
REAC'J.1IONS OF SOME ALKALI AND ALKALINE EARTH METALS 

WITH ALUi"1INUM (III) IODIDE IN LIQUID AMMONIA 

May, 1954 

by 

William Lloyd Taylor 

A.B., Bathany-Peniel College, 1949 

Submitted to the Department of 
Chemistry and the Faculty of 
the Graduate School of the 
University of Kansas in partial 
fulf ill.,nent of the requil:"ements 
for the degree of Doctor of 
Philosophy. 



ACK:NOWLEDGMZNT 

I gladly acknowledge my indebtedness to Professors 

Ernest Griswold and Jacob Kleinberg under whose direction 

this work has been performed. They have provided the 

inspiration and encouragement which have made this thesis 

possible. In particular~ their patience has seemed 

limitless. I count it a privilege to have worked with 

them. 

Special thanks are due the Office of Naval Research 

for financial support· during the entire course of this 

investigation. 

My wife, Betty Taylor, has typed the manuscript 

both in its original and final forms. I deeply appreciate 

this service which was performed in addition to her other 

duties. 

Finally, it baa been a pleasure to work on the 

beau:t iful University, of Kansas campus. Our years in 
' ' 

Lawrence have been happy ones. 



TABLE OF CONTENTS 

INTRODUCTION •••• • • • • • • • • • • • • • • • • • 

Statement of the Problem. • • • • • • 

Lower Valent Aluminum • • • • • • • • • • • • • 
Nature and Uses of Metal Jmunonia Solutions 

Liquid Ammonia Chemistry of Aluminum •••• 

EXPERIMENTAL • • • • • • • •. • • • • • • • • • • • 

• • 

• • 

• • 
Materials 

Apparatus 

• :I' • , • • • • • • • e e e I • • • • 

. •· . . . . . . . . . . . . . .. • • 
Experimental Procedure ••••••••••• 

Analytical Methods •• , •••••••••• 

RESULTS AND D!SCUSSION. I •••••••••••• 

• • 
• • 
• • 

The Apparent End Point ••••••••••••• 

Reaction Beyond the Apparent End Point 

SUMMARY • • • . • , • • • • • • • • • • • • • 

SUGGESTIONS FOR FURTHER WORK. 

BIBLIOGRAPHY ••• • ••••• 

. . . . . . . 
• • • • • • • 

• • • • • 
• • • • • 

• • • • • 
• • • • • 

Page 

l 

l 

3 

6 

ll 

20 

20 

23 

26 

30 

34 

34 

51 

60 

62 

63 



INTRODUC1.I.1ION 

STA'.PEMENT OF THE PROBLEM 

The investigation ,forming the basis of this thesis 

was undertaken as the result of previous work done at the 

University of Kansas by William E. Bennett and Albert D. 

McElroy under the direction of Professors A. w. Davidson 

and Jacob Kleinberg. These projects involved study of the 

anodic oxidation of aluminum, gallium,indium,, and thallium 

in liquid ammonia. 

Except for thallium, in which the moat stable oxi-

dation state is plus one, compounds of these elements 

which possess the group valence of three are far more 

stable than those of lower oxidation states. These lower 

states of aluminum,, gallium, and indium, although they 

have been reported, are, in most cases, neither widely 

known nor completely characterized. 

Data from the anodic oxidations provided evidence 

for the existence, in the systems studied, of unstable 

compounds of lower valent aluminum (1), gallium, and 

indium (2). However, no solid product containing lower 

valent species of an,y of these metals could-be-isolated. 

1 

In the light of the results obtained from anodic 

oxidations, it seemed of interest to attempt to prepare 

compounds containing lower valent entities of these ele-

ments by reduction of trivalent starting materials. Liquid 

ammonia was chosen as the reaction medium because the 

properties of that solvent permit use of the alkali metals 

as very strong and relatively simple reducing agents. 



Other factors contributing to the choice of ·ammonia as 

solvent for this work were the success of a number of 

previous reduction studies ln th1.s medium and also the 

tradition of liquid am.~onia chemistry at the University 

of Kansas. 

The first element investigated was gallium; and 

it was soon found that reaction of the triiodide with 

potassium resulted in reduction to the metal. Independ-

ently conceived studies at another laboratory. (3) con-

firmed this finding and further reported the same type 

of result for the reduction of indium(III) iodide with 

potassium.. 

With these facts in mind, full attention was focused 

upon the aluminun1(III) iodide - potassium reaction since 

2 

it was found not to involve reduction to metallic aluminum. 

Qualitative experiments indicated that reducing power 

attributable to lower oxidation states of alurninum could 

not be detected at any time during the course of reaction. 

Quantitative analyses of reaction products further showed 

that, in order to explain the path of reaction, it is un-

necessary to assume ·the formation of alum.inum(II) and 

aluminum(I) in the system, as had been postulated (3), 

although the transitory existence of these lower states 

was not ruled out. Thus the major goal of the worK re-

ported herein was to arrive·at a consistent explanation of 

the experimental data and to seek a mechanism for the 

overall reaction. 

To obtain a complete picture of the reaction system, 



five metals of the alkali and alkaline. earth families were 

treated with aluminum(III) iodide. 1.rhe ratio of metal to 

original aluminum iodide was varied over a .wide range. 

Whenever possible, complete analyses were obtained for all 

reaction products, both in the solid and liquid phase. 

LOWER VALENT ALUMINUM 

The purpose of this section is to sketch very briefly 

what is known about the lower oxidation states of aluminum. 

Most of this material is taken f.rom a recent review by 

Mc Geer (4). 

Since thallium is known to possess a very stable 

unipoaitive oxidation state, it may be thought that, by 

reason of periodic relationships, lower valent aluminum, 

under the proper conditions, also should be found. A 

consideration of the ionization potentials of aluminum 

indicate that monovalent aluminum particularly should be 

capable of existence. Recent heat-of-format ion calcula-

tions by means of the Born-Haber cycle indicated that the 

formation of aluminum monohalides, both solid and gaseous, 

at 2s0 c is not energetically impossible. These calculations, 

however, did not consider the possibility of disproportion-

ation of the monohalide into the trihalide and free metal. 

Although the existence of lower halides of aluminum 

had been suspected for many years, it was not until 1943 

that Klemm and Voss actualiy demonstrated that these sub-

stances were monohalides. i 1hese workers heated, at temper-

atures above 750°, pure aluminum and aluminum(III) fluoride 

in a high vacuum. The white sublimate formed was repeatedly 
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sublimed with more aluminum. Finally, the aluminum to fluor-

ine ratio in the sublimate became: one to one., indicative of 

the formation of al~~inum(I) fluoride. X-ray diffraction 

examination of the cooled product having the·empirlcal com-

position of AlF showed only the presence of aluminum and 

the trifluoride. The monofluoride., stable at high tempera-

tures., underwent disproportionation when cooled. 

Klemm and his co-workers later reported the prepar-

ation of a number of other aluminum(!) compounds which are 

summarized in Table 1. In each case., the monovalent mater-

ial was prepared at high temperatures in high vacuum., and 

cooling resulted in complete disproportionation to aluminum 

metal and aluminum(III) compounds. 

Table 1 

Monovalent aluminum compounds 

Reaction 

2Al t AlX3 : 3AlX 

Al + AgBr -- AlBr t 

2Al + MnCl 2 : 2AlCl 

2Al + X2 = 2AlX· 

4Al f Al2Y3 : 3Al2Y 

X: F., Cl, Br., I 

Y: S., Se 

Temperature range 

750 1200° 

Ag 800 - .1000° 

+ Mn 800 - iooo0 

1000 - 1200° 

1100 - 1200° 

The first reaction listed in Tablo l has been used 

as the basis of a process for the preparation of very pure 

aluminum from the impure metal or from alloys containing 
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aluminum. 

Brewer and Searcy found that oxides of both aluminum(II) 

and aluminum(I) were formed at high temperatures. Alumi-

num(II) oxide was the primary dissociation product of alumina; 

whereas the alu.minum(I) oxide resulted fI'om reduction •Of 

the sesquioxide .with aluminum. 

The first isolation of a material stable at room 

temperature which contained aluminu:m(I) was accomplished 

by Schumb and Rogers (5}. By use of an electrodeless dis-

charge produced at low pressures and at temperatures.below 

50° in the vapor of aluminum(III) iodide, vapors of iodine 

and a non-volatile solid were obtained. Exhaustive extrac-

tion of the solid with anhydrous benzene, followed by vac-

uum drying, yielded a buff-colored solid of which the chem-

ical analysis and X-ray diffraction data were consistent 

with the presence of a mixture of metallic aluminum and a 

monolodide, (AlI}n. 

In work done at the Universi~y of Kansas (6), evi-

dence for monovalent aluminum has been obtained from ex-

periments involving anodic oxidation of aluminum in 

anhydrous acatic acid containing sul tab.le electrolytes. 

No monovalent compound could be isolated from the systems 

studied. 

Evidence obtained in a~nonia as the reaction medium 

for the existence of lower oxidation states of aluminum 

is discussed in a later section dealing with the liquid 

ammonia chemistry of aluminum. 
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NATURE AND USES OF ME'l'AL-At,rnONIA SOLUTIONS 

In the pages which follow, r·epeated re"ference · is made 

to ammonia solutions of' the alkali and alkaline earth metals. 

Since these solutions have no counterpart in aqueous medium 

it seems advisable at this point to outline briefly some of 

their physical properties, theories proposed about their 

nature, and typical reactions v:hich such solutions undergo. 

Material :for the discussion has been gleaned primarily from 

reviews by Yost and Russell (7) and by Kraus (8). 

It should be pointed out that elucidation of the 

nature of metal-ammonia solutions has proved to be a diffi-

cult problem. An entirely satisfactory picture, consistent 

with all the experimental data, has not yet been found. 

The solubility of potassium and sodium in ammonia 

was first observed some ninety years ago. Since that time 

all of the other alkali metals and the alkaline earth metals 

have been found to be readily soluble in ammonia. Magnesium 

is·slightly soluble, ·and solutions of.aluminum have been 

prepared electrolytically (g;J. Presumably, ·other active 

metals, such as the lanthanide elements, should be capable 

of dissolution ·under the same conditions as those used for 

aluminum. 

Except for lithium, evaporation of the ammonia from 

freshly prepared alkali metal solutions yields the unchanged 

metal. The alkaline earth metals form rather unstable amm-

ines which have the formula M{NH3 )6 • Lithium apparently 

gives a very unstable tetraamine, Li(NH3)4. Metallic alum-

inum cannot be recovered from its solutions; removal of 
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solvent yields ammonobasic materials. 

