
21 August 1964, Volume 145, Number 3634 

The Chemistry 
Noble Gas Compoui 

The synthesis of simple fluorides, oxyfluor 
oxides, and xenates and perxenates is discus 

Herbert H. H 

In 1962 it was established that the 
family of elements in the periodic table 
formerly described as the inert gases 
had a rather rich chemistry (1). This 
discovery and the proliferating research 
resulting from the publication of these 
observations have been reported and 
discussed at three symposiums, the first 
held specifically for this purpose at 
Argonne National Laboratory on 22 
and 23 April 1963 (2). A session on 
the chemistry of noble gas compounds 
was included in the symposium on inor- 
ganic fluorine chemistry at the Argonne 
Laboratory, held from 4 to 6 September 
1963, and another such session, spon- 
sored by the American Chemical Soci- 
ety's division of inorganic chemistry, 
was part of the Society's national meet- 
ing in New York the following week. 
In view of this extensive and well- 
reported research, it is possible to dis- 
cuss the chemistry of this group in the 
periodic table with considerable confi- 
dence and generality. 

As in any rapidly developing area, 
preliminary speculation about the na- 
ture and structure, and even the for- 
mula, of particular xenon compounds 
has often been erroneous. The icono- 
clastic aspects of the discoveries of 
noble gas compounds encouraged pre- 
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primarily to observations on the chemis- 
try of xenon and reasonable extrapola- 
tions to krypton and radon compounds. 

Such extrapolations suggest very 
strongly that no compounds analogous 

of to the fluorides of xenon will be found 
o?A ~ with argon or any lighter noble gas or 

with xenon and any element less elec- 
ids tronegative than oxygen. Scientists have 

been understandably reluctant to report 
their failure in the attempt to make 

ides, argon fluorides or new xenon com- 

ssed. pounds. 
I am aware of a number of unsuc- 

cessful attempts involving argon and 

yman fluorine in which high and low tem- 
peratures, high pressure, and electric 
discharge were employed. Perhaps the 
most convincing published evidence for 
the nonexistence of an argon fluoride 

such guesses, and is found in the work of Turner and 
ept responsibility Pimentel (3). They deposited mixtures 
)rd wherever pos- of argon and fluorine on a transparent 

window at 20?K and irradiated the 
emphasized that frozen matrix with rather intense ultra- 
compounds have violet light. They found no evidence 

investigated. Un- for an argon fluoride, although both a 
both observation krypton fluoride and two xenon fluo- 

easily noted. Sev- rides are easily produced and identified 
its were aired at by their infrared absorption spectra 
oned conferences when a little of either of the gases is 
been resolved, a mixed with the argon. 
controversies re- I know of only a few attempts to 

make xenon compounds with elements 
:ountered in ex- other than oxygen or fluorine bonded 

of xenon hexa- to the xenon, notably by the irradiation 
nflicting observa- at low temperature of a xenon chlorine 
sis of the lower mixture. No success has been reported. 
.d here in some With radon as the central atom, there 
he material cov- may well be a somewhat greater chance 
s as certain and of success. 
)mparable chemi- Xenon exhibits every even oxidation 
ch older vintage. number from 2 to 8, and stable com- 
eneralization that pounds in massive amounts have been 
the experimental isolated for each of these. The charac- 
emical bonds are teristic compounds for xenon (II) and 
the heavy noble (IV) are the binary fluorides, xenon 
ectronegative ele- difluoride and tetrafluoride. For Xe 
xygen. Since the (VIII), the perxenate anion is the most 
radon has a half- important species, while xenon (VI) 
,the observations has the most diversified chemical be- 
on are rather lim- havior. 
s are more diffi- Xenon compounds that cannot be 
der to keep than readily fitted into this simple bonding 
o to some extent scheme have been reported from time 
oble gases refers to time. Some of these compounds are 
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real, complex, and not yet thoroughly 
understood. Other reports of this na- 
ture have not been confirmed, and some 
data have been reinterpreted so as to 
remove the need for strained explana- 
tion. 

The compounds of xenon may be 
conveniently grouped in three categories. 
The xenon-metal hexafluoride adducts, 
the xenon fluorides and oxyfluorides, 
and the xenon oxides, xenates, and per- 
xenates. 

The Xenon-Metal 

Hexafluoride Adducts 

Although the compound formed be- 
tween xenon and platinum hexafluoride 
provided the first evidence that xenon 
was not a truly inert gas, the nature of 
the products resulting from this reac- 
tion, as well as the similar xenon ad- 
ducts formed with ruthenium and rhodi- 
um hexafluorides, has not been fully 
elucidated. The actual composition of 
these adducts is not reproducible. For 
example, in a single set of experiments, 
analyses show that from 0.86 to 2.2 
moles of platinum hexafluoride are com- 
bined per mole of xenon (4). Most of 
the preparations contain some platinum 
(V), and thus presumably the PtF,- 
anion, but the evidence for any substan- 
tial concentration of the cation radical 
Xe+ is weak. Bartlett decided to investi- 
gate the reaction of xenon and platinum 
hexafluorides, because he observed a 
red impurity in platinum hexafluoride; 
he determined its structure as O2+PtF., 

successfully predicted the synthesis of 
this red compound by the direct combi- 
nation, at room temperature, of oxygen 
and platinum hexafluoride, and then 
successfully predicted an analogous re- 
action between xenon and platinum 
hexafluoride. The nature of the oxygen 

adducts with metal fluorides is also 
somewhat in doubt, since magnetic stud- 
ies on such compounds as 02BF4 and 
02PF, show significant concentrations of 
unpaired electrons, but much lower 
concentrations than would be required 
for uniform distribution of the oxygens 
as 02+ cations (5). 

Clifford (6) has suggested the pres- 
ence of similar xenon (I) cations as a 
constituent of the complex xenon fluo- 
silicates produced by electric discharge 
in mixtures of xenon and fluorine in 
silica equipment. 

Morton and Falconer have exposed 
xenon tetrafluoride crystals to ionizing 
radiation at low temperatures (7) and 
have studied the formation and decay 
of the odd electron species XeF+. In a 
xenon tetrafluoride lattice at room tem- 
perature a reasonable concentration of 
such cations would not be expected, but 
the possibility of finding such species in 
xenon metal hexafluoride adducts can- 
not be dismissed. However, it is likely 
that rearrangement to more stable con- 
figurations involving xenon (II) will be 
preferred, and that samples in which 
substantially all the xenon is present as 
a xenon (I) are probably rather difficult 
to prepare. No evidence has been sug- 
gested for the existence in the gas, or in 
solution, of an individual molecule con- 
taining such a cation. 

