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PREFACE

This Solutions Manual accompanies Inorganic Chemistry, Sixth Edition by Duward
Shriver, Mark Weller, Tina Overton, Jonathan Rourke, and Fraser Armstrong. Within its
covers, you will find the detailed solutions for all self-tests and end of chapter exercises.
New to this edition of the Solutions Manual is the inclusion of guidelines for the selected
tutorial problems—those problems for which the literature reference is not provided—for
the majority of chapters. Many solutions include figures specifically prepared for the
solution, and not found in the main text. As you master each chapter in Inorganic
Chemistry, this manual will help you not only to confirm your answers and understanding
but also to expand the material covered in the textbook.

The Solutions Manual is a learning aid—its primary goal is to provide you with means to
ensure that your own understanding and your own answers are correct. If you see that
your solution differs from the one offered in the Solutions Manual, do not simply read
over the provided answer. Go back to the main text, reexamine and reread the important
concepts required to solve that problem, and then, with this fresh insight, try solving the
same problem again. The self-tests are closely related to the examples that precede them.
Thus, if you had a problem with a self-test, read the preceding text and analyze the
worked example. The solutions to the end of chapter exercises direct you to the relevant
sections of the textbook, which you should reexamine if the exercise proves challenging
to you.

Inorganic chemistry is a beautiful, rich, and exciting discipline, but it also has its
chailenges. The self-tests, exercises, and tutorial problems have been designed to help
you test your knowledge and meet the challenges of inorganic chemistry, The Solutions
Manual is here to help you on your way, provide guidance through the world of chemical
elements and their compounds and, together with the text it accompanies, take you to the
very frontiers of this world.

With a hope you will find this manual useful,
Alen Hadzovic
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Chapter 1 Atomic Structure

Self-Test Exercises

S11

S1.2

§1.3

S1.4

SL1.5

S1.6

For the Paschen series 7, = 3 and n, = 4, 5, 6,... The second line in the Paschen series is observed when n; = 5.
Hence, starting from equation 1.1, we have

l=1‘i’ —I-—Lﬁ =1.097x107m-'[—1——L)=1.097x107m—1x0.07l:779967m-'.
A nt 32 52

ny

The wavelength is the reciprocal value of the above-calculated wavenumber: L . 1.28x10-¢m or 1280
779967m~!

nm.

The third shell is given by » = 3, and the subshell for / = 2 consists of the d orbitals. Therefore, the quantum
numbers n = 3, / = 2 define a 3d set of orbitals. For / = 2, m, can have the following values: -2, -1, 0, 1, 2. Thus,
there are five orbitals in the given set. Figure 1.15 shows the electron density maps for 3d orbitals.

The number of radial nodes is given by the expression: #n-i-1. For the 5s orbital, n=5 and I = 0. Therefore: 5-0-1
=4, So there are four radial nodes in a Ss orbital. Remernber, the first occurrence of a radial node for an s orbital
is the 2s orbital, which has one radial node, the 3s has two, the 4s has three, and finally the 5s has four. If you
forget the expression for determining radial nodes, just count by a unit of one from the first occurrence of a radial
node for that particular “shape™ of orbital. Figure 1.9 shows the radial wavefuntions of Is, 2s, and 3s hydrogenic
orbitals. The radial nodes are located where the radial wavefunction has a value of zero (i.e., it intersects the x-
axis).

There is no figure showing the radial distribution functions for 3p and 3d orbitals, so you must reason by analogy.
[n the example, you saw that an electron in a p orbital has a smaller probability of close approach to the nucleus
than in an s orbital, because an electron in a p orbital has a greater angular momentum than in an s orbital.
Visually, Figure 1.12 shows this. The area under the graph represents where the electron has the highest
probability of being found. The origin of the graph is the nucleus, so one can see that the 2s orbital, on average,
spends more time closer to the nucleus than a 2p orbital. Similarly, an electron in a d orbital has a greater angular
momentum than in a p orbital. In other words, /(d) > I(p) > I(s). Therefore, an electron in a p orbital has a greater
probability than in a d orbital of close approach to the nucleus.

The configuration of the valence electrons, called the valence configuration, is as follows for the four atoms in
question:

Li: 2s' B: 25%2p'

Be: 25 C: 2s%2p?

When an electron is added to the 2s orbital on going from Li to Be, Z. increases by 0.63, but when an electron is
added to an empty p orbital on going from B to C, Z,y increases by 0.72. The s electron already present in Li repels
the incoming electron more strongly than the p electron already present in B repels the incoming p electron,
because the incoming p electron goes into a new orbital. Therefore, Zy increases by a smaller amount on going
from Li to Be than from B to C. However, extreme caution must be exercised with arguments like this because the
effects of electron—electron repulsions are very subtle. This is illustrated in period 3, where the effect is opposite to
that just described for period 2.

Following the example, for an atom of Ni with Z = 28 the electron configuration is:

Ni: 15%25%2p%3s?3p%3d%s” or [Ar]3d®4s?
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SL.7

S$1.8

S1.9

S1.10

S1.11

Once again, the 4s clectrons are listed last because the energy of the 4s orbiial is higher than the energy of the 3d
orbitals. Despite this ordering of the individual 3d and 4s energy levels for elements past Ca (see Figure 1.19),
interelectronic repulsions prevent the configuration of an Ni atom from being [Ar]3d'. For an Ni** ion, with two
fewer electrons than an Ni atom but with the same Z as an Ni atom, interelectronic repulsions are less important.
Because of the higher energy 4s electrons as well as smaller Z.s than the 3d electrons, the 4s electrons are removed
from Ni to form Ni?*, and the electron configuration of the ion is:

Ni: 152s2p®3573p%3d® or [Ar]3d® and Ni**: 1s%2s22p%3s%3p°3d® or [Ar]3d®

The valence electrons are in the n = 4 shell. Therefore the element is in period 4 of the periodic table. It has two
valence electrons that are in a 4s orbital, indicating that it is in Group 2. Therefore the element is calcium, Ca.

When considering questions like these, it is always best to begin by writing down the electron configurations of
the atoms or ions in question. If you do this routinely, a confusing comparison may become more understandable.
In this case the relevant configurations are:

F: 1s’2s%2p® or [He]2s’2p’
Cl: 1s"2s%2p%3s%3p’ or [Ne}3s?3p’

The electron removed during the ionization process is a 2p electron for F and a 3p electron for Cl. The principal
quantum number, #, is lower for the electron removed from F (# = 2 for a 2p electron), so this electron is bound
more strongly by the F nucleus than a 3p electron in Cl is bound by its nucleus.

A general trend: within a group, the first ionization energy decreases down the group because in the same direction
the atomic radii and principal quantum number » increase. There are only a few exceptions to this trend, and they
are found in Groups 13 and 14,

When considering questions like these, look for the highest jump in energies. This occurs for the fifth ionization
energy of this element: I, = 6229 kJ mol™, while Is = 37838 kJ mol™, indicating breaking into a complete subshell
after the removal of the fourth electron. Therefore the element is in the Group 14 (C, Si, Ge, ete.).

The electron configurations of these two atoms are:
C: [He]2s™2p? and N: [He]2s22p’

An additional electron can be added to the empty 2p orbital of C, and this is a favourable process (4. = 122
kJ/mol). However, all of the 2p orbitals of N are already half occupied, so an additional electron added to N would
experience sufficiently strong interelectronic repulsions. Therefore, the electron-gain process for N is unfavourable
(4. = -8 kJ/mol). This is despite the fact that the 2p Zs for N is larger than the 2p Z.¢ for C (see Table 1.2). This
tells you that attraction 1o the nucleus is not the only force that determines electron affinities (or, for that matter,
ionization energies). Interelectronic repulsions are also important.

According to Fajan’s rules, small, highly charged cations have polarizing ability. Cs” has a larger ionic radius than
Na". Both cations have the same charge, but because Na" is smaller than Cs”, Na" is more polarizing.

End-of-Chapter Exercises

El.1

The energy of a hydrogenic ion, like He™ or Be*", is defined by equation 1.3:

Z2Rhe
n2
Both He” and Be®™ have ground state electronic configuration 1s'; thus for both, the principal quantum number # in
the above equation equals 1. For the ratio E(He”)/Ei (Be’"), after cancelling all constants, we obtain:

E‘,‘,:_
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EL3

El4
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E(He'YE(Be*) = ZXHe' Y ZH(Be*") = 2%/4% = 0.25

(a) The ground state of hydrogen atom is 1s'. The wavefunction describing 1s orbital in H atom is given with
¥ o 1 ¢'% . The values of this function for various values of /ap are plotted on Figure 1.8. From the plot we

3¥/2
(w2}
can see that the most probable location of an electron in this orbital is at nucleus because that is where this
function has its maximum.
(b) The most probable distance from the nucleus for a 1s electron in H atom can be determined from the radial
distribution function, P{r), for 1s orbital. The radial distribution function for Is orbital is given

2
by P(r) =4m2R(r)2 =4m2 x %e—blw = %e—lr’m . Remember that the wavefunction for 1s orbitals depends
only on radius, not on angles, thus Ry(r} = ¥,. To find the most probable distance we must find the value of »
where the value for the radial distribution function is maximum. This can be done by finding the first derivative of
P(r) by r, making this derivative equal to zero and solving the equation for #:

f(_r). = &e-lr!m —8Lze—2rloo = i 2;—.—3{2_ -2rie0 =)
ar a3 a} a; ae

The exponential part of this derivative is never zero, so we can take the part in the brackets, make it equal to zero,

and solve it for »:
2
(Zr —ZL) =0
ao

2r2
r=—==r=a0
ao

Thus, the most probable distance from the nucleus is exactly at Bohr radius, a,. This value and the value
determined in part (a) of this question are different because the radial distribution function gives the probability of
finding an electron anywhere in a shell of thickness dr at radius r regardless of the direction, whereas the
wavefunction simply describes the behaviour of electron.

(c) Similar procedure is followed as in {(b) but using the R{r) function for 2s electron. The final result is 3+ V3ao.

The expression for E given in Equations 1.3 and 1.4 (see above) can be used for a hydrogen atom as well as for
hydrogenic ions. For the ratioc E(H, »n = 1)E(H, n = 6), after canceling all constants, we obtain:

E(H, n=1YEH, n=6)=(1/13)/(1/6*) = 36

The value for £(H, # = 1) has been given in the problem (13.6 eV). From this valuc and above ratic we can find
E(H, n=06)as: E(H, n=6)= (E(H, n=1))/36 = 13.6eV/36 = 0.378 eV, and the differencc is:

EH,n=1)-EH,n=6)=13.6eV-0378eV=132eV.