To present some idea of the degree of solubility of 

the alkali metals in am.~onia, the data, in grams of metal 

per hundred grams of ammonia at -33°, reported for. lithium, 

sodium, and potassium are 10.9, 24.6, and 49.0, respectively. 

The solubility changes only slightly with temperature. 

When dilute, the metal-ammonia solutions possess a 

blue color. The absorption spectra of dilute solutions of 

different metals are identical at the same concentrations. 

This means that the blue color is attributable to the same 

substance in all cases. Concentrated solutions have a. 

bronze-like reflection. 

At all concentrations, the. equivalent conductance 

of the metal solutions is greater than that found for any 

known salt in any known solvent. The limiting equivalent 

conductance 1s some three fold greater than that of solu-

tions of the best conducting salts in ammonia. The specific 

conductivity of concentrated solutions is very high and is 

of the order of magnitude-of metal.conductance. 

A large positive volume change. accompanies the dis-

solution of a metal -in ammonia. Consequently the densities 

of· these solutions are very low. For example, the dansi ty, 

at 19°, of a saturated lithium solution is 0.477 g./ml., 

making it the lightest known liquid at room temperature. 

Transference data, obtained from EMF measurements of 

concentration cells containing sodium solutions, indicate 

that the ratio of current carried by the negative constit-

uent to that carried by the positive has a limiting value 
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of seven in extremely dilute solutions. This ratio increases 

with increasing metal concentration and has a value of two 

hundred eighty for a one normal solution. 

There seems to be little question that the concen-

trated metal-ammonia solutions behave essentially as a 

metal. It is not known whether the ammonia plays any defi-

nite role other than to serve us diluent. For most nurnoses 
' - -

the concentrated metal-ammonia. solutions may be viewed as 

alloys of the metal with an insulator, a.'nmonia. 

The transference experiments and conductivity data 

indicate that the negative constituent of dilute solutions 

is the electron. Even in diluta solutions the conductance 

is best considered as essentially metallic, in viaw of the 

fact that no detectable material effects accompany the 

passage of electrons from the solution into or out of the 

electrode surfaces. 

The optical properties of dilute solutions are best 

explained on the basis of interaction between the electrons 

and ammonia molecules. Magnei;ic susceptib111 ty measure-

ments indicate, however, that there is no large concentra-

tion of solvated el~ctrons. On tho othar ha~d, the sus-

ceptibilities a:re too low to support the conclusion that 

the valence electrons are in the same state as in the free 

metals. 

Further work on the visible absorption spectrum of 

dilute sodiurn solutions has produced evidence that actually 

-two colored components are present and that tho equilibrium 

between them is dependent upon concentration and tempera-
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ture (10). It is proposed that these colored components 

consist., respectively., of electron pairs and single un-

paired electrons. Such an assumption would tend to bring 

the optical and magnetic data into better agreement. 

To summarize, the most widely accepted interpretation 

of the nature of dilute metal.;..amntonia solutions is that such 

solutions contain metal ions as the positive component; an 

equilibrium mixturo of paired and unpaired electrons con-

stitutes the negative component. All of these charged 

particles are solvated to some extent. The conductance 

of ·these dilute solutions is essentially metallic rather 

than electrolytic. 

Attention will now be turned from the physical nature 

of metal-ammonia solutions to a consideration of typical 

reactions into which these solutions enter with inorganic 

substances. Watt (11) has prepared an extensive review 

of this subject which is the source of most of the present 

discussion. 

Perhaps tha most characteristic r•aa ct ion or the 

metal solutions is the slow reaction with the solvent 

ammonia, to yield oraida ion e.nd hydrogen. The rnt3 of 

this reaction is accelerated tremendously by finely divided 

metals, oxides and solid phases in general., and by ultra-

violet light. Stabilities of the various metal solutions 

vary in accordance with the· general chemical reactivities 

of the different elements as indicated by ionization poten-

tials. For example, cesium solutions are the least stable 

of all the alkali metals, potassium less stable than sodium, 
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barium less stable than calcium, and so forth. Of course 

the stability of a solution., as measured by the time re-

quired for disappearance of the blue color., will depend 

upon the total amount of metal present. In ganer9l., how-

ever, pure solutions of potassium., more concentrated than 

one normal, may be kept for several days before appreciable 

decomposition takes place. Similar solutions of sodi U.'11 are 

stable for· several weeks. These data are quoted to empha-

size that the amide reaction is .extremely slow as compared 

with typical ionic reactions. 

Another characteristic reaction of the metal solu-

tions is the instantaneous raact:!.on with ammonium ion., the 

strongest acid which can exist in ammonia, to give ammonia 

and hydrogen. Since molecular hydrogen is evolved., thi.s 

reaction is irrev,3rsible. 

Since the :m.atal-ann.~onia solutions contain essentially 

free electrons, these solutions are powerful reducing 

agents. Reducible cations of simple salts which are not 

extensively am~onolyzed, ara unually reduced firet to the 

free metal. In some cases the finely divided product will 

react with excess ::natal solu.t ion to form. inte:i"l11etallic com-

pounds, With ammonolyzed ions the primary reaction generally 

is the reduct icn of ammonium ion. No general statement can 

be made about the products of anion reduction since such 

products dspend upon the nature of the ori~inal anion. Co-

ordination compounds which are neither am.monolyzed nor 

appreciably dissociated in solution are often capable of 

reduction to subotances containing a lower oxidation state 
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of the central metal ion. A particularly interesting exam-

ple is the addition of potassium solution to tetracyano-

nickelate (II) ion to yield potassium tetracyanonickelate(O). 

This section is concluded by mentioning an interesting 

observation made by Bergstrom (12). Since the metal-ammonia 

solutions contain metal ions and electrons, a system which 

contains a finite concentration of another metal ion co-

existent with the alkali or alkaline earth metal may be 

regarded as a solution of the other metal in annnonia. 

LIQUID AM.M:ONIA CHEMISTRY OF ALUMINUM 

Reports on the behavior of aluminum compounds in 

liquid ammonia date back to 1905, in the early days of 

Franklin's work. Since that time a number of investiga-

tions have been made which involve aluminum and aluminum 

compounds in ammonia as the solvent medium. As might be ex-
., 

pected, the experiments performed in different laboratories 

over a period of years have varied considerably as to the 

objectives of the work and the experimental techniques used. 

Only those investigations which are pertinent to and neces-

sary for an understandine of the experimental work and con-

clusions to be presented in this thasis are considered in 

this section. 

The diver~e experiments constituting this background 

material may be grouped, in a rather arbitrary fashion, into 

two categories for more detailed examination. 

First, the previous work may be considered in the 

light of those investigations designed to demonstrate the 

main course of a particular reaction and identify the 
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gross products of that reaction. Such experiments involved 

either replacement or metathetical reactions which usually 

were performed on a macro scale in a relatively simple, 

purely chemical manner. 

'l1his type of investigation may be contrasted with 

those experiments involving some electrical property of the 

system under study. Often such work did not permit the 

isolation of reaction products because of the presence of 

unstable chemical species, or because use of elaborate 

equipment required quantities of materials too small for 

the usual chemical analyses. 

Franklin (13) first observed that aluminum(III) 

iodide is freely soluble in liquid ammonia at its boiling 

point. It was also reported at that time that addition 

of potassium amide to ammonia solutions of aluminum iodide 

eventually gave a solid product containing both aluminum 

and. iodide ions. Ii'ranklin later resumed work on the 

amide-aluminum iodide reaction with the result that two 

ammonobasic iodides of aluminum were isola.ted and charac-

terized (14). The products isolated corresponded to the 

addition of 1.5 and•2.5 equivalents of potassium amide 

per atom of aluminum, respectively. 

'l'he first of these ammonobasic iodides was found to 

possess a negative temperature coefficient of solubility; 

so that at the boiling point of ammonia it waa readily 

soluble, but at room temperature it separated from solu-

tion in crystalline fonn. The product was dried under 

reduced pressure at temperatu?\.~s ranging between 20 and 
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200°, and in all cases the analyses indicated the same com-

pound, On the basis or chemical analyses fo~ aluminum, 

iodide, and ni troe;en, Franklin assi1gied the formula 

AlI3 •Al (NH2 )3 •6NH3 to the first ammonobasic iodide~ 

'I1he annaonoba sic iodide resu.l ting front addi-t ion of 

2 .5 equl va.lents of. amide sepa1•ated fropi solution as an 

amorphous mass of low density both a -33° and at room tam~ 

pe1•ature. The light, non-crystalline nature of this prod'-

uct ca.used difficulties in purification under the provail:lng 

experhiental methods o.f that time. Nevertheless, Franklin's 
·; 

analyses ware in subste,ntlal agreement' with the formula 

Al(NH2 )2 I•Al(NH2 )3 •NH3 for tho material when dried at room 

temperature under l"educed pressur3. When this basic salt 

was heated to 160° under reduced pressure, two moles of 

ammonia ware evolved leaving a product formulatnd as 

Al (NH )I ·•Al (NH2 ) 3 • 

Bergstrom found that amalgamated aluminum dissolved 

readily in solutions of potassium (15) or sodiu.il (16) in 

liquid ammonia. Solutions of the corresponding alkali 

metal amides also effected this solution procoss and gave 

final reaction proci:u.cts ident:!.cal with those obta!nod from 

solutions of the metals. · Pure aluminum., however, even 

when finely divided, was not attacked by either the alkali 

metal or amide solutions, Amalgamation apperen tly was 

necessary to prevent the coating of the alumim.m1 surface 

by insoluble basic compounds. Pure ammonia· did not attack 

amalgamated aluminum. ·neaction of amalga1;1at0d aluminum 

with the metal solutions resulted. in gas evolution 



(hydrogen} and discharge of the characteristic blue color 

of those solutions. The pa le yellow solutions of potassium 

amide and suspensions of sodium amide, which is only slight-

ly soluble in B.l"TL>n.onia., reacted with amalgamated a luminun1 to 

yield opaque blue colorations which subsaquently became 

colorless. The fadln:3 of the blue color again was accom-

panied by hydrogen evolution. 

The products obtai n0d from these reactions wore 

potassium and sodium tetraamidoaluminate, KAl(NH2 )4 and 

NaAl(NH2 )4 • The preparation of these compounds demon-

strated the amphoter1c nature of aluminum nitride, or 

araide, in am.1116nia. Bo·th amldoalu.rnir1a tes were readily solu-

ble at room temperature and became slightly less soluble as 

the temperature was decreased to -40°. Isolation of the 

solid compounds was accompJ,.iehed by crystallization from 

concentrated solution at -40°~ The amidoaluminate com-

pounds were found to be extremely reactive toward water; 

such reaction liberated ammonia as the only gaseous p1"od-

uct. Prolonged contact with liquid ammonia resulted in 

EJlow enmonclysis of the a.-rnicle comp loxes. Bergt=;trom also 

found that heat inG of Y.Al (Nrr2 } 4 to 50° and HaAl {NH2 ) 4 to 
0 90 , under reduced pressure, resulted in a ready loss of 

one molecule of m:1.11onia from the complexes, The solid 

materials ·ahich r:9mained were KA1(NH2 )2NH and NaAl(NH2 )2NH. 