Xenon compounds have been pre- 
pared as the mixed fluorides which con- 
tain group (V) metals surrounded by 
fluorine. XeF2- (SbF5)2 might be taken 
as a type compound (8). This might 
be formulated in a number of ways- 
for example, as the ionic Xe++(SbF,-)2 
or as a bridged structure with Xe ;oin- 
ing the two hexafluoroantimonate octa- 
hedrons. Peacock has argued persua- 
sively in favor of the bridged structure. 
Arsenic or tantalum may take the place 
of antimony, but BF3 does not seem to 

Table 1. Xenon fluoride, oxyfluoride, and oxides: some thermochemical data. The values given are 
estimates, by me, for the crystalline state at 298?C; they are based on selected averaging of data 
discussed in the text. 

Oxidation 
No. 

2 
2 
4 
4 

Com- 
pound 

XeF2 
XeO 
XeF 4 
XeOF2 

4 XeO 2 

6 XeF6 
6 XeOF4 
6 XeO2F 
6 XeO3 

AHf AH, 
(kcal/mole) (kcal/mole) 

-30 12.3 

-68 15.3 

-96 13 
10 

96 

Comments* 

Observed in emission spectrum 

Probably prepared but never adequately puri- 
fied and characterized 

Never observed as independent species 

Observed only in mass spectrometer. 
A sensitive and violent explosive; easily 

prepared. 

: All the species listed, as well as a number of fragmentation products, have been observed in the 
mass spectrometer as positive ions. Correlation of such observations with the existence of stable 
independent species is often possible and has been made for each of the xenon compounds isolated 
in massive amounts, as well as for XeO2F2 (19). 
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Table 2. Vibrational spectra of XeF2. 

Spectral region 
Vibsa- (waves/im)* tionbra- Description (waves/cm)* 

Vapor Solid 

Pl 

P2 

s3 

Vl + P3 

Symmetric 
stretching 

Bending 
Asymmetric 

stretching 
Combination 
Libration 

* IR, infrared; R, Raman. 
by subtraction: 1070 - 557. 

IR (-513)t R496 
R 515 

IR 213.2 
IR 550\557 IR 564f5 
IR 1070 

R 108 

t Value obtained 

form adducts with the lower fluorides. 
Since the composition and the physical 
properties of these compounds also seem 
to vary somewhat, depending on the 
technique of preparation, xenon (I) has 
been postulated as a constituent in some 
of these preparations (6), but on the 
basis of little supporting evidence. 

Xenon hexafluoride forms solid ad- 
ducts with a number of electron pair 
acceptors (Lewis acids), including bo- 
ron trifluoride and arsenic pentafluoride 
(9). The boron trifluoride adduct seems 
to sublime in vacuum without decom- 
position, but the structure of these com- 
plexes 'has not yet been established in 
either gaseous or solid phase. 

Xenon hexafluoride appears to be 
absorbed on sodium fluoride, and it 
seems likely that compounds are formed 
analogous to Na2UF8, which has been 
identified in the complex formed by ab- 
sorbing uranium hexafluoride on sodium 
fuoride. Xenon hexafluoride is less 
strongly absorbed than uranium hexa- 
fluoride (or hydrogen fluoride) but 
much more strongly absorbed than xe- 
non tetrafluoride or molybdenum hexa- 
fluoride (10). 

Xenon Fluorides and Oxyfluorides 

The fluorides and oxyfluorides are 
probably the most studied and the best- 
understood group of noble gas com- 
pounds. Xenon fluorides may be syn- 
thesized from the elements by virtually 
any process which exposes xenon to 
fluorine atoms. These processes include 
the use of high temperature, of ultra- 
violet or other ionizing radiation, and 
of electrical discharge in either fluorine 
gas or reactive fluorides. With low con- 
centrations of fluorine atoms, the di- 
fluoride is formed first, and rather pure 
fractions may be removed from the sys- 
tem. Continued exposure yields the 

tetrafluoride; xenon hexafluoride has so 
far been produced only under condi- 
tions where it is in equilibrium with the 

SCIENCE, VOL. 145 

I 



tetrafluoride, and a considerable excess non and fluorine reacts spontaneously The reaction of xenon with fluorine 
of fluorine is required to obtain substan- at room temperature to yield xenon di- is an exothermic reaction. After some 
tial yields. fluoride. At 8 to 12 atmospheres the preliminary measurements of the heat 

At a total pressure of about 30 at- reaction rate becomes negligibly slow at of reaction of xenon fluorides with hy- 
mospheres, an equimolar mixture of xe- room temperature (11). drogen, the heat of formation, AHf, of 

Table 3. Vibrational spectra of xenon tetrafluoride and xenon oxide tetrafluoride. All reported infrared bands are for the vapor. Raman 
bands for XeOF4 and for the liquid, and for XeF4 are for the solid. The v, and v, Raman bands for XEF, have been observed in the vapor 
at, respectively, 549 and 513 waves per centimeter. 

Xenon tetrafluoride (XeF4) Xenon oxide tetrafluoride (XeOF4) 

Mor 
~ , Wave Mode of Wave aomio Smr Vibration Where WVibration Where nume atomic Symmetryo number ic Where number? atomic Symmetry* numbert 

motion (cm-,) motion (cm-,) 

a, yl R, p 919 (s) 

IR 928.2(s) 

543 (vs) a, P2 

IR 578? (vw) 

IR 291 (s) a I P3 

IR 288 (s) 

Inactive 221 ? 44 
IR 586 (vs) - 

41? 

IR 

vP 

Pi 

N.o. 

IR 1105 (w) 

IR 1136 (w) 

P2 + V7 

2V2 

R N.o. 

R N.o. 

IR 609 (vs) 

R 364 (mw) 

IR 362 (ms) 

R 161 (vw) 

IR N.o. 