Both rubidium and silver are in period 5; hence their valence electrons are in their respective 5s atomic orbitals. If
we place hydrogen’s valence electron in 5s orbital, the ionization energy would be:

I =-Es = = 0.544eV

heRZ: _13.66V
n? B 2

This is significantly lower value than for either Rb or Ag. First the difference for H atom only: the energy of an
electron in a hydrogenic atom is inversely proportional to the square of the principal quantum number 7. Hence we
can expect a sharp decrease in / with an increase in # (i.e. from 13.6eV for n =1 to 0.544eV for n = 6). The
difference between H(5s") on one side and Rb and Ag on the other lies in Z (atomic number or nuctear charge; or
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ELS

El.6

better Z g — effective nuclear charge); as we increase Z (or Z.g) the ionization energy is exponentially increasing
(Z(Rb) = 37 and Z(Ag) = 47). And finally, the difference in ionization energies for Rb and Ag is less than expected
on the basis of difference in their nuclear charges; we would expect significantly higher / value for Ag than is
actually observed, The discrepancy is due to the shielding effect and Z.; in comparison to Rb, silver has an
additional ten 4d electrons placed between the nucleus and its Ss valence electron. These 4d electrons shield the 5s
electron from the nucleus (although, being d electrons, not very efficiently).

When a photon emitted from the helium lamp collides with an electron in an atom, one part of its energy is used to
ionize the atom while the rest is converted to the kinetic energy of the electron ¢jected in the ionization process.
Thus, the total energy of a photon (#v) is equal to the sum of the first ionization energy (/) and the kinetic energy
of an electron (m.v. /2):

mevE
hv=9L+ i

From here the ionization energy is:

2
I =hy - MeVe

Since both krypton and rubidium atoms are jonized with the same radiation, we can calculate the energy of one
photon emitted from the helium discharge lamp:

v = hx S = 6.626x10-3Js x 2228 X108ms 1 _ 5 11 1 0-s)
A 584x10-m

Now we can calculate the first ionization energies using given velocities of respective electrons:

2 _ o\

1K = iy = 2ok 5 40 10-18 7 - 210910 nkgxz(l‘sgxwéms Y 225x10-0)
2 _ Y]

1 = hy = 2R _ 3 405 10m0 g - 2100X10 sukgx2(2.45x106ms Y - 668x10-1)

Note that calculated energies are the first ionization energies per one atom because we used only one photon. To
calculate the first ionization energies in eV as asked in the exercise, the above energies must be multiplied by the
Avogadro’s constant (to obtain the energies in J mol™") and then divided by the conversion factor 96485 J mol™
eV™' to obtain the values in eV:

6.022 x 102 mol-
1, =2.25x10-8] =14.0eV
hav ) * 96485 Jmol1 cva L +0¢

18, = 6.68x10-18)x SYE2x10Bmolt _ | oy
' 96485 Jmol-1 eV -t

To solve this exercise we are going to recall equation 1.1 and substitute the given values for #; and »,:

1. R{L—LJ =1.097x107 m-'(l - LJ =1.097 x107 m-t x 0.899 = 9752330 m-.
A 2 12 32

nt  nj
The corresponding wavelength is (9752330 m™'Y ™" = 102.5 nm.

The energy is: Av = hx % =6.626x10-34Jsx 2.998 x 108 ms-' x9752330m-1 =1.937x10-1%]



EL7

E1l8

E19

EL10
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The visible region starts when n, =2. The next transition is where n; equals 3. This can be determined using the
Rydberg equation {Equation 1.1).

1 1 1 -3 -
A 2

32

And from the above result, A =656.3 nm.

The version of the Rydberg equation which generates the Lyman series is:

1_ R(Lz_iz] R=1.097x 10" m™
A ] "

Where 7 is a natural number greater than or equal to # =2 (i.e.,, # =2, 3,4,...). There are infinitely many spectral
lines, but they become very dense as they approach o , so only some of the first lines and the last one appear. [f

we let n = 0, we get an approximation for the first line:
1 1 1 7 4
—=R 5 -—5 |=1.0974x10'm
i

1 @

and 2 =91.124nm

The next line is for #=4;

(11 -
— =R 5 ~— |=1.0288x10"m
Ao\ 4

and 2 =97.199nm

The next line is for # = 3:

1 11 6~
~=R| 5 - |=97547x10°m
>3

A
A=102.52nm

The final line is for n = 2:

1 11
—=R —2-~2J=8.2305x10"m"
A \1* 2

A=121.499nm

So all of these numbers predict the Lyman series within a few significant figures.

The principal guantum number # labels one of the shells of an atom. For a hydrogen atom or a hydrogenic ion, #
alone determines the energy of all of the orbitais contained in a given shell (since there are »* orbitals in a shell,
these would be #’-fold degenerate). For a given value of », the angular momentum quantum number / can assume

all integer valucs from QO to n— 1.

For the first shell (# = 1), there is only one orbital, the 1s orbital. For the second shell {# = 2), there are four
orbitals, the 2s orbital and the three 2p orbitals. For »n = 3, there are 9 orbitals, the 3s orbital, three 3p orbitals, and
five 3d orbitals. The progression of the number of orbitals so far is 1, 4, 9, which is the same as n’ (e.g., n” = 1 for
n=1,n" =4 for n =2, etc.). As a further verification, consider the fourth shell (= = 4), which, according to the
analysis so far, should contain 4° = 16 orbitals. Does it? Yes; the fourth shell contains the 4s orbital, three 4p
orbitals, five 4d orbitals, and seven 4f orbitals, and 1 +3+ 5+ 7 =16,



6 Part 1: Foundations

E1.11

E1.12

EL13

El14

EL1S

Completed the table:
n I m Orbital Number
designation of orbitals
2 1 +1,0,-1 2p 3
3 2 42,41, ...,-2 id 5
4 0 0 4s 1
4 3 +3,+2,...,-3 4f 7

(Note: the table entries in bold are the sought solutions.)

When # = 5, ! = 3 (for the f orditals) and m; = -3,-2,-1,0,1,2.3, which represent the seven orbitals that complete
the 5f subshell. The 5f orbitals represent the start of the actinoids, starting with Th and ending with Lr.

The plots of R (the radial part of the wavefunction y) vs. r shown in Figures 1.8 and 1.9 are plots of the radial
parts of the total wavefunctions for the indicated orbitals. Notice that the plot of R(2s) vs. » (Figure 1.8) takes on
both positive (small 7) and negative {(larger r) values, requiring that for some value of r the wavefunction R(2s) = 0
(i.e., the wavefunction has a node at this value of r; for a hydrogen atom or a hydrogenic ion, R(2s) = 0 when r =
2ay/Z). Notice also that the plot of R(2p) vs. » is positive for all values of » (Figure 1.9). Although a 2p orbital does
have a node, it is not due to the radial wavefunction (the radial part of the total wavefunction) but rather due to the
angular part, Y.

The radial distribution function is P(r) = r*R* (for the s orbitals this expression is the same as 47t/ ¢#). The plot of
7R? vs. r for a s orbital in Figure 1.10 is a radial distribution function. Figure 1.12 provides plots of the radial
distribution functions for the hydrogenic 2s and 2p orbitals.

Comparing the plots for 1s (Figure 1.10) and 2s (Figure 1.12) orbitals we should note that the radial distribution
function for a 1s orbital has a single maximum, and that for a 2s orbital has two maxima and a minimum {at r =
2a,/Z for hydrogenic 2s orbitals). The presence of the node at r = 2ay/Z for R(2s) requires the presence of the two
maxima and the minimum in the 2s radial distribution function. Using the same reasoning, the absence of a radial
node for R(2p) requires that the 2p radial distribution function has only a single maximum, as shown in Figure
1.12.

Your sketch should be similar to the one shown below:

Radial probability
¥

3p

T L
5a, 10m, 158, 20a, 25a,

An important feature to note is that a 3p orbital has a maximum closer to the nucleus (i.e., to the origin of the plot).
That indicates that 3p electrons can approach the atomic nucleus closer than 3d electrons. As a consequence, 3p
electrons are better stabilized by a positive nuclear charge and thus have lower energy than 3d electrons.

An orbital defined with the quantum number { has / nodal planes (or angular nodes). For a 4p set of atomic orbitals
I =1, and each 4p orbital has one nodal plane. The number of radial nodes is given by » — 7 — 1; and 4p orbitals
have 4 — 1 — 1 = 2 radial nodes. The total number of nodes is thus 3. (Note that the total number of nodes, angular
and radial, is givenby n—1.)
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E1.16 The two orbitals are d,, and dx»_y». The sketches, mathematical functions, and labelled pairs of Cartesian
coordinates are provided below.

QOrbital Sketch Function Label

xyR(r) Xy

dxzy2

S —y2)R0) oy

Note: R{r) for 3d orbitals is

3
1 [ZJ”4Z%’€MMQ

81430  a, 2

0

E1.17 Inan atom with many electrons like beryllium, the outer electrons (the 2s electrons in this case) are simultaneously
attracted to the positive nucleus (the protons in the nucleus) and repelled by the negatively charged electrons
occupying the same orbital (in this case, the 2s orbital). The two electrons in the 1s orbital on average are
statically closer to the nucleus than the 2s electrons, thus the Is electrons “feel” more positive charge than the 2s
electrons. The Is electrons also shield that positive charge from the 2s electrons, which are further out from the
nucleus than the 1s electrons. Consequently, the 2s electrons “feel” less positive charge than the Is electrons for
beryllium.

E1.18 Follow Slater’s rules outlined in the text to calculate the values for shielding constants, o.