Lithium tetraamidoaluminata also has been r~ported 

(17). The slightly roluble salt was prepared by reaction 

of amale;amated alu.."llinum with lithium ai-nide. The formation 

of the tetraamidoaluminete complexes ls analogous to the 



15 _ 

dissolution of metallic aluminum in aqueous solutions of 

the alkali metal hydroxides. 

Aluminum amide, the simplest in formula, of the 

anunonobasic aluminum compounds was the most difficult to 

prepare in pure form. Borgstrom {18) first reported its 

preparation by reaction of ammonium bromide with sodium 

tetraamidoalumina te. The equation for this react ion is: 

NH4Br t NaAl(NH2 )4 : NaBr t NH3 t Al(NH2 )3 • 

The compound formed should perhaps best be referred to as 

annnonous aluminum nitride, AlN•xNH3 , since it was found 

to possess a remarkable resemblance in properties to the 

analogous hydrous aluminum oxide precipitated from aqueous 

solution. 

McElroy, Bennett, Kleinberg, and Davidson {9,19) 

found that when aluminum iodide was electrolyzed between 

an aluminum anode and a platinum ca th ode in liquid ammonia, 

intensely blue colorations were obtained at the cathode. 

On prolonged electrolysis this blue color spread through-

out the entire solution. Experiments performed with these 

blue solutions showed that the cathode reaction consisted 

of the dissolution of electrons, which were then capable of 

existence with an appreciable concentration of aluminu.~ ions. 

Stated in another way1 the blue solutions ware the result of 

the presence of ionized metallic aluminum in a condition 

entirely analogous with the more familiar ammonia solutions 

of the alkali metals. The alu..-n.inum-in-ammonia solutions 

were -not very stable when electrolysis was terminated. 

'l'he products of reaction with the sol vent were hydrogen 
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and an ammonobasic aluminum iodide corresponding to the 

formula Al(NH2 )2I•Al(NH2 )3 .2NH3. It will be noticed that 

this has essentially the same composition as the insoluble 

ammonobasic iodide prepared by Franklin from the reaction 

of potassium an ide with al un1inum iodide. The. overall ionic 

reaction, without me-ntion of mechanism., for the formation 

of the ammonobasic iodide is represented by the equation: 

2A13 + + se-(NH3}x + r- t 5NH3 = Al{NH2)2I•Al{NH2)3 +~¾· 
The next work to be mentioned was also performed at 

the University of Kansas and reported by B.ennett, Davidson, 

and Kleinberg (1). It was found that in an electrolytic 

medium containing nitrate ion, anodic oxidation. of pure 

altuninum metal gave rise to mean initial valence numbers 

of less than three for the aluminum. The apparent initial 

valence numbers were determined from coulometric data. 

When a number of metallic nitrates were used alone as the 

electrolyte, values of the initial oxidation state of 

aluminum fell near 2.7 with no apparent dependence upon 

the specific cation present. If, however, mixed electro-

lytes of sodium bromide and sodium nitrate or ammonium 

bromide and ammonium nitrate were used the initial oxida-

tion state of the aluminum reached a minimum of about 1.5 

when the electrolyte ratio was about two moles of nitrate 

to one mole of halide. 

No compound containing aluminum in an.oxidation state 

of le as than three could be isolated from the react ion mix-

tures. It was found, however, that nitrate ion was reduced 

to nitrogen in the anode compartment. Such a reduction 

could hardly be the primary electrode reaction at the anode 
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but could very well result from the oxidation of unstable 

species of lower ·valent aluminum. Experiments in which 

the loss of nitrate ion was determined and others in which 

the amount of nitrogen evolved was collected supported the 

hypothesis that some unstable lower valent state of aluminum 

was formed at the anode. From the coulometric data, it 

seems very probable that this lower oxidation state species 

was aluminum(I). 

Watt, Hall, and Choppin (3,20) studied the reaction 

of potassium with ammonia solutions of aluminum iodide by 

means of potentiometric titration. A plot of the data 

gained from titration with potassium yielded a curve with 

two breaks corresponding to the addition of one and two 

equivalents of metal per atom of aluminum. Similar titra-

tion with potassium amide also yielded a curve with two 

breaks but these corresponded to the addition of three and 

four equivalents of the amide. 

An interpretation given to the curve obtained from 

the titration with metal was that the reaction consisted 

of stepwise reduction to aluminum{II) and aluminum(I) by 

the addition of one·and two equivalents, respectively, of 

potassium. It was recognized that at least one other ex-

planation of the data presented itself. This alternative 

was the titration of ammonium ion resulting from ammono-

lysis of the aluminum ion., possibly in accordance .with the 

following equations: 
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The titrations with amide were made to throw light 

upon mechanism of reaction. It was reasoned that lf the 

changes in potential resulted from amm·onolytic reactions, 

then titration with amide should yield. essentially the 

same results as corresponding titrations with the alkali 

metal. Since the curves resulting from the titrations 

with the two different reagents differed, the interpre-

tation involving reduction to lower oxidation states of 

aluminum was favored. 

18 

These investigators also reported some preliminary 

work on measuring the amount of hydrogen liberated in the 

reaction between potassium and aluminum iodide. It was 

found that substantially the stoichiometric quantity of 

hydrogen was evolved when the reaction was carried out 

rapidly. When the potassium was added very slowly, how-

ever, the amount of the hydrogen collected a.ecrea·sed snarp::-

ly. It was pointed out that this work was incomplete and 

that the results of experiments in which hydrogen was 

collected were not self consistent. 

The final work to be mentioned here was reported 

by McElroy and Laitinen (21). '.['bis involved a polaro-

graphic study of the aluminum ion in liquid ammonia. The 

single wave polarogram obtained from the "reduction" of 
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aluminum iodide at the dropping mercury electrode yielded 

a half-wave potential of almost exactly the same value as 

that observed for the reduction of ammonium ion. The ob-

served values of the diffusion current constant were con-

siderably larger than the calculated values for a three 

electron reduction. Such behavior was also attributed to 

a side reaction consisting of the reduction of ammonium ion. 

Further experiments were performed in which the 

dropping mercury electrode was inserted as the anode into 

systems in which aluminum had just been oxidized anodically 

in ammonium bromide-ammonium nitrate media.. In still 

another experiment the dropping mercury electrode, as 

anode, was inserted into a solution of aluminmn iodide to 

which 1.6 equivalents of potassiu.~ per atom of aluminum 

had been added and allowed to react completely. In neither 

case was there any evidence for oxidizable aluminum species 

as would be expected if stable lower oxidation states of 

aluminum were present in the solutions. 

These·investigators also found that hydrogen was 

liberated from the reaction between potassium and aluminum 

iodide. The quantity of hydrogen collected corresponded to 

the a~ount required for the reaction: 

K + NH3 : l/2H2 t NH2- Kt. 



EXPERIMENTAL 

Two general techniques for the handling of liquid 

ammonia in laboratory experiments have been described in 

the literature. With the older method the experiments 

are carried out at room temperature which necessitates 

the use of sealed tubes capable of withstanding high 

pressures. The other technique makes use of cooling 

baths so that the reactions may be performed at atmos-

pheric pressure. This second method has been used exclu-

sively in the present work. The temperature extr.emes 

obtainable with this technique are -33°, the boiling 

point or ammonia, and -78°, the sublimation temperBcure 

of the carbon dioxide coolant. 

MATERIALS 

The cooling baths used in· th is work were prepared 

by adding pieces .or solid carbon dioxide to cellosolve 

( ethylene glycol monoethyl ether) contained in Dewar 

flasks. 

'l'he aluminum (III) iodide starting material was 

prepared by the method of Watt and Hall (22). In this 
. 0 

synthesis the elements are combined directly at 500-600 
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in an evacuated system. The marked success of the method 

is attributable to the passage of the aluminum iodide 

through a long tube of heated aluminum which acts as a 

scavenger for the last traces of unreacted iodine. Reagent 

grade aluminum and iodine were employed and the product 

was pure white in color. The high purity of the product 

obtained is indicated by the following analytical data: 
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calculated for AlI3 : 6.62% Al, 93.38% I; found: 6.6% Al, 

93 .4% I. Aluminu.-n(III) iodide is an extremely hygroscopic 

material. Consequently, the preparation was sealed off in 

a nuinber of small tubes which were opened only in a dry 

box. 

Since aluminum iodide avidly absorbs ammonia, the 

actual material to which the metal solutions were added 

consisted of the ammoniation products of aluminum iodide. 

The ammoniat ion process is highly exothermic and if not 

in some way controlled sufficient heat accumulates to 

fuse the aluminum iodide. ~'Jhen this happens anunonolysia 

also occurs and ammonium iodide is vaporized from the 

melt {13). The final solid obtained from uncontrolled 

ammoniation was always tinged yellow by the presence of 

some free iodine which probably resulted from decomposi-

tion of anmonimn iodide. 

It was found that whether or not the arnmoniation 

were moderated had little or no effect upon the reaults 

of the experiments., so long as none of the material was 

removed from the reaction vessel by the process. It 

seemed desirable, however, to keep ammonolysis at an 

experimental minimum and to use as clean a product as 

possible. To accomplish this control, three precautions . . 

were taken whenever possible. Fh•st., the aluminum iodide 

was taken from the preparation tubes in the form of small 

pellets, rather than as a powder, in order to expose 

as little surface to the ammonia as possible. Second, 

the vassal containing the iodide was surrounded by a 
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cooling bath maintained at approximately -70°. FinallyJ 

the ammonia passed over the aluminun1 iodide was highly 

diluted with nitrogen. This was accomplished by bubbling .. 

a slow stream of nitrogen through a reservoir of purified 
0 ammonia, the temperature of which was kept at about -40 • 

The product obtained when these precautions were 

observed was a f'ina white powder. A typical sample gave 

the following analyses: 5.2% Al., 74.8% I, 20.2% NH3 ; cal-

culated for Al(NH3 )6I3: 5.3% Al., '{7.4.7°/, I, 20.0% NH3 • The 

analytical data indicate that the ammoniated product was 

essentially hexamminealuminum(III) iodide. 

The nitrogen used in the experiments was taken from 

cylinders of the commercial water pumped product. The 

gas was .Passed successively through two 500 ml. bottles of 

chromium(II) sulfate solution to remove oxygen., and 

through drying towers of concentrated sulfuric acid, sodium 

hydroxide pellets~ and granular magnesium perchlorate. 