IR 1186 (w) 

IR 1156 (w) 

2ps and/or IR 735 (w) 

v7 + v9 and/or 

Y5 + vG 

P3 + V5 R 818 (w) 

* The designations (al, b2, e) are group theoretical notations that designate the symmetry of vibration. They are related to the alteration in electric moment and polarizability associated with the modes of atomic motion given in the diagrams. t The numbering of each vibration band is somewhat arbitrary, but is needed to permit the simple designation of combination bands. $ Some bands can be observed only in the Raman, others only in the infrared, some in both. R, Raman; IR, infrared; p, polarized. ? While infrared and Raman bands are usually measured as wavelengths in air, the parameter which is important for theoretical calculations is the frequency, which is conventionally divided by the velocity of light and expressed as the wave number (waves/cm). This is equal to the reciprocal of the wavelength in a vacuum. vs, Very strong; s, strong; m, moderate (or moder- ately); w, weak; vw, very weak. Some bands, which, while weak, should be observable for the given structures, have not yet been observed; these are labeled N.o. IIA 123-cm-1 line as reported in the literature (25) has now been reinterpreted as an HF rotation; the vi line has not yet been observed. 
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R 

R 
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235 (w) 
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530 (s) 

+ e,,l v 

PV + P( 

V + I't; 

b., 

P8 

-i- 

-% 



XeF, and XeFR were reported as -54.8 
and -78.7 kcal/mole, respectively, at 
398?K (12). After recalculation with a 
revised value of the AHf for hydrogen 
fluoride (13), these results become 
-57.6 and -82.9, respectively. This 
suggests a bond strength of about 33 
kcal/mole for the xenon fluorine bond. 

The equilibrium constant for the for- 
mation of XeF2 (200 ? 20 atm) at 
250?C may be combined with a calcu- 
lated entropy based on the vibrational 
spectrum [AS? (the standard entropy 
change for the formation of XeF2) at 
250?C -27 cal/mole deg] to yield a 
AHf for gaseous XeF2 of -19.4 kcal/ 
mole (14), or about 28 kcal/mole for 
the xenon fluorine bond. 

A measurement of the heat liberated 
on hydrolysis of xenon tetrafluoride in 
an aqueous iodide solution (15), when 
corrected through recalculation with the 
improved value for heat of formation 
of hydrogen fluoride yielded -63 kcal/ 
mole for the AHf298 (the heat of forma- 
tion at 25?C) of XeF4. A measurement 
of the heat of combustion of solid XeF2 
in NH, in a standard combustion calo- 
rimeter gave 28.8 kcal/mole for AHf298 
of that compound (16). These meas- 
urements correspond to xenon fluorine 
bond energies of about 30 kcal/mole in 
XeF4 and 27 kcal/mole in XeF2. 

An estimate of the bond energies and 
heats of formation has been based on 
appearance potentials in a mass spec- 
trometer (17). The results for XeF4 
and XeF2 are in the same range ( - 30 
kcal/mole for the bond energy). There 
seems to be good evidence that in XeF4 
the second set of fluorines are harder to 
remove in the mass spectrometer than 
the first set. Svec and Flesch (17) be- 
lieve this finding would correspond to 
greater bond strength in XeF2 and, al- 
though the actual observations are rath- 
er approximate, their summary suggests 
-53 ? 5 and -37 ? 10 kcal/mole, re- 
spectively, for the heat of formation, at 
about 400?C, for xenon tetrafluoride 
and xenon difluoride. 

The general relationship between 
bond energy and interatomic distance 
leads to an independent estimate of rela- 
tive bond strength. For xenon difluo- 
ride and tetrafluoride the bond distances 
are rather accurately known from dif- 
fraction data. The lesser distance (and 
therefore the greater bond strength) is 
associated with higher oxidation num- 
ber. The opposite conclusions, derived 
from results with the mass spectrom- 
eter, may arise from the uncertainties 
surrounding the determination of bond 
energies from appearance potentials. A 
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reasonable estimate of the average xe- 
non-fluorine bond energy in the three 
xenon fluorides might be 28, 32, and 34 
kcal/mole, respectively, for the difluo- 
ride, tetrafluoride, and hexafluoride. 

In general, one oxygen atom may be 
written for two fluorine atoms in any of 
the xenon fluorides. The resulting com- 
pounds are listed in Table 1. The heat 
of formation (of the solid) has been 
determined for the explosively unstable 
XeO3 as about 96 kcal/mole (18). This 
positive heat of formation is expected, 
in view of the great stability of molecu- 
lar oxygen, and the strength of the 
xenon oxygen double bond is near 25 
kcal/mole. But since molecular oxygen 
is not easily dissociated, the production 
of massive amounts of oxygen-contain- 
ing compounds from the elements has 
not yet been demonstrated, and the sub- 
stitution of oxygen for fluorine requires 
a metathetical reaction. Hydrolysis is 
probably the most convenient procedure 
for producing oxygen compounds of xe- 
non (VI). 

XeF,; + H20 -> XeOF, 
- 2H20 -> XeO2F2 

+ 3H20 .-> XeO: 

+ 2HF 
+ 4HF 
+ 6HF 

As may be noted in Table 1, xenon 
oxide tetrafluoride, XeOF4, is a thermo- 
dynamically stable species, and gram 
amounts of this liquid have been iso- 
lated and studied. Xenon dioxide di- 
fluoride, XeO2F2, has been observed in 
the mass spectrometer as an independ- 
ent species resulting from the hydroly- 
sis of xenon hexafluoride (19). Signifi- 
cant quantities of this thermodynami- 
cally unstable compound have not yet 
been isolated. 

While an electric discharge in a mix- 
ture of xenon and oxygen produces an 
emission spectrum attributed to the XeO 
molecule (20), the hydrolysis of xenon 
difluoride yields only xenon and oxygen 
(21), and macro amounts of this com- 
pound have never been prepared. 

The hydrolysis of xenon tetrafluoride 
in excess water leads to disproportiona- 
tion and the liberation of two-thirds of 
the xenon (21-23). The resulting solu- 
tion contains combined xenon (VI) and 
is probably identical with the solution 
obtained by the hydrolysis of a corre- 

sponding amount of xenon hexafluoride. 
Solid oxyfluorides containing xenon 

(IV) have been reported as by-products 
of the reaction of xenon and fluorine 

(or oxygen difluoride) when oxygen or 
oxides were present (8, 24). Both elec- 
tric discharge and thermal methods have 
been used. Xenon oxide difluoride is 
on the border line of thermal stability 

and should be characterized eventually, 
but suitable samples have not yet been 
available for study. No evidence for 
the existence of xenon dioxide is re- 
ported. If produced, it would probably 
be unstable, like the trioxide. 

In terms of physical measurement 
and structural determination the greatest 
effort, in studies of the noble gas com- 
pounds, has been concentrated on the 
four stable species, XeF2, XeF4, XeOF4, 
and XeF6. 