Li: 1s%2s"; (1s%)(2s"). 6 =2 x 0.85=1.70

Be: 15%2s% (157)(28%), 6 = (2 x 0.85) + (1 x 0.35) = 2.05

B: 1s%25%2p'; (1s%)(2s2p"), 0 = (2 X 0.85) + (2 x 0.35) = 2.40
C: 1s%28%2p% (1s7)(25°2p%), o= (2 X 0.85) + (3 x 0.35) = 2.75
N: 1s°2s%2p%; (1sH)(2572p), o = (2 % 0.85) + (4 x 0.35) = 3.10
0: 1s22522p%; (1s%)(2s2p"), o= (2 x 0.85) + (5 x 0.35) = 3.45
F: 1s%2522p°; (15%)(2s72p%), o = (2 x 0.85) + (6 x 0.35) = 3.80
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EL.19

E1.20

El.21

E1.22

E1.23

The trend is as expected, the shielding constant increases going across a period as a consequence of increased
number of electrons entering the same shell. For example, the one 2s electron in Li atom is shielded by two s
electrons; but one valence electron in Be atom is shielded by both s electrons as well as the second 2s electron.

The second ionization energies of the elements calcium through manganese increase from left to right in the
periodic table with the exception that /,(Cr) > I(Mn). The electron configurations of the elements are:

Ca Sc Ti v Cr Mn
[Ar]as? [Ar]3d'as’ [Ar]3d%ds’ [Ar]3d*4s’  [Ar]3d°4s' (Ar]3d’4s’

Both the first and the second ionization processes remove electrons from the 4s orbital of these atoms, with the
exception of Cr, In general, the 4s electrons are poorly shielded by the 3d electrons, so Z.{4s) increases from left
to right and /, also increases from left to right. While the /, process removes the sole 4s electron for Ci, the /;
process must remove a 3d electron. The higher value of 4 for Cr relative to Mn is a consequence of the special
stability of half-filled subshell configurations and the higher Z.¢ of a 3d electron vs. a 4s electron.

The first ionization energies of calcium and zinc are 6.11 and 9.39 ¢V, respectively (these values can be found in
the Resource Section 2 of your textbook). Both of these atoms have an electron configuration that ends with 4s>:
Ca is [Ar)ds’ and Zn is [Ar)3d'%s”. An atom of zinc has 30 protons in its nucleus and an atom of calcium has 20,
so clearly zinc has a higher nuclear charge than calcium. Remember, though, that it is effective nuclear charge
(Z.t) that directly affects the ionization energy of an atom. Since #(Zn) > /(Ca), it would seem that Z.(Zn) >
Z(Ca). How can you demonstrate that this is as it should be? The actual nuclear charge can always be readily
determined by looking at the periodic table and noting the atomic number of an atom. The effective nuclear charge
cannot be directly determined, that is, it requires some interpretation on your part. Read Section 1.6 Penetration
and shielding again and pay attention to the orbital shielding trends. Also, study the trend in Z. for the period 2 p-
block elements in Table 1.2, The pattern that emerges is that not only Z but also Z. rises from boron to neon. Each
successive element has one additional proton in its nucleus and one additional electron to balance the charge.
However, the additional electron never completely shields the other electrons in the atom. Therefore, Z4 rises
from B to Ne. Similarly, Zg rises through the d block from Sc to Zn, and that is why Z.«{Zn) > Z,«(Ca). As a
consequence, /1(Zn) > 1,(Ca).

The first ionization energies of strontium, barium, and radium are 5.69, 5.21, and 5.28 eV. Normally, atomic
radius increases and ionization energy decreases down a group in the periodic table. However, in this case f(Ba) <
I(Ra). Study the periodic table, especially the elements of Group 2 (the alkaline earth elements). Notice that Ba is
18 elements past Sr, but Ra is 32 elements past Ba. The difference between the two corresponds to the fourteen 4f
elements (the lanthanoids) between Ba and Lu. Therefore, radium has a higher first ionization energy because it
has such a large Z.y due to the insertion of the lanthanides.

The second ionization energies of the elements calcium through manganese increase from left to right in the
periodic table with the exception that £,(Cr) > /5(Mn). The electron configurations of the elements are:

Ca Sc Ti v Cr Mn
[Arlds? [Ar]3d'4s? [Ar]3d%s’ [Ar]3d’4s’ [Ar])3d°4s'  [Ar]3d*4s’

Both the first and the second ionization processes remove electrons from the 4s orbital of these atoms, with the
exception of Cr. In general, the 4s electrons are poorly shielded by the 3d electrons, so Z.4(4s) increases from left
to right and J; also increases from left to right. While the J; process removes the sole 4s electron for Cr, the
process must remove a 3d electron. The higher value of I, for Cr relative to Mn is a consequence of the special
stability of half-filled subshell configurations.

See Example and Self-Test 1.6 in your textbook.
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(a) C? Carbon is four elements past He. Therefore carbon has a core electronic configuration of helium plus four
additionzl electrons. These additional electrons must fill the next shell with # = 2. Two of these four electrons filt
the 2s orbital. The other two must be ptaced in the 2p, each in one p orbital with parallel spins. The final ground-
state electronic configuration for C is [He]2822p2. Follow the same principle for questions (b}f).

(b) F?  Seven elements past He; therefore [He]2s%2p°.

(c) Ca? Two elements past Ar, which ends period 3, leaving the 3d subshell empty; therefore [Ar]4sz.

(d) Ga*?  Thirteen elements, but only 10 electrons (because it is a 3+ cation) past Ar; therefore [Ar}3d'°.

(e) Bi? Twenty-nine elements past Xe, which ends period 3, leaving the 5d and the 4f subshells empty; therefore
[Xe]4f'*5d"%6s%6p”.

(f) Pb**? Twenty-eight elements, but only 26 electrons (because it is a 2+ cation) past Xe, which ends period 5,
leaving the 5d and the 4f subshells empty; therefore [Xe]4f'*5d'%s.

Following instructions for Question 1.23:

(a) S¢? Three elements past Ar; therefore [Ar]3d'4s?,

(b) V**?  Five elements, but only two electrons past Ar; therefore [Ar]3d’.

(c) Mn**? Seven elements, but only five electrons past Ar; therefore [Ar)3d°.

(d) Cr**?  Six elements, but only four electrons past Ar; therefore [Ar]3d*,

{e) Co®*? Nine elements, but only six electrons past Ar; therefore [Ar]3d®.

() Cr*"?  Six elements past Ar, but with a +6 charge it has the same electron configuration as Ar, which is
written as [Ar]. Sometimes inorganic chemists will write the electron configuration as [Ar]3d° to emphasize that
there are no d electrons for this d-block metal ion in its highest oxidation state.

(g) Cu? Eleven elements past Az, but its electron configuration is not [Ar)3d°4s’. The special stability
experienced by completely filled subshelis causes the actual electron configuration of Cu to be [Ar]3d'%4s'.

(h} Gd&*'? Ten elements, but only seven electrons, past Xe, which ends period 5 leaving the 5d and the 4f
subshells empty; therefore [Xe]4f ©.

Following instructions for Question 1.23:

(a) W? Twenty elements past Xe, 14 of which are the 4f elements. 1f you assumed that the configuration would
resemble that of chromium, you would write [Xe]4f'*5d°6s'. It turns out that the actual configuration is
[Xe]4f'*5d*6s’. The configurations of the heavier d- and f-block elements show some exceptions to the trends for
the lighter d-block elements.

(b) Rh*'?  Nine elements, but only six electrons, past Kr; therefore [Krj4d®.

(©) Eu’*? Nine etements, but only six electrons, past Xe, which ends period 5, leaving the 5d and the 4f subshells
empty; therefore [Xe]4f6.

(d) Euz}’? This will have one more electron than Eu®". Therefore, the ground-state electron configuration of Eu**
is [Xe]4f".

(e) V**? Five clements past Ar, but with a 5+ charge it has the same electron configuration as Ar, which is
written as [Ar] or [Ar]3d°.

(f) Mo**?  Six elements, but only two electrons, past Kr; therefore [K.r]4d2.

See Example and Self-Test 1.7 in your textbook.

(@) s

(b) Sr

@V

(d) Tc

{e) In

(f) Sm

See Figure 1.22 and the inside front cover of this book. You should start learning the names and positions of
elements that you do not know. Start with the alkali metals and the alkaline earths. Then learn the elements in the p

block. A blank periodic table can be found on the inside back cover of this book. You should make several
photocopies of it and should test yourself from time to time, especially after studying each chapter.

The following values were taken from Tables 1.5, 1.6, and 1.7:
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E1.29

E1.30

E1.31

Element  Electron configuration  fi(eV) A4.(eV) y

Na [Ne]3s' 5.14 0.548 0.93
Mg [Ne]3s? 7.64 0.4 131
Al [Ne]3s3p' 5.98 0.441 1.61
Si [Ne]3s?3p? 8.15 1.385 1.90
P [Ne]3s*3p® 11.0 0.747 2.19
S {Ne]3s?3p* 1036  2.077 2.58
Cl [Ne]3s?3p’ 13.10  3.617 3.16
Ar [Ne]3s*3p° 1576 —1.0

In general, 1, A., and x all increase from left to right across period 3 (or from top to bottom in the table above). All
three quantities reflect how tightly an atom holds on to its electrons, or how tightly it holds on to additional
electrons. The cause of the general increase across the period is the gradual increase in Z.y, which itself is caused
by the incomplete shielding of electrons of a given value of n# by electrons with the same ». The exceptions are
explained as follows: /,(Mg) > f,(Al) and 4.(Na) >4 (Al)»—both of these are due to the greater stability of 3s
electrons relative to 3p electrons; 4.(Mg) and A.(Ar) < 0—filled subshells impart a special stability to an atom or
ion (in these two cases the additional electron must be added to a higher energy subshell (for Mg) or shell (for
AD); L(P) > Ii(S) and A(Si) > ALP)—the loss of an electron from S and the gain of an additional electron by Si
both result in an ion with a half-filled p subshell, which, like filled subshells, imparts a special stability to an atom
or ion.

To follow the answer for this question you should have a copy of the periodic table of elements in front of you. If
you look at the elements just before these two in Table 1.3, you will see that this is a general trend. Normally, the
period 6 elements would be expected to have larger metallic radii than their period 5 vertical neighbours; only Cs
and Ba follow this trend; Cs is larger than Rb and Ba is larger than Sr. Lutetium, Lu, is significantly smaller than
yitrium, Y, and Hf is just barely the same size as Zr. The same similarity in radii between the period 5 and period 6
vertical neighbours can be abserved for the rest of the d-block. This phenomenon can be explained as follows.
There are no intervening elements between Sr and Y, but there are 14 intervening elements, the lanthanides,
between Ba and Lu. A contraction of the radii of the elements starting with Lu is due to incomplete shielding by
the 4f electrons. By the time we pass the lanthanides and reach Hf and Ta, the atomic radii have been contracted so
much that the d-block period 6 elements have almost identical radii to their vertical neighbours in the period 5.