The chromium(II} solutions were prepared by reduction of 

violet chrome alum, K2so4 •Cr2(S04)3.24H2o with amalgamated 

zinc. The reduced solutions were approximately O .25!1. in 

chromium and 0.1!!, in sulfuric acid. 

The ammonia utilized in this work was tho synthetic 

anhydrous product obtained from the Spencer Chemical 

Company. In each experiment gaseous ammonia was taken 

from the cylinder and condensed over a mixture of metailic 

sodium and sodium amide to insure complete removal of 

traces of water and oxygen. 

Baker and Adamson reagent grade sodium and potassium 
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were employed. The other metals, lithium, calcium, and 

barium, were high quality commercial materials. All of the 

metals were .obtained.in bar form and were kept under anhy-

drous benzene.to prevent oxidation. 

Chemicals required in the analyses and for.other 

purposes were all of reagent grade as obtained from leading 

chemical manufacturers. 

APPARATUS 

The apparatus employed in this investigation com-. . 

bined, with some modification, the best features of three 

previously reported designs (23,24,25). The main parts 

of the sat up are shown in the accompanying figure •. The 

distinct advantage of this apparatus over those p;rev1ously 

used was that. the ~uret and main reaction vessel_ could be 

used independently of one another. 
' ' .. . . 

The laree pieces of equipment were fabricated from 

Pyrex glass and connections we;re m~de by:means of standard 

.taper ground joints. The p~ec~s of tubing and, stop~ocks, 

also Pyrex, which s.erved to compl_ete, the apparatus system 

were join~d by means of fle~ib;J.e rygon tubing:. It 
. ' 

impractical to depict.all of the connecting tubes in the 

drawing. Hence it should be. pointed out that when every 

piece. was ;tn pla9e t~e ~ntlre reaction system -iras closed 

to the atmosphere except at the tube leading from the 
I' 

waste coliector~ 

Stopcocks S-1 and S-2 were.the _three way, 3 mm. 

type• The remaining stopcocks were of. the two_ way, 2 mm• 
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oblique design_. The connect1 ve glass tubing was the stand-

ard 8 mm. material. 

The main reaction cell C had a convenient working 

capacity of approximately 100 ml. If necessary, a maximum 

volume of 150 ml. could be accommodated inc. The sin-

tered glass disc, of medium porosity, and stopcock S-5 

made possible the separation e.nd washing of solid phases 

without exposure to the atmosphere. 'l'he la.ree 45/50 joint 

by which C was connected to the cell head facilitated re-

moval of reaction products for analysis or for cleaning of 

the vessel. '11he reaction chamber C was united with the 

buret assembly by means of a small 14/35 joint located just 

above S-4. A standard quart size, wide mouth, silvered 

Dewar flask contained the cooling bath for C. The magnetic 

stirrer was placed next to the Dewar flask. Stirring bars 

cased in glass were used exclusively. Bars coated with 

Teflon and other plastic materials were found unsuitable 

because of their tendencu to react with the metal solutions. 

Buret E was of 45 ml. capacity and was graduated at 

O.l ml. intervals. The fritted disc, of medium porosity, 

was sealed in level' with the last graduation thus obviating 

the calibration of an unetched volume •. All of the tubing 

between the buret disc, through S-4, and the junction with 

C was of l mm. capillary material. The capillary tubing 

aided greatly the transference of the metal solutions from 

the buret into C. The Bewar flask used around the buret 

was a large 10 x 40 cm. vessel obtained fr~~ the H. s. 
Martin Company. The flask was strip silvered so that buret 



readings on the deeply colored metal solutions could be 

made without removal of the cooling bath. 
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Addition bulb A served to admit the s.mmoniated 

aluminum iodide into the reaction cell. Similarly, bulb B 

was used to introduce the metal into the buret. The volumes 

of both A and B were approximately 25 ml. 'rhese bulbs were 

connected to the rest of the apparatus by means of 19/38 

joints~ 

The vessel D, employed for the drying of ammonia, 

was simply a large tube of about 200 ml. capacity. 

'l'he safety vessel and waste contain er were f 1 ve 

gallon carboys. The waste bottle contuined water to ab-

sorb the waste ammonia. Functions served by the safety 

vessel v10re to help damp sudden pressure fluctuations 

which accompany the condensation of ammonia; and to re-

ceive ar1y water sucked back from the waste absorption car-

boy under low pressure conditions. 

The waste amrno~ia delivery tube extended some three 

or four inches below the surface of the water. 'l'his pro-

vided a positive pressure within th,e reaction system 

roughly equivalent ·to the sever11l inches head of water. 

It should bo point;ed out that no other regulatory or 

safety device was included in the apparatus. In particu-

lar., it is believed that the commonly used mercury traps 

are hazardous and give chanco for contami.nation of the 

system to such an extent as to outweigh the points in 

their favor. 
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The drying tower located between the two carboys was 

added as a· further precaution against the admittance of water 

vapor into the reaction system. Sodium hydroxide pellets 

were anployed as the desiccant. 

'fhe entire reaction system was mounted at a convenient 

working height, upon a steel rack situated on a vacuum 

bench. By means of the appropriate clmnps the various 

pieces of glassware were made stationary upon the rack. 

A homemade dry box was cons truoted from a f'i ve gallon 

solvent drum. 1fhe box contained two a.rm ports, a .. indow, 

a light fixture, and gas entrance and exit tubes. Materi-

als were placed into and taken from the dry bo;{ through 

one of the glove holes. Phosphorus { V) oxide served as the 

desiccant. An atmosphere of nitrogen was maintained within 

the box. 

EXPE RilAim1r AL p ROCEDURE 

Heaction cell C and bulbs A and B were cleaned and 

dried overnight in an oven at 125°. 1£he bur et was not 

readily detached from the ~ack and so it was cleaned and 

dried in place. After the water washings, several portions 

of di'stilled acetone were r orced. th:•ough the buret. Final-

ly, dry nitrogen was passed through the buret overnight to 

insure complete . removal of the acetone. Vfrlile the detach-

able. parts of the apparatus were apa1"t from the main system, 

the resulting open places in the tubing network were stop-

pered to prevent the entrnnce of air and moisture. 

When the various pieces of equipment ware assembled 
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1n their proper positions, reaction cell C was flushed with 

nitrogen for at least one hour. Concurrently, condensation 

of ammonia was begun in the drying vessel. The buret had 

been thoroughly swept out with nitrogen in the cleaning 

process. 

Bulb A was taken from the oven, stoppered, cooled in 

a desiccator, weighed, and placed in the dry box. ' In a 

nitrogen atmosphere, aluminum iodide was transferred from 

the preparation tube to the addition bulb. After removal 

from· the dry box the tightly stoppered bulb was a~ain 

weighed in order to ascertain the quantity of aluminum 

iodide taken for the experiment. In most experiments, the 

amount of aluminum iodide used was from 0.5 to l.O gm. or, 

ro.ughly, 1-2. millimoles. The bulb containing the aluminum 

iodide was then quickly placed in its position above c. 
The aluminum iodide was then ammoniated in bulb A by means 

of the nitrogen diluted .anmonia stream in accordance with 
I 

the controlled procedure described previously. Uhen am-

moniation was complete, nitrogen was no longer passed into 

C; instead, a full strea.'11 of ammonia was ad.mi tted and some 

50 ml. were condensed in the reaction cell. Ordinarily 

the ammon1ated aluminum iodide was not transferred from A 

to the liquid in the main reaction vessel C until just 

before the titrations were begun. 

The quantities of aluminum iodide normally -employed 

in the titrations required the weighing of 100-500 mg. of 

metal, the exact amount depending upon the particular weight 



28 

of the aluminum iodide and the equivalent weight of the 

metal. Reasonably accurate weighings, to 1 mg. 1 of such 

reactive substances aa the alkali metals proved to be no 

simple task. Since the metals were stored under benzene 

the initial cutting operation on potassium, sodium., and 

lithium was done under the benzene. Calcium and barium 

were too hard to be cut with the paring knife used for the 

other metals; so these were cut into small pieces with a 

hacksaw. Mineral oil was poured over the metal being sawed 

to prevent undue exposure of the freshly cut surfaces to 

the atmosphere. 

Only the most satisfactory weighing procedure found 

is described here. Pieces of the metal with untarnished 

surfaces were obtained, under benzene., by cutting the alka-

li metals and by scraping the previously sawed pieces of 

the alkaline earth metals, These pieces were then trans-

ferred, by means of a "spear" made from a glass rod, from 

the benzene medium to another vessel containing low boiling 

Skellysolve. The very volatile Skellysolve was blotted 

quickly with a circle of filter paper and the metal piece 

was dropped into a ·tared 50 ml, glass stoppered erlenmeyer 

flask which contained dry xylene. The flask which con-

tained the xylene and metal was then weighed, Xylene was 

removed by again washing the metal with Skel lysol ve, 'l'he 

metal pieces were then placed into bulb B which had been 

flushed with gaseous ammonia and which contained a suffi-

cient quantity of Skellysolve to cover the metal surfaces. 

Bulb B was put into position in the apparatus and the 



volatile hydrocarbon product allowed to evaporate. Thia 

procedure had several advanta6es: the metal surfaces were 

exposed to the atmosphere only momentarily; washing with 
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the very volatile Skellysolve minimized the possibility of 

weighing absorbed hydrocarbon with the metal; weighing was 

performed in a closed flask which contained a relatively 

non-volatile hydrocarbon; and the metal surfaces were quick-

ly freed of the organic protective material tised in the 

final washing. 

With stopcock S-3 open and S-4 closed, ammonia was 

condensed in the ·'buret E. Since the gas inlet was at the 

bottom of the buret, ample stirring was readily accom-

plished. When a sufficient quantity of ammonia was con-

densed in E the metal was added from B. 'I'o make a volume 

reading, all of the metal solution was forced into the 

buret by means of an appropriate pressure of nitrogen 

through S-l, s-2, and S-3. 

When the original buret reading was detennined the 

titration proper was begun. The metal solution was slowly 

transferred through S-4 into the suspension of ammoniated 

aluminum iodide in ·c. To accomplish this stopcocks S-7 

and S-ll were open and S-8, S-9, S-10, and S-3 were closed. 

The contents of C were mixed by means of the magnetic stir-

rer. When the desired amount of metal solution had been 

added, the remaining solution was again forced ba~k into 

the buret and the volume read. 

Throughout most of the titrations a cooling bath was 

maintained around the reaction vessel. The temperature of 



the bath was not rigidly controlled but since the bath 

ordinarily contained an excess of Dry Ice the temperature 
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at which most of the experiments were made was in the 

neighborhood of ;_70°. In a few cases the titrations were 

performed at temperatures near the boiling point of ammonia·. 