From the vibrational spectra alone, 
the structure of three of these molecules 
has been firmly established. Xenon hex- 
afluoride continues to baffle the investi- 
gators and provide fertile ground for 
speculation and controversy. 

The vibrational frequencies of XeF2 
(25) are given in Table 2; similar data 
for the XeF4 (26) molecule and the 
XeOF4 (25, 26) molecule are given in 
Table 3. 

Xenon difluoride is a linear molecule, 
xenon tetrafluoride is a square planar 
molecule, and xenon oxide tetrafluoride 
is a square pyramid with the oxygen 
atom perched above the central xenon 
atom. The plane containing the xenon 
and four fluorine atoms in xenon tetra- 
fluoride is remarkably well preserved in 
the xenon oxide tetrafluoride structure. 

The lower fluorides of xenon are 
usually observed as large, colorless, 
sparkling crystals. The relatively high 
vapor pressure (a few torr for both 
XeF2 and XeF4 near ambient tempera- 
ture) and high birefringence which led 
to those observations were among the 
first characteristics noted. Xenon-oxide 
tetrafluoride is a colorless, volatile liq- 
uid at room temperature. 

Accurate x-ray diffraction and neu- 
tron diffraction data have revealed the 
structure of the solids with a precision 
available for relatively few compounds 
(27-30). The structure of the difluo- 
ride is shown in Fig. 1 (30), that of the 
tetrafluoride, in Fig. 2 (29); in addition, 
an initially baffling phase has been 
shown to be an intermolecular lattice 
compound XeF2 * XeF4 in which both 
linear and square molecules are ar- 
ranged in a regular array (Fig. 3) (31). 

Table 4 summarizes the interatomic 
distances. For the solids these values 
include corrections for thermal motion, 
based on reasonable assumptions about 
the relative vibrations of the light fluo- 
rine atoms and the heavy central xenon 
atom. 

A number of discussions of the na- 
ture of the xenon fluorine bonds have 
been published (32). As a starting 
point for such discussion it is worth 
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Fig. 1. Structure of xenon difluoride. 

while to note both the similarities and 
the differences between the noble gas 
fluorides and the halogen fluorides. The 
similarities are basic in that bonding 
takes place between a heavier atom 
with an electron-rich outer shell and a 

strongly electronegative atom. The dif- 
ferences can mostly be explained in 
terms of the odd electron available with 
a central halogen atom in the halogen 
fluorides and with the fully paired xe- 
non atom in xenon fluorides. As a 
result of the odd electron, halogen 
fluorides contain an odd number of 
fluorines and are unsymmetrical mole- 
cules. They show a long liquid range, 
and they readily undergo fluoride ion 
transfer to form symmetrical ionic spe- 
cies. The even-numbered and symmet- 
rical xenon fluorides show none of these 
characteristics. An experimental chem- 
ist will find this analogy most helpful 
in describing and predicting the ob- 
served chemical behavior. The theo- 
retician will attempt to explain both 
families of compounds. 

In seeking to interpret and predict 
chemical bond formations, most theo- 
reticians today employ molecular or- 
bital calculations, with varying degrees 
of mathematical complexity, depending 
on the problem. The alternative, va- 
lence bond approach should lead to 
identical predictions. There is little 
doubt that a sufficiently detailed analy- 
sis from either point of view will ac- 
count for the gross phenomena observed 
in dealing with the noble gas com- 
pounds. For xenon difluoride and xe- 
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non tetrafluoride the observed shape of 
the molecules can be derived rather 

unambiguously with either approach. 
Molecular orbital calculations suggest 

that delocalized p-orbitals constructed 
from the xenon 5p and the fluorine 2p 
atomic orbitals contribute most to the 

ground-state description. Calculations 

by Lohr and Lipscomb (33) and Hinze 
and Pitzer (34) suggest that there is a 

relatively small contribution from the 
xenon d-orbitals. Rundle (35) has sug- 
gested that the xenon fluorides offer 

perfect examples of the four-electron 
three-center bond structure which he 

originally proposed to describe inter- 

halogen bonds. An alternative descrip- 
tion, in terms of resonance, cites 
contributions from the pair of ionic 
structures F-Xe+F- and F-Xe+-F 
and analogous structures for the tetra- 
fluoride. Each of these formulations 
describes a rather polar bond and sug- 
gests a substantially ionic character for 
the bonds in xenon difluoride and xenon 
tetrafluoride. 

Support for this interpretation has 
been sought not only in the shape of 
the fluoride molecules but also in some 
measurements of physical phenomena. 

Figure 4 (36) summarizes a study of 
nuclear magnetic resonance and pro- 
vides the chemical shielding values for 
a number of binary fluorides (36, 37). 
The line shape is asymmetrical in xenon 
tetrafluoride (38) (Fig. 5). These ob- 
servations are readily interpreted as in- 
dicating a substantially ionic character 
for the xenon fluoride bonds. 

An analysis of the nuclear magnetic 
resonance data by Jameson and Gutow- 

sky (39) confirms this interpretation 
but favors a formulation in which a 
localized spd hybrid bond is used over 
one with delocalized, largely p, orbitals. 
The observed velocity spectrum asso- 
ciated with the Mossbauer effect for 
Xe129 in xenon fluorides (40) (Fig. 6) 
has also been interpreted as indicating 
a substantially ionic character for these 
bonds. 

The electronic absorption spectra in 
the 1100- to 2500-angstrom region have 
been studied for both xenon difluoride 
and xenon tetrafluoride. A detailed 
analysis (41) suggests reasonable agree- 
ment between these observations and 
the molecular orbital calculations. 

The simple valence bond approach 
has been decribed most completely by 
Gillespie (42). In his version the eight 
electrons from the xenon atom outer 
(O) shell and one electron from each 
fluorine atom, or two from an oxygen 
atom, are distributed in pairs which 
either form bonds between atoms or 
occur as lone pairs in the outer molecu- 
lar shell. The shape of the molecule 
then depends on the relative repulsion 
of (i) lone pairs and (ii) fluorine atoms 
and oxygen double bonds. For xenon 
difluoride, xenon tetrafluoride, and xe- 
non oxide tetrafluoride, the distribution 
of ten electrons (in two bonds and three 
lone pairs), 12 electrons (in four bonds 
and two lone pairs), and 14 electrons 
(in four bonds, one double bond, and 
one lone pair) may be easily reconciled 

Fig. 2. Structure of xenon tetrafluoride. 
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with the established symmetry. No as- 

sumptions about the nature of the bond 
are needed other than the basic assump- 
tion that a pair of electrons is associated 
with a single bond. 