Frontier orbitals of Be? Recall from Section 1.9(c} Electron affinity, that the frontier orbitals are the highest
occupied and the lowest unoccupied orbitals of a chemical species (atom, molecule, or ion). Since the ground-state
electron configuration of a beryllium atom is 15257, the frontier orbitals are the 2s orbital (highest occupied) and
three 2p orbitals (lowest unoccupied). Note that there can be more than two frontier orbitals if either the highest
occupied and/or lowest unoccupied energy levels are degenerate. In the case of beryllium we have four frontier
orbitals (one 2s and three 2p).

Mulliken defined electronegativity as an average value of the ionization energy (/) and electron affinity (£,) of the
element, that is, yq = Y2 (I + E,), thus making electronegativity an atomic property (just like atomic radius or
ionization energy). Since both 7 and £, should have units eV for Mulliken electronegativity scale, the data in
Tables 1.6 and 1.7 have to be converted from J/mol to eV (these can also be found in the Resource Section 2 of
your textbook). The graph below plots variation of /; + E, (vertical axis) across the second row of the periodic
table. The numbers next to the data points are the values of Mulliken electronegativity for the element shown on
the x-axis. As we can see, the trend is almost linear, supporting Mulliken’s proposition that electronegativity
values are proportional to [ + E,. There are, however, two points on the plot, namely for B and O, that significantly
deviate from linearity. Boron (B) should have significatly higher electronegativity than lithium (Li) because: (1) its
1, is higher than that for Li and (2) B’s E, is more negative than Li’s. This discrepancy is due to the fact that
Mulliken’s electronegativity scale does not use 7 and E, values for the atomic ground-states (which are the values
of /) and E, used to construct the above graph). It rather uses the values for valence states; for boron this state is
25'2p' 2p' (an elctronic state that allows B atom to have its normal valency 3). It is to remove the electron from
B’s valence configuration and the /; drops resulting in lower-than-expected electronegativity for B. Similarly, the
graph uses E,, for oxygen (which is positive). Oxygen’s normal valency, however, is 2, and its £,; (which should
also be taken in consideration) has negative value.
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Guidelines for Selected Tutorial Problems

T1.2

T1.5

Your coverage of early proposals for the periodic table should at least include Ddbereiner’s triads, Newlands” Law
of Octaves, and Meyer’s and Mendeleev’s tables. From the modern designs (post-Mendeleev) you should consider
Hinrichs’ spiral periodic table, Benfey’s oval table, Janet’s lefi-step periodic table, and Dufour’s Periodic Tree.

A good starting reference for this exploration is Eric R. Scerri. (1998). The Evolution of the Periodic System.
Scientific American, 279, 78-83 and references provided at the end of this article. The website “The Internet

Database of Periodic Tables” (http://www.meta-synthesis.com/webbook/35 pt/pt_database.php) is also useful.

The variation of atomic radii is one of the periodic trends, and as such could be used to group the elements. Look
up the atomic radii of the six elements and see which grouping, (a) or (b), better follows the expected trends in
atomic radii. Afier that you should extend your discussion to the chemical properties of the elements in question
and see if your choice makes chemical sense as well.


http://www.meta-svnthesis.com/webbook/35
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Seif-Test Exercises

S2.1

S2.2

823

One phosphorus and three chlorine atoms supply 5 + (3 x 7) = 26 valence electrons. Since P is less electronegative
than Cl, it is likely to be the central atom, so the 13 pairs of electrons are distributed as shown below. In this case,
each atom obeys the octet rule. Whenever it is possible te follow the octet rule without violating other electron

counting rules, you should do so. v

361:.15:61:

{(Cl:

:él—i;—él:

:gi:

The Lewis structures and the shapes of H,8, XeQ,, and SOF; are shown below. According to the VSEPR model,
electrons in bonds and in lone pairs can be thought of as charge clouds that repel one another and stay as far apart
ag possible. First, write a Lewis steucture for the molecule, and then arrange the lone pairs and atoms around the
central atom, such that the lone pairs are as far away from each other as possible.

Lewis
Structures

Molecular

geometry v 5.
(shape of the
molecule}

y) an
¢ W

ity

bent tetrahedral trigonal bipyramidal

All atoms in both structures have formal charges of zero. Note that H,O is bent with an angle of about 109°, while
H,S is angular with an angle of about 90°, indicating more p character in bonding. The actual structure of XeQ, is
tetrahedral; it is a highly unstable colourless gas. Note that the oxygen atom in SOF,; molecules lies in one plane
with two fluorine atoms. This is because the double bonds contain higher density of negative charge and cause
higher repulsion in comparison to single bonds. Placing O atom and four electrons forming S=0 bond in equatorial
plane reduces repulsion.

The Lewis structures and molecular shapes for XeF; and ICl," are shown below. The XeF,; Lewis structure has an
octet for the 4 F atoms and an expanded valence shell of 10 electrons for the Xe atom, with the 8 + 2 x 7) =22
valence electrons provided by the three atoms. The five electron pairs around the central Xe atom wil] arrange
themselves at the corners of a trigonal bipyramid (as in PFs). The three lone pairs will be in the equatorial plane, to
minimize lone pair—lone pair repulsions. The resulting shape of the molecule, shown at the right, is linear (i.e., the
F—Xe-F bond angle is 180°).

Two chlorine atoms and one iodine atom in total have 2! electrons. However, we have a cationic species
at hand, so we have to remove one electron and start with a total of 20 valence electrons for ICl,". That gives a
Lewis structure in which iodine is a central atom (being the more electropositive of the two) and is bonded to two
chlorines with a single bond to each. All atoms have a precise octet. Looking at iodine, there are two bonding

13
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electron pairs and two lone electron pairs making overall tetrahedral electron pair geometry. The ione pair—
bonding pair repulsion is going to distort the ideal tetrahedral geometry lowering the Cl — I — Cl angle to less than
109.5°, resulting in bent molecular geometry,

Lewis structure

Molecular
geometry (shape
of the molecule)

linear bent

(a) Figure 2.17 gives the distribution of electrons in molecular orbitals of O, molecule. We see that 17, level is a
set of two degenerate (of same energy) molecular orbitals. Thus, following the Hund’s rule, we obtain the 171:1;2
electronic configuration of O, molecule by placing one electron in each Ix, orbital with spins parallel. This gives
two unpaired electrons in O, molecule.

If we add one electron to O, we obtain the next species, anion O, . This extra electron continues to fill
17, level but it has to have an antiparallel spin with respect to already present electron. Thus, after O, molecule
receives an electron, one electron pair is formed and only one unpaired electron is left.

Addition of second electron fills 17, set, and O, anion has no unpaired electrons.
(b) The first of these two anions, S,>", has the same Lewis structure as peroxide, O,%. It also has a similar electron
configuration to that of peroxide, except for the use of sulfur atom valence 3s and 3p atomic orbitals instead of
oxygen atom 2s and 2p orbitals. There is no need to use sulfur atom 3d atomic orbitals, which are higher in energy
than the 3s and 3p orbitals, because the 2(6) + 2 = 14 valence electrons of $;*~ will not completely fill the stack of
molecular orbitals constructed from sulfur atom 3s and 3p atomic orbitals. Thus, the electron configuration of S,
is 16,726,736’ 1%,*2n,*. The Cl,” anion contains one more electron than S, so its electron configuration is
16,°20,736, 1,240,

ClQO™ anion is isoelectronic (same number of electrons) with ICl. The orbitals to be used are chlorine’s 3s and 3p
valence shell orbitals and the oxygen’s 2s and 2p valence shell orbitals. The bonding orbitals will be
predominantly O in character being that O is more electronegative. So even the MO diagram of CiQ™ will be
similar to ICl. We have a total of 7 + 6 + 1(for charge) valence electrons giving us 14. Therefore the ground-state
electron configuration is 16°26%36*17*27*, same as ICI.

The number of valence electrons for C,* is equal to 10 (4 + 4 + 2 (for charge)). Thus C,*" is isoelectronic with N,
(which has 10 valence electrons as well). The configuration of C,>" would be 1(552 16’ 1%, 26,2 The bond order
would be %[2-2+4+2] =3. So C,* has a triple bond.

In general, the more bonds you have between two atoms, the shorter the bond length and the stronger the bond.
Therefore, the ordering for bond length going from shoitest to longest is C=N, C=N, and C-N. For bond strength,
going from strongest to weakest, the order is C=N> C=N> C-N.

You can prepare H,S from H; and Sg in the following reaction:
/8¢ + Hy— H,S

On the left side, you must break one H-H bond and also produce one sulfur atom from cyclic S;. Since there are
eight S-S bonds holding eight S atoms together, you must supply the mean S-S bond enthalpy per § atom. On the
right side, you form two H-S bonds. From the values given in Table 2.8, you can estimate:

AdH = (436 kImol™) + (264 kJ mol™) — 2(338 kJ mol™) =24 kJ mol™
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This estimate indicates a slightly endothermic enthalpy of formation, but the experimental value, —21 kJ mol™, is
slightly exothermic.

(a) 0,"? The charge on the oxygenyl ion is +1, and that charge is shared by two oxygen atoms. Therefore,
O.N.(O) =+1/2. This is an unusual oxidation number for oxygen.

(b) P in PO.”? The charge on the phosphate ion is -3, so O.N.(P) + 4 x O.N.(0) = -3. Oxygen is normally
given an oxidation number of -2. Therefore, O.N.(P) = —3 — (4)(-2) = +5. The central phosphorus atom in the
phosphate ion has the maximum oxidation number for group 135,

End-of-Chapter Exercises

E2.1

E2.2

E2.3

{a) NO™ has in total 10 valence electrons (5 from N + 6 from O and —1 for a positive charge). The most feasible
Lewis structure is the one shown below with a triple bond between the atoms and an octet of electrons on each

atom.
-

(b) CIO™ has in total 16 valence electrons (7 from Cl + 6 from O + [ for a negative charge). The most feasible
Lewis structure is the one shown below with a single C1-O bond and an octet of electrons on both atoms.