This was done by removing the Dewar flask and allowing the 

temperature of the system to rise to the boiling point~ 

When the titration was concluded the reaction mixture 

was filtered. The filtrate passed through S-5 into the 

filter flask. Precautions we!"e taken to insure a positive 

pressure within tho reaction system throughout the filt~a-

tion. The flask containing the filtrate was placed in the 

hood and the solvent allowed to evaporate. 

Solid products remaining on the fritted disc were 

washed by repeated condensation of fresh ammonia over the 

solid, followed by vigorous stirring of the resulting sus-

pension. After the final washing the ammonia stream was 

replaced by nitrogen and the system was allowed to warm to 

room temperature. The reaction vessel was then taken from 

the apparatus, quickly stoppered, and placed in the dry 

box. In the dry box, samples were transferred from the 

reaction cell to tared glass-stoppered weighing bottles 

which were then removed and the quantity of sample deter-

mined by woighing. 

ANALYTICAL METHODS 

Whenever possible, solutions of samples for analysis 

were made up to a standard volume of 250 ml. and separate 

known aliquots of this volume were taken for determination 



of the various constituents. As a rule, both solid and 

filtrate samples were dissolved in dilute acid, either 

sulfuric or perchloric. 
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Lithium, sodium, and potassiuin analyses were made by 

means of a Perk in~Elmer model 52-C flame photometer. The 

operating procedures employed were obtained from the manu-

facturer (26). Calcium was determined by precipitation as 

the oxalate (27), followed by titration of this substance 

with standardized potassium permanganate solution (28). 

Barium was separated as barium chromate which was then 

dissolved in dilute acid, and the iodine liberated from an 

added excess of potassium iodide was titrated with standard 

sodium thiosulfate solution {29). 

Aluminum was determined gravimetrically with 8-quinol-

inol, using the tartrate method of Knowles (30). 

Iodide analyses were performed gravimetrically as 

silver iodide and, more frequently, volumetrically. The 

volumetric method involved add.it ion of an excess of stan-

dard potassium iodate to the acidified solution containing 

iodide. The liberated iodine was removed by boiling. Un-

used iodate was determined by addition of excess potassium 

iodide to the cooled solution followed by titration of the 

resulting iodine with standard thiosulfate (31). 

A.."lllllonia, either physically absorbed or as ammoniate, 

and substances such as amide and nitride, which hydrolyze 

to yield ammonia, were determined together. The solid 

samples were put into a boiling flask and tightly stoppered 



in the dry box to prevent loss of ammonia from the very 

reactive materials. Aqueous sodium hydroxide (approxi-

mately 10 per cent by weight} was added to the samples by 

means of a dropping funnel. The strongly basic solutions 

were then boiled and the expelled ammonia received in a 

saturated boric acid solution which was surrounded by an 

ice bath. The ammonia absorbed by the boric acid, as 

ammonium borate, was then titrated with standard hydro-

chloric acid to the b1•omcresol green end point (32}. 

Since no distinction was made as to the origin of the am-

monia titrated, the results of such determinations were 

expressed in terms of nitrogen. 
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In some cases the very small amount of solid product 

available prohibited the use of aliquot portions for the 

aluminum and iodide analyses. In such instances the iodide 

was first separated as silver iodide. Then, after removal 

of excess silver ion as silver chloride., by the addition 

of hydrochloric acid, aluminum was precipitated with 

8-quinolinol. 

Generally, titration data were obtained directly from 

the burst readinss ·and the weight of ma ta l taken. In some 

experiments, however, more accurato data could be obtained 

by determination of the amount of unused metal. This was 

particularly true in the case of lithium which has both 

low equivalent weight and relatively low solubili.ty in 

ammonia. The quantity of unused metal was ascertained 

either by the usual method of determination of the metal 
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or by titration, with standard acid, of the hydroxide formed 

by reaction of the metal with water. 

Directions for the various standardizations required 

in the analyses were obtained from the textbook by Kolthoff 

and Sandell (28). 



RESULTS AND DISCUSSION 

THE APPARENT END POINT 
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The solubility of the ammoniated aluminum iodide in 

ammonia was found to diminish sharply with decreasing temp-

erature. For example, many of the titrations performed 

involved approximately 0.5 Bfll• of aluminum iodide in about 

50 ml. of ammonia. At -33° the ammoniate was completely 

soluble in this quantity of ammonia but as the temperature 

was lowered to -70°, 1:t considerable amount of solid phase 

separated from solution. 

It was found that the metals gave a vigorous ini-

tial reaction with the suspension of ammoniated alurninum(III) 

iodide. This reaction was attended by immediate discharge 

of the blue color of the metal solutions; evolution of 

hydrogen, which was identified qualitatively, from the. 

whole of the reaction mixture; and liberation of heat. 

Shortly after the addition of metal solution was be-

gun all of the solid phase originally present at -70° 

passed into solution, possibly as the result of an increase 

in temperature attributable to the exothermic reaction. 

Another important factor possibly contributing to the in-

creased solubility of the aluminum iodide ammoniate is the 

disturbance of the solubility equilibrium caused by removal 

of one of the equilibrium components. 

The time required for the blue color of the :metal 

solutions to disappear, on addition oi' success! ve increments 

of ,·approximately equal magnitude, was taken as a measure 

of the rate of reaction. The rate decreased from that of 
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the initial rapid reaction to a very slow rate which was 

not greatly different from the rate of reaction between 

the metals and pure solvent. 'l'he gradual decrease in rate 

of reaction noted in the early stages of addition of the 

metals did not continue uniformly until the very slow rate 

was reached. Instead, in the vicinity of 1.. 5 equivalents 

of metal per atom of alurninu.lll, a definite break occurred. 

The sharpness of the break is shown by the data in Table 2. 

'fable 2 

:l'itre.tion of 1.43 Millimoles of Aluminum Iodide with 

0.104 M Potassium Solution 

Successive volume 
readings, ml. 

'\ 

0 - 22.2 

22.2 - 22,7 

22.7 - 23.2 

K increments in 
equivalents per 

atom of Al 

0 - l.60 

1.60 ... 1.64 

1.64 - 1.67 

Time, in minutes, 
required fo1' 
blue color to 

disappear 

10 

3 

60 

This break, observed in titrations with all of the 

metals studied, has been termed the apparent end point. 

The apparent end point then, was defined as the point at 

which the metal·ceaaed to be rapidly consumed. It would 

seem reasonable to attribute the rapid initial rate to a 

reaction different from the very slow reaction observed later. 

Thus the apparent end point became important in interpreta-

tion of the course of reaction because it served as a de-

marcation between reactions of widely different rates. 



The average numerical values of the apparent end 

point I which were obtained with the various metals 1 are 

listed in Table 3. 

Table 3 

The Apparent End Point at -70° 

Metal Number of Average equivalents of 
titrations metal per atom of 
averaged aluminum 

Potassium 11 1.63 + 0.13 -
Sodium 6 1.7 + 0.1 -
Lithium 2 1.6 

Calcium 2 l.6 

Barium 2 1,5 

All metals 23 1.6 t o •. l 

With potassium some titrations were performed at 

-33° in order to determine the effect of a relatively 
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large increase in temperature upon the apparent end point. 

At the higher temperature, the breaks were not as sharp as 

at -70°. An increased rate of reaction was the only sig-

nificant effect of temperature, however, since the numerical 

values of the apparent end point were the same for both 

temperatures. 

If lower valent aluminum were present for an appreci-

able length of time in the reaction mixtures at the apparent 

end point, the average oxidation state of the aluminum could 

be evaluated from the extent of reduction of a convenient 
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oxidizing agent. Solid silver nitrate was employed as the 

reagent to test for reducing power., for which the criterion 

would be fo~nation of metallic silver. The silver salt 

was always introduced after the blue color, attributable to 

unreacted metal, disappeared. This precaution was necessary 

since the metal solutions would readily reduce silver 

nitrate. 

Usually, when the apparent end point was reached, the 

silver nitrate was added to the turbid reaction mixtures. 

In other experiments, the filtrates were dropped onto the 

silver salt in the filter flask. Also, in some cases, 

several portions of the reaction mixtures were filtered 

onto silver nitrate at various intervals before the apparent 

end point was reached. Stlll further, experiments were 

performed in which the silver nitrate was added to suspen-

sions, in am.~onia, of solid products which appeared in reac-

tions carried beyond the apparent end point. 

In no case, before, at, or after the apparent end 

point, was there any detectable amount of metallic silver 

formed. The work concerned with the anodic oxidation of 

aluminum showed that the lower valent aluminu.rn formed was 

very unstable (1). In fact, evidence for lower valent 

species was obtained only in the presence of a reducible 

ion such as nitrate. Therefore, it seems unlikely that 

possible lower states, prepared by reduction with.the 

metal-ammonia solutions, would be of sufficient stability 

to fail to reduce silver ion. From these experiments it 
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was concluded that only aluminum(III) was present 1n the 

reaction products analyzed and further, that if lower 

valent aluminum were formed in the course of reaction, the 

existence of such species was so transitory as to elude 

detection by ordinary chemical means. 

As the apparent end point was approached the reaction 

mixtures became turbid. Except for the experiments' with 

metallic barium solutions, filtration immediately after the 

disappearance of the blue color at the apparent end point 

yielded only a small amount of grayish solid, With metals 

other than barium the quantity of solid obtained at this 

point did not exceed 20 mg, in experiments involving 

approximately 500 mg, of aluminum iodide. If the reaction 

mixtures, at the apparent end point, .were allowed to stand 

for several hours before filtration an increased quantity 

of solid product was obtained, When barium was used, rela-

tively large amounts of solid ware present at the apparent 

end point. 

The very small quantity of solid available from 

experiments with potassium, sodium, lithium, and calcium 
u 

did not permit division of the sample into two portions as 

was necessary if nitrogen were to be determined in addition 

to aluminum and iodide. Consequently, only the atomic ratios 

of iodide to aluminum were obtained. Only traces of the 

metal titrants, except barium, were found in the- solid 

products at the apparent end point. In the case of barium 

sufficient solid was obtained to allow complete analysis. 
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Some typical analyses of the solid products are listed in 

Table 4. 

For comparative purposes, the iodide : aluminum 

ratios required for a number of amm.onobasic aluminum io-

dides are presented in Table 5. 

Examination of the data in Tables 4 and 5 indicate 

that the solids analyzed do not correspond to any one of 

the ammonobasic iodides included in Table 5. The variance 

among the analyses of the products obtained from the sodium 

and potassium experiments suggests that mixtures rather 

than pure compounds were present. The predominating substance 

believed to be present in these solids is the insoluble am-

mon6basic iodide described by Franklin {14) and later by 

McElroy (9). In those cases in.whic_h.the aluminum: iodide 

ratio is greater than two, aluminum amide probably was 

present along with the ammonobasic iodide. It is also 

possible that some aluminum amide occurred in the other 

materials. 