Similar conclusions minimizing the 
ionic character of the xenon fluorine 
bond have been reached by Smith, on 
the basis of an analysis of the vibration 
spectra (25). He has argued that the 
ratio of the interaction stretching con- 
stant to the principal stretching constant 
is substantially less for xenon difluoride 
and tetrafluoride than for the ICL- ion. 
The latter ion has been used as the 

prototype example for the four-electron 
three-center bond structure, and the 
observed spectra have been interpreted 
as indicating bonding of substantially 
ionic character. Smith, therefore, sug- 

gests that covalent bonding is impor- 
tant for the xenon fluorides. He be- 
lieves that the d-orbitals are more 
involved in the resulting hybrid orbitals 
than Rundle (35) or Pimentel (43) 
believed, and probably of more impor- 
tance than is consistent with the molec- 
ular orbital calculations cited above. 

With respect to chemical behavior, 
we have little in the way of evidence. 
Both xenon difluoride and tetrafluoride 
dissolve in hydrogen fluoride with little 
or no ionization, dissociation, or inter- 
action of any kind (see Fig. 7) (44). 
The difluoride is very soluble, and at 
room temperature there may be appre- 
ciable exchange of fluorines. The tetra- 
fluoride is much less soluble, and there 
is no evidence of even a slight tendency 
toward fluorine transfer. In hydrogen 

b 

9 ' Xe 
\^y 

-- 
09 ?^~\ 

Fig. 3. Structure of the complex crystal XeF2-XeFI. 
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fluoride solution all the halogen fluo- 
rides show extensive ionization and 
transfer of fluoride ion to the hydrogen 
fluoride molecule. However, in this 
case part of the driving force must be 
derived from the increased symmetry 
associated with the ionic species, as 
compared to the neutral molecules, 
whereas for the xenon fluorides this 
factor would have the opposite effect. 

Smith's arguments have not been gen- 
erally accepted. The spectra and mag- 
netic properties, or similar evidence, 
cited above cannot really be used as a 
means of deciding between the contri- 
butions of bonding of ionic character 
and the effect of d-orbital hybridization, 
since as yet there is no agreement on 
the experimental results to be expected 
in the two cases. It is probable that 
most of the scientists who have con- 
sidered the problem would attach most 
weight to the molecular orbital calcula- 
tions. But since these calculations all 
allow for some d-orbital hybridization 
and no approach excludes a significant 
ionic contribution, the details of this 
discussion would have aroused little in- 
terest were it not for the case of xenon 
hexafluoride. 

One would expect a hexafluoride 
molecule to have a symmetrical octa- 
hedral structure. Fifteen other hexa- 
fluoride molecules do indeed have this 
structure. Systematic study of the phys- 
ical and chemical properties of the hex- 
afluoride has provided an opportunity 
to project trends for a set of molecules 
of uniform and well-defined shape. 
These projections have been so fully 
and frequently borne out that the likeli- 
hood of the existence of a nonoctahe- 
dral hexafluoride seemed remote. Fur- 
ther, the concepts used in the molecular 
orbital treatment of the lower fluorides 
seem to lead only to the octahedral 
structure. It is not surprising that when 
the infrared absorption spectrum of xe- 
non hexafluoride was first observed, an 

attempt was made to fit the structure to 
the octahedral pattern. Impurity bands 
were attributed to XeF6, and extra 
bands, to impurities. One group of 
workers carefully excluded a number 
of possible impurities and attributed a 

remaining extraneous infrared absorp- 
tion band at wave number of 520 cm-' 
to xenon pentafluoride (14). They later 
showed that no such compound did 
exist in their system. A number of 
reliable observations are now available; 
they are summarized in Tables 5 and 6 
and in Fig. 8 (25, 45). The study of 
the Raman spectra of xenon hexafluo- 
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Fig. 4. Shielding values for a number of binary fluorides. 

ride in hydrogen fluoride solution is 
still incomplete, but the preliminary re- 
sults are interesting (44). 

The structure of XeF6 is one of the 
few established points of divergence be- 
tween Rundle's approach and Gillespie's 
approach to bonding in the xenon fluo- 
ride. 

Three four-electron three-center bonds 
define an octahedrally symmetrical mol- 
ecule. No molecular orbital formula- 
tion yet attempted has led to any other 
conclusion. But the valence bond ap- 
proach in its simplest form leaves room 
for a lower symmetry and an appreci- 
ably polar molecule. The lower sym- 
metry is also compatible with the for- 
mulation involving substantial d-orbital 
hybridization. 

In discussion of the structure of xe- 
non hexafluoride a number of significant 
observations are now available. 

Table 4. Interatomic distances in xenon fluorides 
and krypton tetrafluoride. 

Com- Xenon fluorine distance (A) 
pound pound Solid Gas 

XeF2 2.00 (30) 1.9* (25) 
XeF4 1.95 (29) 1.94 (71) 
XeF2- f2.01 (31\ 

XeF4 \ 1.94, 1.97t (31) 
XeF6 1.95(46) 
KrF4 1.89(68) 
* Value obtained from separation of P-R peaks 
in the 557 waves per centimeter band in the infra- 
red. This value is regarded as in good agreement 
with the precise data for the solid. t In the 
tetrafluoride part of this complex crystal, the 
square is slightly distorted to give this pair of 
distances. 
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Xenon hexafluoride has the 1c 
vapor pressure of any known hexa 
ride. Unlike most hexafluorides, 
melting point ( -48?C) (10) is we 
low the normal boiling point (~76 
High volatility and short liquid r 
are readily attributed in the octah 
hexafluorides to their high symr 
and low dipole interactions. 

The electron diffraction data 
incompatible with a symmetrical 
ous molecule (46). 

This physical evidence supporti 
less symmetrical structure is reinf( 
by the scattered chemical evidence 
available. Unlike the typical syn 
rical molecule, such as uranium I 
fluoride, xenon hexafluoride is ver3 
uble in anhydrous hydrogen flu 
and is extensively ionized. As i 
above, xenon hexafluoride forms 
sonably stable compounds with I 
acids, such as antimony pentaflu 
or even boron trifluoride. While 
structure of these compounds ant 
nature of the ionic species in sol 
has not been established, such beh 
is quite compatible with the Gill 
suggestion of a lone pair and is n? 
ported for the other hexafluorides. 