. TO
:Gl—G:]

{c) H;O, has 14 valence electrons and the most feasible Lewis structure is shown below. Note that the structure
requires O—O bond. L
H—0—0—H
(d) The most feasible Lewis structure for CCl, is shown lielow. Each element has a precise octet.
:Cl:
Cl—C—Ci:
:Q|:

(e) The most feasible Lewis structure for HSO,™ is shown below. Being the most electropositive of the three
elements, sulfur is the central atom,

H—Q
\
S—=
L/
.9:

»

The resonance structures for CO;” are shown below. Keep in mind that the resonance structures differ only in
allocation of electrons while the connectivity remains the same.

(a) H;Se? The Lewis structure for hydrogen selenide is shown below. The shape would be expected to be bent
with the H-S-H angle less than 109°. However, the angte is actually close to 90°, indicative of considerable p
character in the bonding between S and H.

15
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E24

E2.5

(b) BF;? The structure is shown below (for the Lewis structure see Example 2.1 of your textbook). The shape is
tetrahedral with all angles 109.5°.

(¢) NH,'? The structure of the ammonium ion is shown below. Again, the shape is tetrahedral with all angles
109.5°.

T+

F H

Se | |

H/ \H F.u?l\a\ HeuwiiN
angular F F H H
tetrahedral tetrahedral

(a) 8SOy? The Lewis structure of sulfur trioxide is shown below. With three ¢ bonds and no lone pairs, you
should expect a trigonal-planar geometry (like BF;). The shape of SO; is also shown below.

(b) SO;>? The Lewis structure of sulfite ion is shown below, With three ¢ bonds and one lone pair, you should
expect a trigonal-pyramidal geometry such as NHj. The shape of SO;* is also shown below.

(c) IFs? The Lewis structure of iodine pentafluoride is shown below. With five ¢ bonds and one lone pair, you
should expect a square-pyramidal geometry. The shape of IFs is also shown below.

N 2 .
O: '_I :F
ok “NY

10—5\" :0—S s F// .l.::
v 9: - \6: : . .F:
SO, Soky IF,
O S F
0—S =~
\ o\ 0 ! -
O O \

The Lewis structures and molecular shapes for each species a) - ¢) are summarized in the table below:

IF 6+ IF3 erF4

Lewis structure

Molecular

geometry (shape
of the molecule)

Octahedral T-shaped Square
pyramidal
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(a) The Lewis structure of CIF; is shown below.

F-——C|
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o :é:
N

The chlorine atom in CIF; is bonded to the three fluorine atoms through sigma bonds and has two nonbonding
electron lone pairs. Both lone pairs occupy equatorial positions (the largest angies in a trigonal bipyramid),

resulting in a T shape for the molecule.

: -""'II//

(b) The Lewis structure for [Cis is shown below.

T
T_F
F

N—Q—m
m

The iodide atom is bonded to the four chlorine atoms through sigma bonds and has two sets of lone pairs. The

lone pairs are opposite each other, occupying the axial
square planar.

CI/I" e,

/I

sites of an octahedron. The overall shape of the molecule is

e

«C

N
c\\

\CI

Cl

"y |
Cl

(¢) The Lewis structure for I3~ is shown below.

The iodide atom is bonded to two other iodide atoms

Hl—l—!:

!

Cl

*

through sigma bonds and has three sets of lone pairs. The

lone pairs occupy the equatorial sites of a trigonal bipyramid. The overall shape of the molecule is linear.

.
e lh’f},“

N

I

I___

I

—— — —— —
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E2.7

E2.8

E29

E2.10

The Lewis structure of ICls~ and its geometry based on VSEPR theory is shown below. The central iodine atom is
surrounded by six bonding and one lone pair. However, this lone pair in the case of IClg is a stereochemically
inert lone electron pair. This is because of the size of iodine atorm—Ilarge size of this atom spread around all seven
electron pairs resulting in a minimum repulsion between electron pairs. As a consequence all bond angles are
expected to be equal to 90° with overall octahedral geometry.

& @i

a1 @l
o @l

The VSEPR model and actual structure of SF, are shown below. Remember, lone pairs repel bonding regions,
read Section 2.3 (b). The VSEPR theory predicts a see-saw structure with a bond angle of 120° between the S and
equatorial F’s and a bond angle of 180° between the S and the axial F’s. The bond angle is actually 102° for the S
and equatorial F’s and 173° for the S and the axial F’s. This is due to the equatorial lone pair repelling the

bonding S-F atoms. r £
L !

VSEFR motel Actual stroctnee

The Lewis structures of PCL," and PClg” ions are shown below. With four ¢ bonds and no lone pairs for PCl,’, and
six ¢ bonds and no lone pairs for PCly, the expected shapes are tetrahedral (like CCl;) and octahedral (like SF),
respectively. In the tetrahedral PCl," ion, all P-Cl bonds are the same length and all C1-P-Cl bond angles are
109.5°. In the octahedral PClg ion, all P-Cl bonds are the same length and all C1-P-Cl bond angles are either 90°
or 180°, The P—Cl bond distances in the two ions would not necessarily be the same length.

+
o cl "

Cl
2,

o

e
B

e g —0

/

(]

\

Cl

QHII!

(a) From the covalent radii values given in Table 2.7, 77 pm for single-bonded C and 99 pin for Cl, the C—Cl bond
tength in CCl, is predicted to be 77 pm + 99 pm = 176 pm. The agreement with the experimentally observed value
of 177p m is excellent.

(b) The covalent radius for Si is 118 pm. Therefore, the Si—Cl bond length in SiCl, is predicted to be 118 pm + 99
pm = 217 pm. This is 8% longer than the observed bond length, so the agreement is not as good as in the case of C
-Cl.

(¢) The covalent radius for Ge is 122 pm. Therefore, the Ge—Cl bond length in GeCl, is predicted to be 221 pm.
This is 5% longer than the observed bond length.

Table 2.7 lists selected covalent radii of the main group elements. As we can see from the table, the trends in
covalent radii follow closely the trends in atomic and ionic radii covered in Chapter 1 (Section 1.7(a)).
Considering first the horizontal periodic trends we can see that the single bond covalent radii decrease if we move
horizontally from left to right in the periodic table. Recall that the atomic radii decrease while the Z.y increases in
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the same direction. As a consequence of these two trends, the valence electrons are held tighter and closer to the
atomic nucleus. This means that, as we move from left to right, the distance between two non-metallic atoms has
to decrease in order for the covalent bond to be formed. This results in a shorter internuclear separation (i.e.,
shorter bond) and as a consequence smaller covalent radii in the same direction.

If we consider the vertical trends, that is, the trends within one group of the ¢lements, we observe an increase in
covalent radii. Recall again that the atomic radii increase in the same direction. As we go down a group the
valence electrons are found in the atomic orbitals of higher principal quantum number. There are more core (or
non-valence) electrons between the valence electrons and the nucleus that shield the valence electrons from the
influence of the nucleus. As a consequence, the valence electrons are further away from the nucleus. This means
that when a covalent bond is formed, two atomic nuclei are further apart as we go down the group and the covalent
radii increase.

You need to consider the enthalpy difference between one mole of Si=0 double bonds and two moles of Si-O
single bonds. The difference is:

2(8i-Q) — (Si=0) = 2(466 kJ) — (640kJ) = 292kJ

Therefore, the two single bonds will always be better enthalpically than one double bond. If silicon atoms only
have single bonds to oxygen atoms in silicon-oxygen compounds, the structure around each silicon atom will be
tetrahedral: each silicon will have four single bonds to four different oxygen atoms.

Diatomic nitrogen has a triple bond holding the atoms together, whereas six P-P single bonds hold together a
molecule of P,;. If N, were to exist 2s Ny molecules with the P, structure, then two N=N triple bonds would be
traded for six N-N single bonds, which are weak. The net enthalpy change can be estimated from the data in Table
2.8 to be 2(945 kJ) — 6(163 kJ) = 912 kJ, which indicates that the tetramerization of nitrogen is very unfavourable.
On the other hand, multiple bonds between period 3 and larger atoms are not as strong as two times the anzlogous
single bond, so P, molecules, each with a P=P triple bond, would not be as stable as P, molecules, containing only
PP single bonds. In this case, the net enthalpy change for 2P, —» P, can be estimated to be 2(481 kJ) — 6(201 kJ) =
—244 k],

For the reaction:
2Hy(g) + Os(g) = 2HO(g)

Since you must break two moles of H-H bonds and one mole of O=0 bonds on the left-hand side of the equation
and form four moles of O-H bonds on the right-hand side, the enthalpy change for the reaction can be estimated
as:

AH=2(436 k]J) + 497 k] — 4{463 k]) =-483 kJ

The experimental value is —484 kJ, which is in closer agreement with the estimated value than ordinarily expected.
Since Table 2.8 contains average bond enthalpies, there is frequently a small error when comparing estimates to a
specific reaction.

Recalt from the Section 2.10(b) Bond correiations that bond enthalpy increases as bond order increases, and that
bond length decreases as bond order increases. Thus, we have also to think about bond order to answer this
question. As you can see from the table, C; molecule has the highest dissociation energy. The reason for this lies in
the fact that C; molecule has a bond order of 3 and relatively short C-C distance. The next highest bond
dissociation energy is found in O, molecule. There is significant difference in bond dissociation energies between
C; and O,. This can be attributed to the lower bond order in O, (bond order 2) and C, (bond order 3), particularly
considering that the O-O bond length is very similar to the C—C bond length. Following O, we have BeO as third
in bond dissociation energy. The bond order in BeO is the same as in O, that is, 2; thus the difference here lies in
the bond length: significantly longer Be—O bond (133.1 pm vs. 120.7 pm in O,) makes this bond weaker than the
one in O,. After BeO comes BN molecule. Considering that this bond is shorter than the one in BeO, we can safely
suggest that the difference in the bond dissociation enthalpy is due to the lower bond order in B-N, that is, bond
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E2.15

E2.16

E2.17

E2.18

E2.19

E2.20

order of 1. The last molecule in the list is NF with a very similar bond length to BeO molecules but significantly
lower bond dissociation energy. The reason for this difference again lies in the bond order: 1.

The atoms that obey the octet rule are O in BeO, F in NF, and O in O,. Keep in mind that this is only based on the
Lewis structures, not on the results of more accurate MO theory.