The data obtained with barium indicate that a slightly 

soluble ammoniate of barium iodide V1as the primary constitu-

ent of the solid p~esent at the apparent end point. That 

ammonia is readily lost from the ammon1ate is evidenced by 

the widely different nitrogen ratios listed in Table 4. 

The product which gave the higher nitrogen ratio was takeri 

for analysis from the ammonia atmosphere immediately after 

the washed material reached room temperature. The lower 

nitrogen ratio product was allowed to stand at room tempera-

ture, in a nitrogen atmosphere, for two days before analysis. 



Metal 

Potassium 

Sodium 

Lithium 

Calcium 

Barium 

Table 4 

Solid Products at the Apparent End Point 

Atomic ratios 

I . Al • 
1.0 • 1.4 • 
1.0 • 1.5 • 
1.0 • 1.6 • 
l.O • 2.7 • 
1.0 3.0 

I • Al • 
1.0 • 1.6 . 
l~O • 1.8 • 
1.0 . 2.1 • 
l~O • 2.2 • 
1.0 2.4 • 

1.0 I • 1.2 Al • 

1.0 I • 1.2 Al . 
1.00 Ba . 2.07 I 7.13 N • 
1.00 Ba 2.03 I • l.24 N • 

Table 5 

• • 

Iodide • Aluminum Ratios for Annnonobasic Iodides • 

Formula Description Atomic 

I 

AlI3 starting material 1.00 

Al(N'H2 )I2 hypothetical 1.00 . • 

AlI3 •Al (NH2 )3 Franklin's soluble salt 1.00 • • 

Al(NU2)2I hypothetical 1.00 • • 

Al(NH2 )2I•Al(NH2)3 Franklin's insoluble salt 1.00 . . 
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0 Al 
0 Al 

ratios 

Al 

0.33 

0.50 

0.67 

1.00 

2.00 
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In both cases the sums of the constituent analyse~ exceeded 

99 per cent. 

From the small quantity of solid obtained at the 

apparent end point it is seen that only a relatively small 

fraction, not over 10 per cent, of the reaction mixtures 

was present in the solid phase when potassium, sodium, 

lithium, or calcium were reacted with aluminum iodide. 

Filtrate analyses, then, must be considered in any des-

cription and interpretation of the course of reaction. 

The quantities of material available in the filtrates 

made possible the procurement of reliable analytical data. 

Representative filtrate analyses are shown in Table 6. 

The numbers in the last column were obtained by subtrac-

tion or the iodide ratios from tho sum of the metal and 

aluminum ratios, each multiplied by the appropriate va-

lence number. 

The str•iking feature of the filtrate analyses is 

the disparity between the determined cation and anion 

charges. This inequality was observed in every experiment 

in which the reaction mixture was filtered at the appa1•ent 

end point and thus" is not likely to be the result of analyt-

ical error. Two explanations of this charge disparity may 

be considered. First, .if lower valent aluminum were pre-

sent, multiplication of the aluminum ratio by three 

would give rise to an excess of cation charges. The re-

ducing power experiments described ear•lier afforded no 

evidence for the presence of lower oxidation states of 

aluminum in the filtrates and so this possibility does not 
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':l.1able 6 

Filtrate Analyses at the Apparent End Point 

Metal Atomic ratios Total cation charges 
Al • M : I minus anion charges • 

Potassium 1.00 • 2.60 4.17 1.43 • 
1~00 3.43 4.71 1.72 
1.00 . 1.66 • 3.22 1.44 . . 
1.00 • 2.65 • 3.91 1.74 • • 
1.00 • 5.87 • 7.30 l.57 • • 
1~00 • 4.71 • 6.20 1.51 • • 
1.00 • 3,,,77 . 5.22 1.55 • • 
1.00 • 2.68 . 4.06 1.62 • • 
1.00 . 2.25 3.65 l.60 • 
1.00 • 2.29 3.74 1.55 • 

Average 1.57 t o.16 

Sodium 1.00 . 2.21 3.60 l.61 • 
1~00 • 2~53 • 3·~97 1.56 • • 
1.00 • 1.93 3.26 1.67 • 
1.00 • 1~61 • 3~02 1~59 . . 
1.00 . 1.84 • 3.30 1.54 • • 

Average 1.59 :I: 0.07 

Lithium 1.00 . 1.41 • 3.01 1.40 • • 
1.00 • 1.55 • 3.10 1.45 • • 

Average 1.43 :I: 0.03 

Calcium 1.00 • o.92 • 3.47 1.37 • • 
1.00 .. : 0.89 3.10 l.68 

Average 1.53 t 0.16 

Barium 1.00 • 0.120: 1.70 1.54 • 
1.00 • 0.135: l,88 1.39 • 

Average 1.47 :!: 0.07 
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seem plausible. The alternative explanation of the apparent 

violation of electrical neutrality is that some other anion 

was present which was not determined in the scheme of analy-

sis. Amide ion is the only other anion which could be 

present in the reaction system before filtration. Conse-

quently, the charge disparity may be used as a measure of 

the amide present in the filtrate. 

The data in Table 7 which are simply tho average 

values of the data in Table 6, demonstrate a particularly 

interesting point. 'l'hat is, at the apparent end point, 

Table 7 

Correlation between the Apparent End Point and the Atnount 

of Amide Found in the Filtrate 

Metal 

Potassium 

Sodium 

Lithium. 

CalciUill 

Barium 

Average apparent end 
point, equivalents of 
metal per atom of Al 

1.63 

1.7 

1.6 

1.5 

Average equivalents of 
amide, per atom of Al, 
in filtrate 

1.57 

1.59 

1,43 

1.53 

1.47 

amide ion was present in quantities equivalent to the 

amount of metal which reacted. Actually, the agreement 

between the equivalents of metal, per atom of aluminum, 

consumed at the apparent end point and the equivalents of 

amide, per atom of aluminum, formed by reaction of the 
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metals is better than indicated by the. values listed in 

Table 7, This results from the fact that the filtrate 

data represent some 90 to 95 per cent of the total alumi-_ 

num whereas the apparent end point are recorded in terms of 

100 per cent of the original aluminum iodide. Examination 

of the data in Table 4 indicates that from 2 to 3 equiv-

alents of a~ide are associated with each almninum atom 

in the solid products isolated at the apparent end point. 

Since the amide : aluminum ratio is greater for the solids 

than for the filtrates, the total amide values, referred 

to the total aluminum content, would be a little larger 

than the corresponding values given in Table 7 which con-

siders only the filtrates. It should also be noted that 

free metal amide could not be present in the filtrate 

since sodium amide is only slightly soluble, and the amides 

of lithium, calcium, and barium are practically insoluble 

in ammonia. Therefore, the amide must havs been tied up 

in a complex which;~aa relatively stable toward dissociation. 

Further information about the amide containing com-

plex at the apparent end point was deduced from the analyti-

cal data in the following manner. Consider a typical fil-

trate analysis, obtained in a potassium reactionJ in·which 

the atomic ratios were 1.00 Al : 2.29 K : 3.74 I. Now, it 

would seem reasonable to propose that all of the potassium 

ion in this filtrate was associated with iodide ion·. since 

slightly soluble barium iodide was isolated from the reac-

tions with barium. Subtraction of 2.29 from 3.74, to 
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account for potassium iodide, leaves the ratios 1.00 Al : 

1.45 I : 1.55 NH2 which are very near to tha empirical 

composition of l.OO Al : l.50 I : l.50 NH2 required by the 

soluble anunonobasic iodide prepared by Franklin ( 14). 

The proposed course of r0action can now be presented. 

It ls believed that the driving force of the reaction is 

armnonolysis of the ammoniated aluminum ion to yield free 

ammonium ion and soluble ammonobasic aluminum 90111pounds, 

in accordance with the equation: 

Al (NH3 ) 6 3+ + NH3 ~=~{Al (NII3 ) 5 {NH2 i] 2 + + NH4 + • 
The rapid initial rate of reaction then, results from the 

destruction of ammonium ion by the metals. Some of the 

llnos of evidence for ammonolysis of the original salt are 

as f ollmr.rs: 

(1) .Anunonolysis is known to occur in the uncontrolled 

allt.~oniation of aluminum iodide with gaseous 

ammonia (13). 

{2) The small, highly charged aluminum ion should 

show some acidic character in ammonia as it is 

known to do in aqueous medium. 

(3) X-ray diffraction patterns of a·ninoniatec. aluminum 

iodide samples possess lines attributable to 

ammoniu..~ iodide (33). 

(4) A sample of ammoniated aluminum iodide was dis-

solved in ammonia and the solution was. allowed 

to stand at approximately -55°. After the pas-

sage of about 24 hours the solution became 
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turbid. When the mixture was filtered, after 

67 hours, a small quantity of solid remained. 

Analysis of the solid yielded the ratios of 

4.31 Al: 1.00 I which indicated precipitation 

of ammcnobs.sic substances. 'l'he filtrate ratios, 

1.00 Al: 3.61 I, possessed a deficiency of 

cation,: 'charges which could be explainad on the 

basis of the presence of ammonium ion .• 

The available evidence indicates that the actual 

degree of ammonolysis is very small. That any ammonolysis 

occurs is significant., however, since the amrnonolytic equi-

librium would be continuously displaced by the irreversible 

liboration of hydrogen from ammonium ion. The net result of 

the addition of the metals then, would be evolution of 

hydrogen and accumulation of amide in the solution. Since 

the liberation of hydrogen and production of amide result 

from the same sequence of reactions, the amount of amide 

found at the apparent end point also gives an indirect 

measure of the quantity of hydrogen formed. One-half 

molo of hydrogen would be evolved for each gram ion of 

amide produced •. 
It is proposed that the original runmonolytic equi-

librium was responsible for the propagation of the reaction 

with the metals until sufficient amide accumulated to form 

a soluble complex of empirical composition 

Al1.0I1.5(NH2)1.5 • 

This complex was relatively stable toward both dissociation 



and further ammonolysis. The stability of the complex 

would explain the sharp break 1n the rate of reaction ob-

served when the apparent end point was reached. 
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It might be suggested that the aluminum ion in some 

manner catalyzes the otherwise very slow reaction between 

the metals and ammonia. Such an explanation, however, 

would not account for the sudden loss of catalytic activ-

ity at the apparent end point. It should also be pointed 

out that if lower valent aluminum ha.d transitory existence 

in these reactions, the end result could very well be the 

same as postulated in the preceding paragraphs. This would 

he expected since the lower valent aluminum must react 

L'lfiltlediately with the solvent yielding hydrogen, amide, and 

aluminurn(III). It would then be impossible to distinguish 

between the two mechanisms in a chemical manner. 

