine and Paraformaldehyde.—Meth-
ylal was determined by collecting in a liquid air trap and titrating with
thiosulfate after treating with a known excess of iodine. The iodine and
paraformaldehyde formed were weighed in the vessel, the iodine deter-
mined by titration and paraformaldehyde obtained by difference.

TasLE III
ANALYSIS OF THE REACTION PRrRODUCTS
Pcryr, 101.0 mm.; Pg,, 100.0 mm.; vol., 240 cc.; temp., 0°; time, 200’7minutes

Gram molecules 104

Product At beginning At end
CH;I 14.24 ..
I, oo 14.02
(CH;0).CH; . 3.29
(HCHO), : . 3.47

10 Boiling point of pure methylal 42-43°, Timmermans and Martin, J. chim. phys.,
25, 411 (1928).
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Therefore, the total process may be represented as
4CH,I + 20, —> (HCHO), + (CH;0):CH; + H;0 + 2L

Polymerization of Formaldehyde and Synthesis of Methylal.—For-
maldehyde was observed to polymerize both thermally and photochemi-
cally when introduced into the reaction vessel at 0°. The gas was produced
by warming paraformaldehyde contained in a side tube. Figure 2 shows
the general course of the reaction with formaldehyde alone, in the dark and
in the light, and in the presence of methyl iodide or oxygen. A quantita-
tive study of the polymerization was precluded owing to the varying rates

/[O/’/M
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Fig. 2—AP/T curves for polymerization of formaldehyde
alone (dotted circles), for formaldehyde and oxygen (crosses)
and for formaldehyde and methyl iodide (crossed circles).

at which the window became covered with polymer and to other unde-
termined factors such as the presence of small amounts of water vapor.!!
Thus, when the reaction vessel had been heated and evacuated for a long
time, the velocity of polymerization of formaldehyde was lower, but when
a small amount of methyl alcohol was introduced and allowed to react with
formation of methylal and water, both the light and the dark polymeriza-
tions were greatly accelerated. According to the work of Bowen and
Tietz,!? acetaldehyde, in the presence of oxygen, partly reacts and partly
polymerizes when illuminated with ultraviolet light. Formaldehyde
should show similar properties, for Henri and Schou!® find that below
2700 A., predissociation bands and continuous absorption occur, while

11 Cf. Trautz and Ufer, J. prakt. Chem., 113, 105 (1926); Tropsch and Roelen,
Abhandl. Kennt. Kohle, 7, 175 (1925).

12 Bowen and Tietz, J. Chem. Soc., 234 (1930).
18 Henri and Schou, Z. Physik, 49, 778 (1928).
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above 2700, the bands show discontinuous, fine structure. Actually,
the rate of polymerization is so great compared with the rate of oxidation
that only polymerization is observed. However, Bredig and Goldberger*
observed photochemical decomposition at 80°. Thus, 32.0 mm. (0.0135 g.)
of formaldehyde and 104.0 mm. of oxygen gave 104.9 mm. of residual
gas and 0.0150 g. of paraformaldehyde. The residual gas was slowly
pumped off through a liquid—air trap but no condensate formed.
Formaldehyde and methyl alcohol condense together in the dark at 0°,
giving methylal and water as the principal products. The reaction is so
extremely rapid that only an ap-
proximate idea of the amounts of
gas introduced could be obtained. 39 At
The form of the — Ap/T reaction —
curve appears in Fig. 3. f

—0O—]

Kinetic Studies

Variation of Rate of Oxidation
of Methyl Iodide with Light In-
tensity.—The influence of varying
light intensities was studied by
measuring the rate after the induc-
tion period was over and a steady
speed obtained. By interposing 2 4 6 8
blackened copper gauze screens Mimutes.
which had previously been cali- Fig. 3—AP/T curve for condensation of
brated on a visual photometer, it formaldehyde and methy! aleohol.
was possible to reduce the light intensity to known fractions. Table IV
contains the results obtained in this manner and which point to a linear
proportionality of reaction rate and light intensity to within 109%,.

b
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TasBLE IV
DEPENDENCE ON LIGHT INTENSITY
% light — AP in mm. —dx/dt/
intensity 2 min. 5 min. 7 min. 10 min. —dx/dt % intensity
100 0.6 2.1 3.3 5.1 5.60 5.60
50 0.7 1.4 1.9 2.6 2.50 5.00
35 0.5 0.9 1.4 2.2 1.83 5.23
29 0.3 0.8 1.2 2.1 1.70 5.86
100 1.0 2.9 4.1 5.3 5.60 5.60

Quantum Yield.—An attempt was made to determine an approximate
quantum yield of the oxidation process. A normal solution of mono-
chloroacetic acid, which Rudberg®® has shown to have a quantum yield of
unity in the region around 2500 A., was placed in a cell of 1 cm. thickness,

U Bredig and Goldberger, Z. physik. Chem., 110, 521 (1924).
1 Rudberg, Z. Physik, 24, 247 (1924).
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in front of the reaction vessel. The relative rates of reaction were obtained
for the cell filled with this solution and with distilled water. After having
done this, the reaction vessel itself was filled with chloroacetic acid of such
a concentration as to absorb the same fraction of light as the 1 cm. cell,
illuminated for a given time with the arc running as before, and the result-
ing hydrochloric acid titrated with standardized silver nitrate and am-
monium thiocyanate. Using these observations, the quantum yield was
calculated as follows

—¥X1.41X10‘5X6

Molecules _ 472 X 141 X6 X 1075 23
hy ~ Moles HCl1 Vo - 465  °

1.0 10— —_—

hr. X Veica:coor X 3074 X 2.70

where —dp/d¢ is the maximum rate of methyl iodide consumption in
mm./10 minutes obtained from Tables V and VI, 1.41 X 1075 is the num-
ber of moles/mm. in the reaction vessel, V0 and Veicmcoon rates with
the small cell in front of the reaction vessel, filled with water and chloro-
acetic acid, respectively.
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Fig. 4.—Variation of reaction rate with methyl iodide con-
centration, at constant oxygen concentration (100 mm.).

A value of 2 molecules/h» for the oxidation process would give, according
to the relative rates of the oxidation and decomposition of methyl iodide,
a value of 0.02 for the quantum yield of the latter.

Variation with Methyl Iodide and Oxygen Concentrations.—In all the
kinetic measurements, every effort was made to maintain uniform light
intensity for each series of experiments, and constant conditions through-
out the whole series. The uniformity of the light intensity during a series
of experiments was checked by repeating one of the earlier experiments at
the end, and if no change in rate occurred, then the light intensity was
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assumed to have remained constant. When an appreciable fall in intensity
was detected, that series was discarded. Manometer readings were taken
every minute for the first five minutes, then every five minutes and the
results of each experiment plotted as —AP against time. The slope of the
portion of these curves after the induction period was measured and ex-

I IIIIX '
° I[CHsl]= )
4,556 o o [CHl]=60 mm
o)
9 S
. ) TI[CH.I]=40 mm.
£ 2,354
3
S~
< I[CHsI]=15
o 3 = mm.
0,1.5,2 S hd
100 200 300 400
[O:], mm.

Fig. 5.—Variatio