Consider the first reaction:

S:7(g) + Ss(g) = S (®)

Hypothetically, two S-S single bonds (of Sg) are broken to produce two S atoms, which combine with $,* to form
two new S-S single bonds in the product S.~. Since two S-S single bonds are broken and two are made, the net
enthalpy change is zero. Now consider the second reaction:

0 (g) + Oxg)—> O& ()

Here there is a difference. A mole of 0=0 double bond of O, is broken, and two moles of O-O single bonds are
made. The overall enthalpy change, based on the mean bond enthalpies in Table 2.8, is:

0=0 - 2(0-0) = 497kJ — 2(146 kJ) = 205kJ
The large positive value indicates that this is not a favourable process.

(a) Since we have an anion with overall =2 charge, the sum of oxidation numbers must equal —2. The oxidation
number most commonly assigned to oxygen atom is -2 (SO5> does not belong to the classes in which oxygen has
oxidation number different from —2). Thus, if we denote oxidation state of S atom as X, we have X + 3x(-2) =-2.
From here X = +4, that is, the oxidation number of sulfur in SO;”" is +4.

(b) Following the same procedure as outlined above with X being oxidation number of mtrogen atom and overall
charge being +1, we have X + (-2) = +1 and oxidation number of nitrogen is +3.

(¢) In this case there are two chromium atoms each having oxidation state X. Thus we have 2X + 7x(-2) = =2. The
oxidation state of Cr atoms is +6.

(d) Again, there are two V atoms, but the species is neutral; thus the sum of oxidation numbers of all elements
must equal zero. We have 2X + 5%(=2) = 0. The oxidation state of vanadium atoms from here is +5.

(e) PCls is neutral and we can assign —1 oxidation state to Cl because it is bound to an atom of lower
electronegativity (phosphorus). We have X + 5x(-1) =0, X = 5. The oxidation state of phosphorus atom is +5.

The differences in electronegativities are AB 0.5, AD 2.5, BD 2.0, and AC 1.0. The increasing covalent character
is AD <BD < AC < AB.

(a} Using the Pauling electronegativity values in Table 1.7 and the Ketelaar triangle in Figure 2.38, the Ay for
BCl; =3.16 - 2.04 = 1.12 and Y nean = 2.60. This value places BCl; in the covalent region of the triangle.

(b) Ay, for KC1 =3.16 — 0.82 = 2.34 and Y esn = 1.99. This value places KCl in the ionic region of the triangle.

(c) Ay for BeO =3.44 - 1.57 = 1.87 and ¥ ean = 2.51. This value places BeO in the ionic region of the triangle.

(a) BCl; has a trigonal planar geometry, according to Table 2.4, the most likely hybridization would be sp?.

(b) NH," has a tetrahedral geometry, so the most likely hybridization would be sp

{c) SF, has distorted see-saw geometry, with the Jone pair occupying one of the equatorial sites, see 2.4 above.
Therefore it would be sp>d or spd’.

(d; }§eF4 has a square planar molecular geometry with two lone pairs on the central Xe atom, so its hybridization is
sp d”.

(a) 0;"? You must write the electron configurations for each species, using Figure 2.17, and then apply the Pauli
exclusion principle to determine the situation for incompletely filled degenerate orbitals. In this case the electron
configuration is lo’fl 6,205 1w, 1 :rcgs. With three electrons in the pair of 17, molecular orbitals, one electron must
be unpaired. Thus, the superoxide anion has a single unpaired electron.
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(b) O;*? The configuration is 16,’15,°20,’ 17, 17,, so the oxygenyl cation also has a single unpaired electron.
{c} BN? You can assume that the energy of the 3¢ molecular orbital is kigher than the energy of the 1= orbitals,
because that is the case for CO (see Figures 2.22 and 2.23). Therefore, the configuration is 15°16% 17", and, as
observed, this diatomic molecule has no unpaired electrons.

(d) NO™? The molecular orbitals of NO are based on the molecular orbitals of CO. Nitrogen atom, however, has
one more valence electron than carbon and the total number of valence electrons in NO is 11. Thus, the electronic
configuration of NO is 16°2c”1n*36°2x’. An additional electron would go as unpaired electron in the second n
orbital of the doubly degenerate 2r set. As a consequence, this anion has two unpaired electrons. See figures 2.22
and 2.23.

K

(2) Be;?> Having only four valence electrons for two Be atoms gives the electron configuration 16,°1c,”. The
HOMO for Be, is a ¢ antibonding orbital, shown below.

Q ©

Gy
2s-2s

(b) B,? The electron configuration is 15,°16,’1x,”. The HOMO for B, is 2 n bonding MO, shown below.

2p-2p

(¢) Cy'? The electron configuation is 10,16, 1m,*20,'. The HOMO for C; is a ¢ bonding MO formed from
mixing two 2p atomic orbitals, shown below.

QOO
2p?2p

{d) F;"? The electron configuration is lcszlcchgz] n,'1n,’. The HOMO for F," is a n antibonding MO, shown
below.,
“

: . .g ,)
n*
2p-2p
The configuration of C,*" would be lo’1a,” in,* 2G,%. The bond order would be %4[2-2+4+2]=3. So C;” hasa

triple bond, as discussed in the self test $2.6, above. The HOMO (highest occupied molecular orbital for CH)is

in a sigma bonding orbital.
The configuration for the neutral C; would be lcrgl’]c.u2 17, (see figure 2.17). The bond order would be

Ya[2-2+4] =2,

Your molecular orbital diagram should look like figure 2.t8 which shows the MO diagram for Period 2
homonuclear diatomic molecules from Li, to N,. Each carbon atom has four valence electrons, thus a total of 8
electrons has to be placed in the molecular orbitals on the diagram. Keep in mind that you still follow the Hund’s
rule and the Pauling exclusion principle when filling molecular orbitals with electrons. See the solution for E2.22
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E2.25

E2.26

E2.27

E2.28

above for electronic configuration and bond order of this species. Figures 2.15 and 2.16 provide you with the
appropriate sketches of each MO,

Your molecular orbital diagram should look like figure 2.22 showing the MO diagram for CO molecule. There are
several important differences between this diagram and that for C, from exercise 2.23. First, the energies of B and
N atomic orbitals are different, The atomic orbitals on N atom are lower in energy than corresponding atomic
orbitals on B atom. Recall from Chapter 1 that N should have lower atomic radius and higher Z.¢ than B. These
differences result in higher stability (lower energy) of N atomic orbitals. Also, nitrogen is more electronegative
than boron. Thus, B atom should be on the left-hand side, and N should be on the right-hand side of your diagram.
Second, as a consequence of this difference in the atomic orbital energies, the MO are localized differently. For
example, while all MO orbitals in C; molecule were equally localized over both nuclei (because the molecule is
homonuclear), in the case of BN, 1o is more localized on N while 2c is more localized on B. BN molecule has a
total of eight valence electrons (three from B atom and five from N atom). Thus, after we fill the MOs with
electrons we should get the following electronic configuration 16?26%1n*. This means that a degenerate set of two
17 molecular orbitals is HOMO of BN while empty 3¢ are LUMO of this molecule.

(a) The orbital that would be used to construct the M.O. diagram are the 5p and 5s of I, and the 4p and 4s of Br.
1Br is isoelectronic to ICl, so the ground state configuration is the same, 16220°30” 1n*2n*.

(b) The bond order would be 2[2+2-2+4-4] = |; there would be single bond between [ and Br.

(c) IBr- would have the ground state configuration of 16°2c”36” In*2n 45", with a bond order of 4[2+2-2+4-4-1]
= Y%, it would not be very stable at all. While IBr~ would have the ground state configuration of
162683 0%1n*2n*d6?, with a bond order of 14[2+2-2+4-4-2} = 0, it would not exist, there is no bond between the
two atoms.

(a) The electron configuration of S, molecule is 1Gg210u22032]nu41n32~ The bonding molecular orbitals are 1a,,
1m,, and 26, while the antibonding molecular orbitals are 16,, and 17,. Therefore, the bond order is (1/2)((2 + 4 +
2) — (2 +2)) = 2, which is consistent with the double bond between the S atoms as predicted by Lewis theory.

(b) The electron configuration of Cl, is 16,°26,’35,°1m,*2,". The bonding and antibonding orbitals are the same
as for S,, above. Therefore, the bond order is (1/2)((2 + 4 + 2) — (2 + 4)) = 1 again as predicted by Lewis theory.
(¢) The electron configuration of NO* is 16°16°26?1%*. The bond order for NO" is (1/2)((2 + 2 +4) — 2) = 3, as
predicted by the Lewis theory.

(@) O; > 0, + &7 The molecular orbital electron configuration of O is 16,°16,’20,’1x,*1n,’. The two 1=,
orbitals are n antibonding molecular orbitals, so when one of the 1x, electrons is removed, the oxygen-oxygen
bond order increases from 2 to 2.5. Since the bond in O»" becomes stronger, it should become shorter as well.

(b) N; + ¢ = N;"?  The molecular orbital electron configuration of N, is 16,°16,71%,°26,”. The next electron
must go into the 17 orbital, which is n antibonding (refer to Figures 2.17 and 2.18). This will decrease the
nitrogen-nitrogen bond order from 3 to 2.5. Therefore, N, has a weaker and longer bond than N..

(¢) NO - NO" + €? NO has similar molecular orbitals as CO. Hence, the electronic configuration of NO
molecule is 16°26%1n*36'2x'. Notice that NO has one electron more than CO because nitrogen atom has five
valence electrons. Removal of one electron from 2n antibonding orbital will increase the bond order from 2.5 to 3,
making the bond in NO" stronger.

Uleraviolet (UV) radiation is energetic enough to be able to ionize molecules in the gas phase (you can see this
from the figure—the x-axis shows the ionization energies, /, of the molecule). Thus, the UV photoelectron spectra
of a kind shown on Figure 2.39 can tell us a lot about the orbital energies. As you can see from the figure, the
major regions of the spectra have been already assigned. The line at about 15.2 eV corresponds to excitation of the
electrons from 36 molecular orbital (the HOMO of CO). The group of four peaks between 17 and about 17.8 eV
correspond to the excitation of In electrons, and finally the last peak (highest in energy) corresponds to the
excitation of 2¢ electrons. Note that, as expected, the least energy is required to remove an electron from HOMO
molecular orbital. Also, the fine structure seen for the 1x is due to excitation of different vibrational modes in the
cation formed by photoejection of the electrons.