As mentioned previously, the quantity of solid prod-

ucts obtained at the apparent end point was a function of 

the time the reaction mixtures were allowed to stand. Not 

only did the amount of solid increase w 1th time but also 

the aluminum: iodide ratioE in the solid products increased 

with time. These ''observations suggest that the sol:td prod-

ucts originated from arumonolysis of the soluble complex. and, 

further, that the solid materials formed were themselves 

subject to emmonolysis. 1l.1he effect of' this continued 

amrnonolysis was the production of more amide and- ammon:l.um 

ions and the replacement of iodide ion originally associ-

ated with the aluminum by this amide. 
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It seemed of interest to study the effect upon tho 

apparent end point values, of allowing the original aluminum 

iodide suspensions to stanu for some tune before titration. 

The results of these experiments are presented in Table 8. 

Table 8 

Effect, upon the Apparent End Point, of Delayed 1r1tration 

Hours elapsed between 
solution and titration 

12 

12 

14 

16 

18 

20 

24 

Apparent end point, equivalents 
of potassium per atom of aluminum 

1.72 

1.95 

1.95 

1.81 

1.95 

l.92 

1.87 

It is seen that the apparent end point values in-

Ereaaed as a result of delayed titration. The absence of 

a uniform increase with time is believed to be attributable 

to temperature fl~ctuationa, since the temperature was not 

strictly controlled. Thus, to effect ammonolysis, a shorter 

time at a higher temperature could be just as effective as 

a longer standing period a.t lower temperatures. 'rhe experi-

ment, presented earlier in the list of evidence for ammon-

olysis, in which aluminum iodide was allowed to stand in 

ammonia solution for 67 hours, showed that the extent of 

ammonolysis increased with prolonged standing in solution. 



49 

Similar reasoning may be used to explain the incz•eaaed val-

ues for the apparent end point in the delayed titrations. 

These increased v~lues, however., ara believed t;o result 

not from an extension of tho original ammonolytic equi-

librium but rather from amrnoni~nn ion obtained from con-

tinued ammonolysis of tha basic substances produced by the 

original ammonolysis. The data in.Table 8 are cited as 

further evidence of the importance of mnmonolytic 1"eao-

tions to an understanding of the course of reaction in this 

system. 

If, as has been postulated abovo, a not effect of 

addition of the metals to Eillll!lOnia solutions of aluminum 

iodide is an accumulation of tmido in the solutions, titra-

tions with ammonia soluble potassium amide should give 

results similar to those obtained with the metals. Such 

experiments wore performed to throw more lisht upon the 

interpretation proposed. Solutions of potaas1u.~, in the 

buret, were converted to the amide in the prosence of a 

shiny iron wb.,e catalyst. Since the pale yellow wnmon1a 

solutions of potassiura amide do not possess sufficiently 

intense color to function as self indicators, no such 

b1•eak as the apparent end point could be obtained in the 

amide titrations. Instead, titration was stopped at the 

first observation of permanent turbidity in tho reaction 

mixtures. Those titrations were performed at about -50° 

to insure complete solubility of the ammoniated alutninum 

iodide. Tha turbidity point was found to be in the 
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vicinity of 1.6 equivalents of amide per atom of aluminu.~, 

which is in agreement with the corresponcHns point in th~ 

titrations with the m0tals, namely, near the apparent end 

point. Analytical data on solid products and filtrates 

from amide titrationa showed similar agreement with data 

obtained wit.h th£:1 metals. 

In another experiment, a mixed amide-metal titration 

was made, First O. 90 equiv. of potassiuJn amide, per atom 

of aluminum, was added to the alumlnum iod1.de solution. 

Then, the titration was continued with pota:rn:tum until the 

apparent end point was 1•each0d. 1Ih0 amount of potansium 

required was 0.87 equiv., which made a total of 1.77 equiv. 

of potassium. and amide added. This combined value is hie;her 

than but still of the so.mo order of magnitude as th3 usual 

apparent end point values obtained with the metals. Some 

of the data obtained fro!l1 tho amide experi."llents are pre-

sented ln Table 9. The qualitative and quantitative 

Table 9 

Analyses of Products from Amide Titration 

gqui v. added Solid Filtrate A.Tilide in filtrate 

1.60 1GTII2 

0.90 KNH2 

plus 0.87 K 

I : Al 

1.0 

1.0 2.5 

Al : K : I 

1.00 : 1.73: 3.36 1.37 

1.00 : 3.38: 4.82 1.56 

sl~1lilarities between tho metal titrations and the amide 
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titrations sug5est that, in many respects, the overall reac-

tions are identical. Once again, the experimental results 

lend support to the interpretation given to the course of 

reaction. 

REACTION BEYOND THE APPARENT END POINT 

As indicated previously the qualified expression 

apparent end point was coined because the metals continued 

to react, slowly, beyond the initial break. The rate of 

reaction past the apparent end point was of the same order 

of magnitude as that expected for the reaction of the metals 

with ammonia in heterogeneous medium. An indication of the 

time required for these slow reactions may be gained from 

the data in Table 10. 

Table 10 

Time Involved in Reactions Beyond the Apparent End Point 

Metal, and equiv. reacted 
per atom of aluminum 

1.91 K 

2.04 K 

2.16 K 

2.55 K 

2.57 Na 

2.62 Li 

3.08 K 

4.12 Ca 

4.21 K 

Hours required for complete 
reaction of metal 

4 

4 

14 

75 

68 

90 

96 

92 

190 
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'l'he time values listed in Table 10 are not necessarily 

comparable one with another.- Obviously,. the time required 

for reaction is primarily dependent upon the quantity of 

metal which reacts, and the actual weights of metal consumed 

are not specified in the tablee' Also., temperature fluctua-

tions from experir:lent to experiment should affect the rates 

of the reactions. The purpose of Table 10 is simply to 

illustrate that long periods of time are involved in the 

slow reactions., The sharpness of the break at the apparent 

end point again may be emphasized with the data of Table 10. 

For example, consider the reaction in which 75 hours were 

required for the consumption of 2.55 equiv. of potassium. 

The first 1.60 equiv. of the metal reacted in about one 

hour which means that the final O.95 equiv. required some 

74 hours for reaction. 

Typical analytical data obtained from the products 

of reactions past the apparent end point are summarized in 

Table 11. It is felt that analyses expressed in percentages 

may make the atomic ratio data more meaningful. Therefore, 

Table 12 was constructed from some of the values given in 

'l1able 11. 

The data in 1'able 11 indicate that the solid products 

obtained from reaction of from 2.0 to 2.5 equivalents of 

metal per atom of aluminum, possessed aluminum: iodide 

ratios which were not significantly different from those of 

the solids present at the apparent end point. In other 

words, the solid products obtained from reaction of up to 

2.5 equivalents of metal were mixtures of arnmonobasic 



Titrant Equiv. per 
atom of Al 

K 2.03 
K 2.04 
K 2.06 
Na 2.1 
K 2.16 
Na 2.5 
K 2.54 
K 2.55 KN¾ 2.55 
Na. 2.57 
Li 2.62 
KNH2 3.00 
K 3.08 

Ca 1 .12 
KNlI 4.12 K 2 4.18 
K 4.21 
KNH 2 4.21 

Table 11 

Reactions Beyond the Apparent End Point 

Solid Analyses Filtrate Analyses 
atomic ratios atomic ratios 

I • Al • M . N Al . 11 • I • • . . • 

1.00 : 2.06 : 0.05 : ---- 1.00: 4~90: 6.53 
1.00 : 1.54 : ---- : 5.50 1.00 : 4.69 : 6.81 
1~00: 1.66 : 0.02: 5.81 1.00: 5.88 : 7.58 
1.00 : 1.67 : o.o : 5.65 ------------------1.GO: 2.10: 0.05: ---- 1.00: 7.23 : 9.00 

1~00: 1.61: ----: 5.84 o.o : 1.03 : 1.00· 
1.00: 1.80 : 0~05 : 4.80 o.o : 1.00: 1.03 
1.00: 3.32 : 0.12 : ---- 0.05: 1.00: 1.15 
1.00: 2.44 : 0.12: 6.06 0.01: 1.00: 1.04 
1~00: 2~18 : 0.10: 6.40 o~o : 1.00: 1~01 
1.00: 2.77 : ----: B.71 0.04: 1.00: 1.13 

0.06: 1.00: 0.16: ---- o·.o : 1.00 : 1.05 
0.04 : 1.00 : 0.17 : 3.1 o.o : 1.00: 1.00 

o~o : 1.70: 1~00 : 6.86 1~00: 3~45 : 5.94 
o.o : 1.65: 1.00 : ---- 1.00: 4.87 : 4.01 
o.o : 1.00 : 1.17 : ---- ---------~--------o.o : 1.15: 1.00: ---- 1~00: s;sa : 4.92 
o.o : 1.00: 1.20: ---- 1.00: 4.83 : 3.63 

Amide in 
filtrate 

1.37 
0.88 
1.30 -----
1.23 

o.o 
o.o 
o.o o.o 
o.o o.o 
o.o 
o.o 
3.96 
3.86 

· 3.76 
4.20 

01 
v1 
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Table 12 

Percentage Composition. of Solid Products 

Equiv. of metal Percentage composition of solid 
per atom of Al 

I • Al ; M • N , , 
2.04 K 47.3 • 15.4 • -------- • 28,7 , , , 
2.12 K 47.2 • 16,9 • 1,9 ; , I 

2~55 KMH2 40,3 • 20.9 • 1,4 • 26,6 , , 
2.57 Na 41.0 • 19.0 • 0.1 • 28.9 , , , 
2,62 Li 36.l • 21.2 • 0,07 • 34,7 I ' ' 
2.8 K 38.5 • 21.0 • 5.6 • 32.5 I , , 
3.00 KNB2 9.5 • 32.1 • 7.2 • --- ... -' , , 
3.08 K 5.6 • 31.3 • 7.9 • -----, , :, 

4.12 Ca o.o • 21.6 J 18.9 • 45.3 , , 
4,21 K o.o • 19,2 • 24.2 • ---.-I I , 

aluminum iodides, predominately the insoluble material of 

empirical composition Al(NH2)3 • Al(NH2)2I, and, occasionally, 

some aluminum amide.· The longer reaction times beyond the 

apparent end point should favor the formation of aluminum 
" amide by ammonolysis of the'ammonobasic iodides, 

The quantities of solid obtained from the reactions 

past the apparent end point, particularly when more than 

2,0 equivalents of metal were consumed, were much greater 

than· the amounts present at the apparent end point. This 

is primarily attributable to the increased quantities of 

anide ion ,which became available as mo:i:1e metal reacted. 
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When about 2.5 equivalents of metal had reacted, essentially 

all of the aluminum was present in the solid phase. The 

filtrates at this point contained only the metal iodide as 

a majoz, constituent. Reaction of from 2 .5 to 3 .o equi va-

lents of metal resulted in·furthar replacement of iodide, 

by amide, in the solid products. In the vicinity of 3.0-

equivalents of metal reacted., the l'lajor solid product was 

aluminum amide. Again mixtures were present, however, for 

the solids at 3.0 equivalents contained both iodide and 

potassium. When 4.0 equivalents of metal -reacted, aluminum 

once again was found in the filtrate as a result ·of forma-

tion ;of the fairly soluble tetramidoaluminate complexes. 