Xenon hexafluoride is a white 
which not only melts to a yellow 1 
but indeed turns yellow at about 
while still solid. The solid appea 
turn yellow at an even lower tem] 
ture under ultraviolet irradiation. 

Goodman (47) has studied this 
nomenon and, in attempting to ex 
it, has made an effort to preserve 

concept of an octahedrally symmetrical 
ground state. He first suggested that 
both the electronic transitions associ- 
ated with the yellow color and the 
superfluous infrared absorption bands 
involve the same low-lying state. The 
infrared spectrum is not easily explained 
on this basis, and Goodman has alter- 
natively suggested a low barrier to rota- 
tion of the fluorine bonds, comparable 
to the barrier to free rotation in ethane. 
The absence of a strong Raman line 
associated with the octahedrally sym- 
metrical vibration would argue against 
this interpretation, but xenon hexafluo- 
ride is yellow both as pure liquid and 
as vapor, and in any concentrated solu- 
tion. The available equipment for ob- 
taining Raman spectra uses the 4358- 

.I- angstrom line of mercury and is not 
900 really suitable for studying yellow sub- 

stances, and the values reported for 
solutions in Tables 5 and 6 have not 
been adequately confirmed. The appar- 
ent absence of the octahedral structure 

)west in the solid might be attributable to 
ifluo- lattice distortions. 

the The evidence presented by Goodman 
11 be- and favoring a low-lying triplet state per- 
0?C). mits either a symmetrical or an unsym- 

range metrical ground state. The evidence for 
edral a structure differing in a substantive 
netry way from that of the other hexafluorides 

is overwhelming. It is not clear (to me) 
seem that the evidence observed so far for 
gase- such an unsymmetrical structure is in- 

compatible with a symmetrical ground 
ing a state and a low energy barrier to trans- 
orced formation to a less symmetrical con- 
now figuration. 

imet- The high reactivity of xenon hexa- 
hexa- fluoride as a fluorinating agent has been 
y sol- hinted at, though never extensively ex- 
oride plored (44). This high reactivity throws 
noted little light on the symmetry. The sym- 

rea- metrical hexafluorides include the ex- 
Lewis tremely inert compound formed with 
oride 
a the 
d the 
ution 
avior 
lespie 
)t re- 

solid 
iquid 
42?C 
irs to 
pera- 

phe- 
plain 
e the 

333 OK 

/ gauss 0 1 2 3 5 
I I Imo t I 

---- modul. ampl. 110 ?K 

C- - .._, I-L -- 

Ho- 

Fig. 5. The line shapes of fluorine mag- 
netic resononce in XeF4 at 29 megacycles 
per second. 
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Fig. 6 (above). Mossbauer effect velocity spectra of xenon com- 
pounds in studies in which a Nal1 source was used. Fig. 7 
(top right). Solubility of xenon fluorides in hydrogen fluoride. 
The abscissa is chosen to yield the straight line predicted from 
consideration of elementary thermodynamics. It is the reciprocal 
of the absolute temperature in degrees Kevlin, and the 1000 is 
introduced to give simple numerical values. The lower scale gives 
the corresponding values in degrees Celsius. Thus, the value 
25?C corresponds to 298?K and 3.3 for (1000/T). Fig. 8 
(bottom right). Infrared absorption spectrum of xenon hexa- 
fluoride vapor. 

sulfur and the very reactive platinum 
hexafluoride. The properties of xenon 
hexafluoride have posed a challenge to 
both theoretician and experimentalist. 
A great deal of work seems to be needed 
before either can be satisfied with the 
state of our understanding. 

Up to this point I have refrained 
from discussing xenon octafluoride. Ex- 

periments suggesting formation of this 
compound at high excess fluorine pres- 
sure were reported by Slivnik et al. (48) 
at the Argonne conference. Results of 
a study of the kinetics of F"s exchange 
between xenon hexafluoride and fluo- 
rine have been interpreted as indicating 
addition to xenon hexafluoride rather 
than dissociation (49). A number of 
samples prepared in this study have 
shown fluorine-to-xenon ratios in excess 
of 6. Yet the most careful work under 
conditions of excess fluorine pressure 
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well above that reported to yield higher 
fluorides has in fact yielded only xenon 
hexafluoride (14, 50, 51). 

There seems to be no theoretical 
study which excludes the possibility that 
a xenon octafluoride comparable in 
stability to the lower fluorides exists, 
but its existence has not yet been ade- 
quately demonstrated, and it seems 
futile at present to attempt to extra- 
polate the properties of the lower fluo- 
rides so as to predict the behavior of 
this compound. 

Xenon Oxides, Xenates, 

and Perxenates 

The finding that reasonably stable 
aqueous solutions of xenon compounds 
exist was in some ways most surprising, 
although here too the analogy with 

halogen compounds is useful in under- 
standing the properties of the xenon 
compounds. A number of these com- 
pounds have proved amenable to de- 
tailed study, and many have been iso- 
lated in ponderable amounts. The first 
member of the group characterized was 
xenon trioxide, which, while easily pre- 
pared, is a sensitive and powerful ex- 
plosive (52). As noted above, this 
compound has a positive heat of for- 
mation, largely because of the great 
strength of the bond in molecular oxy- 
gen. This factor has prevented the syn- 
thesis of xenon oxygen bonds from the 
elements, and as yet all of the xenates, 
perxenates and oxides are prepared 
from the fluorides. 

Xenon trioxide may be isolated after 
the hydrolysis in acid or neutral solu- 
tions of either xenon tetrafluoride (53) 
or xenon hexafluoride (52). The struc- 
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ture of solid xenon trioxide is based on 
a regular array of XeO3 molecules and 
is closely related to that of the isoelec- 
tronic IO3- in HIO3 (54). The XeO3 
molecule is a trigonal pyramid with an 
average XeO bond length of 1.76 ang- 
stroms and an O-XeO bond angle of 
103 degrees. The trioxide, perhaps un- 
expectedly, has no measurable vapor 
pressure at room temperature. 

Xenon trioxide appears to be reason- 
ably stable in aqueous acid or neutral 
solution, and the Raman spectrum of 
such solutions is most readily inter- 
preted as the spectrum of individual 
XeO3 molecules similar to those found 
in the solid crystal (55). It is not easy 
to determine the extent to which water 
molecules are attached to the xenon 
trioxide molecules in such aqueous solu- 
tions, but it doesn't seem particularly 
helpful to discuss the chemistry of the 
xenon species in terms of a "xenic 
acid" with a formula such as Xe(OH) , 
though the term xenic acid, without 
mention, necessarily, of any single for- 
mula, has often been used in describing 
the solution produced by hydrolysis of 
either xenon tetrafluoride (24, 56) or 
hexafluoride (50). 