To predict the appearance of the UV photoelectron spectrum of SO we have to determine its electronic
configuration. The MO diagram for this molecule would look somewhat similar to that of CO, but the electronic
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configuration would be different because the total number of valence electrons is different: 10 for CO but 12 for
SO. The electronic configuration of SO would then be 16”1620 1n*36™2n®. As a consequence, the UV
photoelectron spectrum should have one more line at even lower energies corresponding to the ionization from 2n
degenerate set of molecular orbitals.

Four atomic orbitals can yield four independent linear combinations. The four relevant ones in this case, for a
hypothetical linear H,y molecule, are shown below with orbital energy increasing from bottom to top. The most
stable orbital has the fewest nodes (i.e., the electrons in this orbital are not excluded from any internuclear
regions), the next orbitai in energy has only one node, and so on to the fourth and highest energy orbital, with three
nodes (a node between each of the four H atoms).

O-C<-O
O-OCC
0000

Molecular orbitals of linear [HHeH}**? By analogy to linear Hj, the three atoms of [HHeH]Z* will form a set
of three molecular orbitals; one bonding, one nonbonding, and one antibonding. They are shown below. The forms
of the wavefunctions are also shown, without normalizing coefficients. You should note that He is more
electronegative than H because the ionization energy of He is nearly twice that of H. Therefore, the bonding MO
has a larger coefficient (larger sphere) for He than for H, and the antibonding MO has a larger coefficient for H
than for He. The bonding MO is shown at lowest energy because it has no nodes. The nonbonding and antibonding
orbitals follow at higher energies because they have one and two nodes, respectively. Since [HHeHJ?* has four
electrons, only the bonding and nonbonding orbitals are filled. However, the species is probably not stable in
isolation because of +/+ repulsions. In sotution it would be unstable with respect to proton transfer to another
chemical species that can act as a base, such as the solvent or counterion. Any substance is more basic than helium.
Also is important the fact that He, being a noble gas and unreactive, holds tight to its electrons and is not keen on
losing them or sharing them, thus it is unlikely that [HHeH]z* would last long and would decompose to 2H* and
He.

1s(H) - 1s(He) + 1s(H)

Energy 1s(H) ~ 1s(H)

1s(H) + 1s(He) + Is(H)

The molecular orbital diagram for HeHe* is shown below.
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Note that this molecule has a bond order 1: %(2-1+1)=1.

The molecular orbital energy diagram for ammonia is shown in Figure 2.30. The interpretation given in the text
was that the 2a; molecular orbital is almost nonbonding, so the electron configuration 1a,21¢"2a,% results in only

three bonds ((2 + 4)/2 = 3). Since there are three N-H bonds, the average N-H bond order is 1 (3/3=1).

The molecular orbital energy diagram for sulfur hexafluoride is shown in Figure 2.31. The HOMO of SF is the
nonbonding e set of MOs. These are pure F atom symmetry-adapted orbitals, and they do not have any S atom
character whatsoever, On the other hand, the antibonding 2t, orbitals, a set of LUMO orbitals, have both a sulfur
and a fluorine character. Since sulfur is less electronegative than fluorine, its valence orbitals lie at higher energy
than the valence orbitals of fluorine (from which the r symmetry-adapted combinations were formed). Thus, the 2t
orbitals lie closer in energy to the S atomic orbitals and hence they contain more S character.

Your molecular orbital diagram for the N, molecule should look like the one shown on Figure 2.18, whereas the
diagrams for O, and NO should be similar to those shown on Figures 2.12 and 2.22 respectively. The variation in
bond lengths can be attributed to the differences in bond orders. The electronic configuration of N; molecule is
Icgzlcuzlﬂ:uﬁog, and the bond order of N; is b = %4(2-2+4+2) = 3. The electronic configuration of O; molecule is
log’16,’26,”1m,*2n,", and the bond order is b = }4(2-2+2+4-2) = 2. Thus, the lower bond order in O; results in
longer O — O bond in comparison to N — N bond. The electronic configuration of NO is 16°20”1n*36°2n' and the
b = %(2+2+4-2-1) = 2.5. This intermediate bond order in NO is reflected in an intermediate bond distance.

(a) Square H,*? The drawing below shows a square array of four hydrogen atoms. Clearly, each line connecting
any two of the atoms is not a (2c,2¢) bond because this molecular ion has only two electrons and is electron
deficient, It is a hypothetical example of (4¢,2¢) bonding. We cannot write a Lewis structure for this species. It is
not likely to exist; it should be unstable with respect to two separate H," diatomic species with (2c,1¢) bonds.

(b) Angular O;? A proper Lewis structure for this 20-electron icn is shown above. Therefore, it is electron
precise. It could very well exist.
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Guidelines to Selected Tutorial Problems

T2.2

T2.6

The substances common in the Earth’s crust are silicate minerals. These contain Si—O bonds with no 8i-8i bonds.
On the other hand, biosphere contains living systems that are based on biologically important organic molecules
that contain C—C and C-H bonds. To understand this *“segregation” of Si and C (both elements of the Group 14)
we have to analyse the mean bond enthalpies, B, for these bonds listed in Table 2.8. If we concentrate on silicon
first, we see that the bond enthalpy for Si-Si bond is about % of the Si—O bond (226 kJ mol™ vs. 466 kJ mol™).
Also, Si-H bond enthalpy is about 2/3 of Si—O bond (318 kJ mol™ vs. 466 kJ mol™). As a consequence, any Si-Si
and Si—H bonds will be converted to Si~O bonds (and water in the case of Si—H). Although it appears that the
bond enthalpy of 0. molecule is high (497 kJ mol™), keep in mind that two Si—O bonds are formed if we break
one molecule of O,. Thus, we are considering the following general reaction and associated changes in enthalpy:

0, + Si-Si — 28i-0
-2B(Si—0) + B(0,) + B(Si-Si) =— (2 x 466 kJ mol™") + 497 kI mol™ + 226 kJ mol™ = =209 kJ mol™

Positive signs above indicate that the energy has to be used (i.e., we have to use up the energy to break O=0 and
Si-Si bonds) while the negative sign indicates energy released upon a bond formation (i.e., energy liberated when
Si-O bond is formed). As we can see, the process is very exothermic and as long as there is O, Si will be bonded
to O rather than to another silicon atom. Very similar calculations can be performed to show the preference of Si—
O bond over Si-H bond, but in this case formation of very strong H-O bonds (about 463 kJ mol™ per H-O bond)
has to be taken into account. This would result in even more exothermic process.

Carbon on the other hand, forms much stronger bonds with H and O in comparison to silicon. It also forms much
stronger C-C double and triple bonds in comparison to Si-Si triple bonds. (Recall that as we descend a group the
strength of m bonds decreases due te the increased atomic size and larger separation of p atomic orbitals in space.
This larger separation prevents efficient orbital overlap.) You will note that the formation of C—O and O-H bonds
from organic material (C-C bonds) is still somewhat exothermic, but a high bond enthalpy in O, molecule presents
a high activation barrier. Thus we do need a small input of energy to get the reaction going—a spark to light a
piece of paper or buming flame to light camp fire.

The planar from of NH; molecule would have a trigonal planar molecular geometry with the lone pair residing in
nitrogen’s p orbital that is perpendicular to the plane of the molecule. This structure belongs to a Dy, point group
(for discussion of molecular symmetry and point groups refer to Chapter 6). Now we can consult Resource Section
5. Table RS5.1 proves us with the symmetry classes of atomic orbitals on a central atom of AB, molecules. In our
case, the central atom is N with its 2s and 2p valence orbitals. From the table we look at the symmetry classes of s
and p orbitals (table rows) for the Dy, point group (in columns). We can see that the s orbital is in A’ class (a non-
degenerate orbital), p, and p, in E’ class (a doubly degenerate orbital), and finally p, is in A," class (again a single
degenerate orbital).

Recall from Section 2.11(a) Polyatomic molecular orbitals that molecular orbitals are formed as linear
combinations of atomic orbitals of the same symmetry and similar in energy. We find first a linear combination of
atomic orbitals on peripheral atoms (in this case H) and the coefficient ¢, and then combine the combinations of
appropriate symmetry with atomic orbitals on the central atom. The linear combinations of atomic orbitals of
peripheral atoms (also called symmetry-adapted linear combinations—SALC) are given after Table RS5.1 in the
Resource Section 5. Thus, we have to find linear combinations in Ds, point group that belong to symmetry classes
A/, A;", and E’. We also have to keep in mind that H atom has only one s orbital.

We can find one A, and two E’ linear combinations that are based only on s orbitals (all other given combinations
in the Dy, group with the same symmetry class are based on p orbitals—this can be concluded based on the orbital
shape). This means that p, atomic orbital on nitrogen atom (from A,” class) does not have a symmetry match in the
linear combinations of hydrogen’s s orbitals and will remain essentially a non-bonding orbital in the planar NH;
molecule. The plot is given below. Keep in mind the relative energies of atomic orbitals given in the text of the
problem. These are important because only orbitals of right symmetry and similar energies will combine to make
molecular orbitals. Further note that A" linear combination of H atomic orbitals is lower in energy than E'
combinations because there are no nodes in the case of A,” combinations. (In the plot below AQs stands for
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“atomic orbitals” and SALC stands for “symmetry-adapted linear combinations.” Both H atomic orbitals and

SALCs formed from them are sketched.)
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Self-Test Exercises

$3.1

$3.3

By examining Figures 3.7 and 3.32, we note that the caesium cations sit on a primitive cubic unit cell (lattice type
P) with chloride anjon occupying the cubic hole in the body centre. Alternatively, one can view the structure as P-
type lattice of chloride anions with caesium cation in cubic hole. Keep in mind that caesium chloride does not have
a body centred cubic lattice although it might appear so at a first glance. The body centred lattice has all points
identical, whereas in CsCl lattice the ion at the body centre is different from those at the comers.

The 3D structure of SiS; is shown below:

(i) Figures 3.3 and 3.23 show the primitive cubic unit cell. Each unit cell contains one sphere (equlvalent to 8 x 1/8
spheres on the vertices of the cell in contact a!ong the edges). The volume of a sphere with radius » is 4/3 = 7,
whereas the volume of the cubic unit cell is @ = (2r)° (where a is a length of the edge of the unit cell). Thus the

fraction filled is / '’ and 52% of the volume in the primitive cubic unit cell is filled.