From the data in Table 11 it is seen that the analyti-

cal results from the reactions which involved the use of 

potassium amide as titrant are very similar to those ob-

tained from the metal:•:reactions at the appropriate point 

of comparison. In one respect, however, some of the amide 

reactions diffe~ed greatly from those of the metals. This 

difference occu~red in the experiments in which about 4 

equivalents of the titrant reacted. In the case of the re-

actiona·with the metals, relatively large quantities of 

solid, involving approximate1y·40 per cent or the original 

aluminum, remained at the completion of the reaction. 

With potassium amide, however, only a minute amount of 

solid product was present when the reaction mixture was 

filtered. The analytical data indicate that the same 

products are formed with both amide and metal. The solid 

products appear to consist primarily of the amidoaluminate 



complex which is contaminated with either metal amide or 

aluminum amide. For example, the atomic ratios found in 

the solid from the reaction of 4.12 equivalents of calcium 

were in excellent accord with those expected f'rom;,a mix-

ture of calcium tetraamidoaluminate and calcium amide in 

the ratio of 1.00: 0.12, respectively. Incidentally, the 

preparation of the calcium amidoaluminate apparently has 

not been previously reported. It is believed that the 

difference between the amide and metal experiments at 

56 

4 equivalents is probably the result of a~ aging phenomenon 

which arises from the very long pe,riod of_ time required for 

the metal reaction. No experimental evidence was obtained, 

however, to support this view. 

The formation of the solid products may be conven-

iently represented by the following series of steps:, 

AlI3 .-+ Al(NH2 )I2 Al(NH2 )2I-+- Al(NH2 )3 _., MAl(NH2 )4 • 

This formulation is of a speculative nature since it is 

·not known whether or not .Al(NH2 )I2 and Al(~H2)2I actually 

exist. The reaction products which contain aluminum, how-

ever, may be accounted for successfully on the assumption 

that such products consist of mixtures of the appropriate 

ammonobasic compounds, listed above, which were derived 

from aluminum.iodide. 

It should be stressed that the ammonobasic iodides 

and the amidoaluminates are subject to ammonolys,is, with 

the _ultimate formation of aluminum amide, upon prolonged 

contact with liquid ammonia. For example, ammonia washed 

samples of an ammonobasic iodide, which had aluminum : 
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iodide ratios of _approximately 2: 1, initially were sus-

pended in pure.ammonia and allowed to stand for long periods 

of time. One sample was.analyzed after the passage of 60 

hours and the other after 87 hours. The atomic ratios 

found in the solids were 5.3 Al: 1.0 I and 7.2 Al: 1.0 I, 

l'espectively. In each case, iodide ion was detected in 

the filtrate. 

In the light of' t·he number of possible products and 

the ammonolytio reactions which these products oan under-

go, it is not surprising that mixtures, rather than pure 

compounds, were always obtained from the reaction system 

studied. 

In an entirely different type of experiment, the 

anmionobasic ·iodide mixture obtained by reaction of 2 .06 

equivalents of potassium per atom ot aluminum, was heated 

to aoo0 in an evacuated Vycor tube. Ammonia and ammonium 

iodide were liberated from the heated solid, which lost 

approximately two-thirds of its original weight. The 

pertinent analytical data derived from this experiment 

were as f ollowa: for the original ammonobasic iodide mix-

ture the ratios, 1.00 I : 1.66 Al: 5.81 N : 0.02 K; for 

the original filtrate, 1.00 Al : 5.88 K : 7.58 I : 1.30 NH2 ; 

and for the heated solid, 1.00 N : 1.07 Al: 0.102 I I 

0.0009 _K were found. The percenta8e composition of the 

heated solid was 22.0 N, 20.3 I, 45.5 Al, and o •. 3 K. The 

analytical data from the heated solid indicate that alum-

inum nitride, AlN, was the primary constituent of the 
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0 of the material produced at 800. The iodide in the heated 

substance possibly was present as an 1mide - iodide such 

as Al(NH)I. The products obtained from the thermal decom-

position experiment were just as would be expected from an 

original a'1l!llonobasic iodide mixture and afford no evidence 

for the presence of lower valent aluminum,. either in. the 

original solid or in the heated solid. 

McElroy, Kleinberg, and Davidson (9) found that when 

aluminum ions, iodide ions, and the ammoniated electron 

species were all present in the same solution, the insolu-

ble ammonobasic iodide, Al(NH2) 2I • Al(NH2 )3 • 2NH3, was 

always formed. The components of the reaction systems des~ 

cribed in this thesis differed from those of McElroy, 

Kleinberg, and Davidson only in that alkali or alkaline 

earth metal ions were also present. Since these metal ions, 

aa such, should have no direct effect upon the nature of 

the aluminum products obtained., the two systems are essen-

tially equivalent, and ammonobasic aluminum compounds found 

in the electrolytic investigations should also be the result 

of the present experiments. In the reactions inves·tigated 

in the present wor~, the ex~ess of solvatod el~ctrons, 

which, of course, were accompanied by alkali or alkaline 

earth metal ions, allowed further rea_ction and _the forma-

tion of products other than the one annnonobasic iodide 

obtained by McElroy _and co-workers. 

Finally a few words are necessary concerning the 

interpretation of the potentiometric titration data of 

Watt, Hall, and Choppin (3). If reduction of aluminum 
f 
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to lower oxidation. atafres takes .place; the apec1e·s formed 

must react almost instantaneously with the solvent since 

it has not been possible to detect any reducing power in 

the reaction mixtures. With aluminum(II) as the specific 

example, this reaction would be A12+ + NH3 = A13+ + NH2•+ iH2 • 

Now if the aluminum(II) reacted immediately after its 

formation the effective concentration of alumlnum(II) in 

the system would remain essentially constant and nearly 

equal to zero. Since aluminum{III) is regenerated from 

the lower state its effective concentration should also 

remain essentially constant until t·he accumulation of base 

would cause a change in the aluminum(III) species present. 

If the potentiometric data are to reflect reduction of 

aluminum(!!!) to aluminum(II), the change in potential must 

result from changes in the concentration ratio Al(III)/ 

Al(II). Also, the conversion to aluminum(II) must take 

place in more than trace quantities. As pointed out 

above, however, the concentrations of both of these species 

would be expected to remain nearly constant. Therefore no 

change in potential would occur as the result of reduction 

and no break in the curve would be found. Furthermore, 

it would appear reasonable to expect that if lower valent 
... 

species were present for a sufficient length 0f time to 

allow their detection by the rather slow process of poten-

tlometric titration, they would also be detectable by the 

various means already mentioned, 
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SUMMARY 

Ammonia solutions of potassium, sodium~ lithium, 

calcium, and barium react vigorously with suspensions of 

aluminum iodide hexammoniato in ammonia at -10°. It is 

believed that the rapid initial reaction is between the 

metals and anmonium ion which results from ammonolysis of 

the aluminum ion. Although the degree of ammonolysis is 

small, the ammonolytic equilibrium is continuously dis-

placed by the irreversible evolution of hydrogen, and tho 

rapid reaction continues until all of the aluminum is tied 

up as a soluble, stable complex of empirical composition 

Al1.oI1. 5 (N~) 1 •5 • When this has occurred the rate of 

consumption of the metals thereafter decreases greatly. 

This point is termed the apparent~ point, the 

average value of which, determined fr~n titrations with 

solutions of the fivo above mentioned metals, is l.6 ± 0.1 

equivalents of metal per atom of aluminum. At the apparent 

end point not more than 10 per cent of the aluminum 'in the· 

reaction mixtures is present in the solid phase, the re-

mainder being in solution. Reducing power experiments 

with silver nitrate indicate that lower valent aluminum 

species cannot be detected in the reaction mixtures at 

any time during the course of reaction. 

The excess of cation charges over anion charges ob-

served from the analytical values for aluminum, -metal and 

iodide ions gives a measure of the quantity of amide 

formed. The anido is present in the solid products as a 
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constituent of ammonobasic aluminum compounds and in the 

filtrates in the soluble ammonobasic .aluminum iodide, 

Al1.0I1.5(NH2>1.s• Experiments which involve barium differ 
from those with the other metals in that slightly soluble 

barium iodide ammoniates·occur in solid products at the 

apparent end point, whereas the iodides or the other metals 

are soluble in ammonia. 

Consideration of the total amide found at the apparent 

end point., both in the solids and filtrates., shows that for 

each equivalent of metal which reacts one equivalent or 

amide is produced. 

Reaction beyond the apparent end· point proceeds _at 

extremely slow rates which approximate those or the metals 

with the solvent. The result of these slow reactions is 

the production of more amide and the accumulation of larger 

quantities of solid products., which are mixtures of ammono-

basio aluminum canpounds rather than pure substances. 

Titrationa with potassium amide, in most cases, are 

qualitatively and quantitatively in agreement with the 

corresponding titrations with the metals. 

The results·· of this work do not preclude the t'orma-

tion and transitory existence of unstable lower valent 

aluminU1n species in the reaction systems. It is believed., 

however, that sufficient evidence for the existence of 

such species in systems of this kind has not yet been 

presented. 



SUGGESTIONS FOR FURTHER WORK 

Successful reduction of simple aluminum salts to 

lower oxidation_~tates in a.mmo~ia solution seems unlikely 

because of the preferential reduction of.ammonium ion 

produced by ammonolysis of the small, highly charged 

aluminum ion • 

Reduction studies on stable aluminum complexes such 

as the fluoro complex Na3AlFe, might be worthwhile. The 

solubility or· such compounds in ammonia is probably very 

small, however• Complexes containing reducible ligands 

should be avoided. 

The present work suggests that the possibility of 

arnmonolysis must be considered in the interpretation of 

reduction studies in ammonia solutions. Such investiga-

tions, regardless of the experimental technique employed, 

should be accompanied by complete analyses before reduct-

ion to lower oxidation states is postulated. 
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