A controversy about the nature of 
"xenic acid" solution has now been par- 
tially resolved (56). When pure xenon 
tetrafluoride is hydrolyzed in water or 
dilute acid, the major product, and per- 
haps the only isolable product, appears 
to be xenon trioxide, as in the hydroly- 
sis of xenon hexafluoride (21, 23). 

The somewhat different behavior de- 
scribed by Grosse has now been shown 
to be associated with the presence of 
XeF2 (57, 58). 

Xenon difluoride has a significant 
solubility in water. In solution it de- 
composes at a reasonable rate which 
appears to increase with increase in pH 
and temperature. The half-time of de- 
composition is about 1/2 day at 0?C in 
dilute hydrogen fluoride. Unreacted xe- 
non difluoride can be recovered from 
this solution. 

Table 5. Vibrational spectra of XeF6: ab- 
sorption bands observed in the infrared. 

Waves 
Wavpe Density 

centi in Comments 
meter vapor meter 

520 m Disappeared in solid 
565 vw Somewhat stronger in solid 
612 s Strongest band 

1100 m Very broad band 
1230 m Very broad band 

* m, Moderate; vw, very weak; s, strong. 
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A number of intermediate species in 
the hydrolysis of each of the xenon 
fluorides have been postulated. Both 
tetrahedrally coordinated and octahe- 
drally coordinated species are possible. 
Every even oxidation number from 2 
to 8 may be considered, as may a judi- 
cious mixture of F, 0, and OH ligands 
arranged around the central xenon. 

At this stage, any guess as to the 
nature of such intermediate species as 
might exist would be highly speculative. 
In my opinion the term xenic acid is 
likely to be misleading in most cases. 

When solutions containing XeO3 are 
made alkaline by the addition of sodium 
hydroxide, a slow disproportionation 
takes place, with evolution of xenon gas 
and formation of sodium perxenate. In 
the presence of ozone, no xenon is 
liberated, and the xenon is quantita- 
tively oxidized to xenon (VIII) (21, 
22). 

Sodium perxenate usually precipitates 
as a hydrate. At room temperature the 
octahydrate NaiXeOt; 8H20 has been 
characterized and its structure has been 
determined by x-ray analysis (59). At 
5?C the hexahydrate seems to be the 
form isolated. The structure of this 
compound has also been established 
(60). A number of other phases have 
been found, both by dehydration in a 
recording thermal gravimetric system 
(61) and by x-ray analysis (27). The 
anhydrous material decomposes at ele- 
vated temperatures, with loss of xenon 
and oxygen. 

The XeO04- ion appears to be octa- 
hedrally symmetrical. Both molecular 
orbital and valence bond formulations 
appear to predict this symmetry. 

In acid solution the perxenate loses 
oxygen and reverts back to a stable 
solution of xenon trioxide. Solids con- 
taining the perxenate anion and a vari- 
ety of cations have been prepared. So- 
dium perxenate is relatively stable with 
respect to thermal decomposition, but 
some of these perxenates are much less 
stable, silver perxenate decomposing 
violently at 150?C (62). All perxenates 
show an intense absorption band in the 
region of 650 to 680 waves per centi- 
meter; the position of the band is insen- 
sitive to the nature of the cation. This 
band has been attributed to a vs funda- 
mental of the octahedral XeOE group, 
comparable to bands found in the spec- 
tra of compounds containing SbO, 
TeO6, and I0c groups. 

Other alkaline solutions have been 
substituted for sodium hydroxide solu- 
tions in treating solutions containing 

XeO3, but the results are not always 
analogous to those described above. Re- 
search is in progress at a number of 
laboratories aimed at sorting out the 
chemistry involved and the nature of 
the precipitates formed with potassium 
and other alkali hydroxides and other 
bases. With barium hydroxide, a pre- 
cipitate formed immediately; this, when 
analyzed rapidly, was found to contain 
largely Xe (VI), but disproportionation 
appears to take place and, within min- 
utes at room temperatures, only the 
relatively stable barium perxenate could 
be identified (57a). 

Observations of a somewhat different 
nature are reported by the Temple Uni- 
versity group (56). Barium hydroxide 
precipitates a white salt from the solu- 
tion containing the volatile hydrolysis 
product of a xenon tetrafluoride, xenon 
difluoride system (XeF2?). The com- 
pound is stable enough to permit char- 
acterization and analysis as barium xe- 
nate, although x-ray data are not yet 
available. 

The solution chemistry of both xenon 
(VI) and xenon (VIII) has been stud- 
ied in some detail. As noted above, 
for xenon (VI), the predominant spe- 
cies seems to be the trioxide molecule, 
and there is no evidence for hydrated 
species such as H2XeO4 that might be 
expected by analogy with other M (VI) 
oxy acids. (M is any element which 
exhibits a VI valence state). At high 
pH (> 10.5) there does seem to be 
evidence of neutralization and there- 
fore of some acidic character for xenon 
(VI) (57a). Presumably, the HXeO4- 
ion is formed. However, at this point, 
disproportionation to the perxenate be- 
gins to play a role. 

The perxenate ion, on the other hand, 
behaves as a basic substance and reacts 
readily with acids. In dilute acid the 
reaction is accompanied by reduction 
to xenon trioxide (57a). In concentrated 
sulfuric acid the very volatile xenon 
tetroxide is produced. 

Xenon tetroxide was first identified 

Table 6. Vibrational spectra of XeFE: Raman 
bands. 

Solid Conc. HF Dilute 
solution HF 

solu- 
A Inten- Inten- tion 

(cm-) i csity ity A 
cm) ratio (cm ratio (cm-) ratio ratio (cm-') 
655 10 660 10 
635 8 600 8 620 vw* 
582 4 550 3.5 

* vw, Very weak. 
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by mass spectrometric analysis in the 
vapor resulting from the reaction of 
sodium perxenate and sulfuric acid 
(63). In the preparation of larger sam- 
ples (up to 100 mg) of this unstable 
species, barium perxenate has been re- 
ported to give somewhat higher yields. 
Though samples of xenon tetroxide 
often decomposed more or less violently 
during preparation, when samples con- 
densed at low temperature were allowed 
to warm up, it was possible to 
measure some vapor pressures (3 torr 
at -35?C, 25 torr at 0?C), and the 
vapor was stable enough to permit 
analysis of the infrared spectrum. Two 
infrared active fundamentals were ob- 
served, with P, Q, and R branches at 
wave numbers of 298, 305.7, and 314 
cm-1 and 870, 877, and 885 cm-1, re- 
spectively (64). These data are consist- 
ent with tetrahedral symmetry for the 
XeO4 molecules and an XeO bond dis- 
tance of about 1.6 angstroms (64). 

Perxenates may be employed as 
strong oxidizing agents. In dilute acid 
solution, manganous ion is oxidized to 
permanganate rapidly enough to com- 
pete effectively with the disappearance 
of perxenate by reaction with the water. 

Manganous ion may also be oxidized 
with hexavalent xenon, but the reaction 
with perxenate ion is much faster (57). 

When aqueous solutions containing 
combined xenon became available, the 
pharmacology and toxicology were of 
obvious interest. Research along those 
lines, with radioactive xenon as a tracer, 
has shown that sodium perxenate in a 
solution administered intravenously to 
mice is rapidly metabolized, and xenon 
gas is removed by way of the respi- 
ratory tract, minutes after injection. 
Nevertheless, such solutions are moder- 
ately toxic; the median lethal dose is 
15 to 30 mg/kg (65). 

Other Noble Gas Compounds 

Relatively little information is avail- 
able as yet about either krypton or ra- 
don compounds. Both the difluoride 
and the tetrafluoride of krypton have 
been reported to be colorless crystals 
(24, 66). Observation of the infrared 
absorption spectrum of the difluoride 
(3), and nuclear magnetic resonance 

(67) and electron diffraction studies of 
the tetrafluoride (68), parallel similar 
studies with the xenon compounds and 
suggest similar structures. 

All measurements on krypton tetra- 
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fluoride have been made on samples 
prepared and analyzed at the Re- 
search Institute of Temple Univer- 
sity. At this writing no other laboratory 
has reported a similar preparation. The 
hydrolysis of krypton tetrafluoride and 
precipitation of a barium salt have been 
described (69). Detailed studies of the 
behavior of aqueous krypton will prob- 
ably draw heavily on experience with 
the analogous xenon compounds. 

Radon fluorides of moderate and low 
volatility have been noted. The low- 
volatility fluoride is probably one or 
more complex species; the moderately 
volatile fluoride is probably a species 
analogous to one of the simple xenon 
fluorides (or to a mixture of the simple 
fluorides) (70). A discussion of the 
chemistry of either of these elements 
must be highly speculative at this time. 
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In recent years there have been rapid 
advances in our knowledge of the chem- 
ical composition and structure of the 
bacterial cell wall. Gram-negative as 
well as Gram-positive forms have been 
shown to contain a rigid polymer built 
up of units of N-acetylglucosamine and 
a muramic acid peptide (1). In addi- 
tion to this basic structural unit, many 
Gram-positive species also contain tei- 
choic acids, which are polymers of 
ribitol phosphate or glycerol phosphate 
carrying a variety of side chains (2). 
In contrast, Gram-negative organisms 
appear to contain little or no teichoic 
acid. The walls of most Gram-negative 
forms contain a complex lipopolysac- 
charide in addition to large amounts 
of protein and phospholipid. These 
components appear to overlie the rigid 
mucopeptide layer and may account for 
the difference in sensitivity of Gram- 
negative and Gram-positive species to 
attack by lysozyme. The lipopolysac- 
charide possesses many interesting bio- 
logical properties and has, therefore, 
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attracted the attention of large numbers 
of investigators. It is highly antigenic 
and contains the specific surface anti- 
gens, or O-antigens, which provide the 
basis for the Kauffmann-White scheme 
for the serological classification of the 
Enterobacteriaceae (3). The lipopoly- 
saccharide is also an integral compo- 
nent of the endotoxin, a protein-lipid- 
lipopolysaccharide complex which is 
responsible for the physiological effects 
produced by injection of heat-killed bac- 
teria. These effects include fever, shock, 
diarrhea, edema, and internal hemor- 
rhage. As a result of the early classic 
work from the laboratories of Boivin 
(4), Raistrick (5), and Morgan (6), it 
became clear that antigenic and toxic 
properties of the endotoxin were both 
associated with the lipopolysaccharide 
and that the polysaccharide portion, 
which can be liberated from the com- 
plex by mild acid hydrolysis, carried 
the complete somatic or O-antigen spe- 
cificity of the microorganism. The iso- 
lated polysaccharide is nontoxic, and 
the nature of the chemical structure or 
structures responsible for toxicity of 
the intact lipopolysaccharide is still un- 
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certain. The lipid moiety of the lipo- 
polysaccharide, lipid A, is a complex, 
phosphorylated lipid of unusual compo- 
sition, which contains glucosamine in- 
stead of glycerol and is rich in /-hy- 
droxymyristic acid (7, 8). Although 
toxicity can be recovered in isolated 
lipid A preparations (9, 10), it is not 
clear whether the lipid, as isolated, can 
account entirely for the toxicity of the 
original endotoxin. 

The chemical basis of O-antigen spe- 
cificity was firmly established by the 
monumental work of Kauffmann on the 
immunological classification of Salmo- 
nella and Escherichia (3) and by more 
recent structural and immunochemical 
studies in the laboratories of Westphal 
(9-12), Staub (13, 14), and Robbins 
(15). It is clear that the determinants 
for all O-antigen specificities of a given 
organism are located in a single poly- 
saccharide molecule, and it has been 
possible in many cases to identify 
the monosaccharide or oligosaccharide 
groupings which determine individual 
specificities. It was early recognized 
(16) that mutation could result in com- 
plete loss of O-antigen specificity, and 
that the altered surface structure in 
these so-called "rough" mutants was 
accompanied by loss of virulence. Re- 
cent investigations of the chemistry 
(12), immunology (17), and genetics 
(18) of rough mutants have been of 
particular value in unraveling the struc- 
ture of the lipopolysaccharide. 

Our interest in biosynthesis of the 
lipopolysaccharide was stimulated by 
the potential value of the lipopolysac- 
charide as a model system for study of 
mechanisms of biosynthesis and control 
of structurally specific heteropolysac- 
charides. Salmonella lipopolysaccha- 
rides may contain as many as eight 
different sugars, and the high degree of 
antigenic specificity argues for an equiv- 
alent specificity in sugar sequence and 
linkage. In addition, the occurrence of 
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