Gy =02

(il) Figures 3.8 and 3.29(a, the structure of iron) show the body-centred unit cell. Each unit cell contains two
spheres (one in the middle of the cell and an equlvalem of one sphere at eight corners of a cube, see part (i) above).
The volume of a sphere is 4/3 a7* (where 7 is the sphere radius), thus the total volume is 2x 4/3 & r* = 8/3 1 /°.
Now, we have to find a way to represent the length of the unit cell, g, in terms of 7. In a body-centred cubic unit
cell the spheres are in contact along the space diagonal of the cube (labelled D on the figure below). Thus
D=r+2r+r=4r 4))]

based on the same arguments as in Example 3.3.
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If we apply Pythagoras® theorem to this case, we obtain
D’=d*+d, )

where d is the length of a face diagonal of the cube and a the length of cube’s edge. As we have also seen in the
Example 3.3, the face diagonal of the cube can be calculated from & =24 Substituting this result in equation (1)
above, we have:

D=24"+d* =34 3

Finally, we can square the result in (1) and equate this to (3) to obtain the relationship between » and a in a body-
centred unit cell as:

4r
16r' =34’ and a = ﬁ
3
From here the volume of the cell is ¢ = 947 Thus the fraction of space occupied by identical spheres in this

(a)

8 , .
37 s2l3] — .68 O 68%

64r° 3x64

L8

From these resuits and Example 3.3, it becomes clear that closed-packed cubic lattice has the best space economy
(best packing, least empty space), followed by the body-cenired lattice, whereas the simple cubic packing has the
lowest space economy with the highest fraction of unoccupied space.

unit cell is:

See Figure 3,19b for important distances and geometrical relations. Note that the distance S-T = » + n,, by
definition, Therefore, you must express S—T in terms of ». Note aiso that S—T is the hypotenuse of the right triangle
STM, with sides S ... M, M-T,and T ... S. Point M is at the midpoint of line S ... S, and because $ ... $ =2r, so
S ... M =r. The angle 0 is 54.74°, one-half of the tetrahedral angle S-T-S (109.48°). Therefore, sin 54.74° = r/(r
+ o), and r, = 0.2257. This is the same as , = ((3/2)"% = )r.

The position of tetrahedral holes in a ccp unit cell is shown in Figure 3.20(b). From the figure, it is obvious that
each unit cell contains eight tetrahedral holes, each inside the unit cell. As outlined in Example 3.5, the ccp unit
cell has four identical spheres. Thus, the spheres-to-tetrahedral holes ratio in this cell is4 : 8 or { : 2.

The ccp unit cell contains four atoms that weigh together (4 mol Ag x 107.87 g/mol)/(6.022 x 10 Ag/mol) g or
7.165 x 1072 g. The volume of the unit cell is a°, where a is the length of the edge of the unit cell. The density
equals mass divided by volume or:

10.5gem™ = 7.165x 102 g/ & witha in cm
a=4.09 x 10" cm or 409 pm
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For the bec structure, @ = 4r/¥3. This relation can be derived simply by considering the right triangle formed from
the body diagonal, face diagonal, and edge of the bee unit cell (see alse self test 3.3(ii) above). Using the
Pythagorean theorem, we have @y =d+ (a'\fZ)z. Solving for a in terms of , we have a = 4}'/\’3.) From Example
3.6, we know that the metallic radius of Po 1s 174 pm. Therefore, using the derived relation we can calculate a =
401 pm.

The lattice type of this Fe/Cr alloy is that of body-centred packing which can be deduced by comparing the unit
cells shown in Figure 3.29(a) and (c). The stoichiometry is 1.5 Cr [4x(1/8) corners + 1x(}) body] atoms and 0.5 Fe
[4(1/8) comers] atoms per unit cell. This would give Cr-to-Fe ratio of 1.5 : 0.5 which when multiplied by 2
provides whole numbers requtred for the formuta 3 : 1. The formula for the alloy is therefore FeCrs.

For close-packed structures, N close-packed ions lead to N octahedral sites, Therefore, if we assume three close-
packed anions (A), then there should also be three octahedral holes. Since only two thirds are filled with cations,
there are two cations (X) in two octahedral sites and the stoichiometry for the solid is X,A;.

The perovskite, CaTiO;, structure is shown in Figure 3.42. The large calcium cations occupy site A whereas
smaller Ti*" cations site B. The O> anions are located at site X. Thus, we can see two different coordination
environments of O one with respect to Ca”* (A site) and the other with respect to Ti** (B site). Ti"” is located on
the corners of the cube whereas O® anions are located on the middle of every edge. Thus, there are two Ti*
surrounding each O%, which are oxygen’s nearest neighbours. To see how many Ca®* surround each O°, we have
to add three unit cells horizontally, each sharing a common edge. Then we can see that there are four Ca®* cations
as next nearest neighbours. Thus, the coordination of 0% is two Ti*" and four Ca* and longer distances.

La** would have to go on the larger A site, and to maintain charge balance it would be paired with the smaller In**
and thus the composition would be LalnOs.

Follow the procedure outiined in the example. From the Resource Section | we find the following radii for
coordination number 6: #(Ca®") = 100pm, #ABk"") = 63pm and {O*) = 140pm. From here we can calculate the
ratios:

- For CaO: 100pm/140pm = 0.714, within the 0.414-0.732 range for the AB structure type, and the most
plausible structure is NaCl structure.

- For BkO,: 63pm/140pm = 0.450, is also within the 0.414-0.732 range but this time we have 10 look under
AB, structure-type column; thus, we can predict TiO» structure type. For this oxide, however, this is only a
predicted structure—BkQ, actually has a fluorite-type structure. Thus, this example shows a limitation of this
method. Even if we were to use ionic radii for correct coordination numbers (8 for Bk** and 4 for O in CaF,
structure type), the y value would still fail within the TiO, structure range.

You should proceed as in the example, calculating the total enthalpy change for the Born-Haber cycle and setting
it equal to A H. In this case, it is important to recognize that two Br™ ions are required, so the enthalpy changes for
(i) vaporization of Bry(1) and (ii) breaking the Br—Br bond in Bry{g) are used without dividing by 2, as was done
for Cl, in the case of KCl described in Example 3.11. Furthermore, the first and second ionization enthalpies for
Mg(g) must be added together for the process Mg(g) — Mg™(g) + 2¢”. The Born-Haber cycle for MgBr is shown
below, with all of the enthalpy changes given in kJ mol™. These enthalpy changes are not to scale. The lattice
enthalpy is equal to 2421 kJ mol™. Note that MgBr, is a stable compound despite the enormous enthalpy of
ionization of magnesium. This is because the very large lattice enthalpy more than compensates for this positive
enthalpy term. Note the standard convention used; lattice enthalpies are positive enthalpy changes.
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Mgz* (g)+ 2"+ 2Br (g)

193 Mg2+ (g) + e + BI‘Z (g)
31 f,
' Mg® (g) + 2e” + Br, (1)
2(-331)
2187
Mg (g) + 2Er (g) |
i
Mg (8) + Brz ()
148
Mg (s) + Br, (1)
A AHL
524
MgBr, (s)

The Born-Haber cycle for MgBr,

S3.14 This compound is unlikely to exist owing to a large positive value for the heat of formation for CsCl, that is
mainly due to the large second ionization energy for Cs (§; =375 kJ mol™' vs. £,=2420 kJ mol™'; the L alone for Cs
is higher than the sum of 7, and 7, for Mg; see Self-Test 3.13.). The compound is predicted to be unstable with
respect to its elements mainly because the large tonization enthalpy to form Cs”" is not compensated by the lattice

enthalpy.
$3.15  The enthalpy change for the reaction

MSO4s) = MO(s) + SOx(g)
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includes several terms, including the lattice enthalpy for MSQ;, the lattice enthalpy for MO, and the enthalpy
change for removing O* from SO,%". The last of these remains constant as you change M** from Mg”* to Ba®*, but
the lattice enthalpies change considerably. The lattice enthalpies for MgSO, and MgO are both larger than those
for BaSO,4 and BaO, simply because Mg®* is a smaller cation than Ba®. However, the difference between the
lattice enthalpies for MgSO; and BaSO, is a smaller number than the difference between the lattice enthalpies for
MgO and BaO (the larger the anion, the less changing the size of the cation affects AH\ ). Thus going from MgSQ,
to MgQ is thermodynamically more favourable than going from BaSO, to BaO because the change in AHy is
greater for the former than for the latter. Therefore, magnesium sulfate will have the lowest decomposition

temperature and barium sulfate the highest, and the order will be MgS0O, < CaSO, < S804 < BaSO4.

The most important concept for this question from Section 3.15(c) Solubiliry is the general rule that compounds
that contain ions with widely different radii are more soluble in water than compounds containing ions with similar
radii. The six-coordinate radii of Na” and K' are 1.02 and 1.38 A, respectively (see Table 1.4), whereas the
thermochemical radius of the perchiorate ion is 2.36 A (see Table 3.10). Therefore, because the radii of Na" and
Cl0, differ more than the radii of K™ and ClOy7, the salt NaClO, should be more soluble in water than KCIO,.

(a) HgS has the sphalerite type structuse and a high degree of covalency in the bonding, thus it would favour
Frenkel defects.

(b) CsF has the rock-salt structure and ionic bonding. This type of compound generally forms Schoitky defects.
Note that you can determine possible structures for both compounds using radius ratio y and radii given in
Resource Section 1, You can make a judgement on bonding type using the Ketelaar triangle. All of these have
been covered in this chapter.

We need to identify ions of similar charge (+4) and size (# = 40 pm) to silicon. Ionic¢ radii are listed in Resource
Section 1. Two obvious choices are phosphorus (=31 pm, charge +3) and aluminium (» = 53, charge +3).

The dy;.y2 and d;; have lobes pointing along the cell edges to the nearest neighbour metals. See Figure 1.15 for
review of the shape of 3d orbitals.

(a) V04 n-type is expected when a metal is in a high oxidation state, such as vanadium(V), and is likely to
undergo reduction.

{b) CoO: p-type is expected when a metal is in a lower oxidation state and is likely to undergo oxidation. Recall
that upon oxidation, holes are created in the conduction band of the metal and the charge carriers are now positive,
leading the classification.

End-of-Chapter Exercises

E3.1

By consulting Table 3.1 for the orthorhombic crystal system we have a# b # ¢ and a = 90°, B = 90°, y = 90°, See
Figure 3.2 for a three-dimensional structure of this type of unit cell.

The drawings are shown on the Figure E3.2 below, Figure E3.2-A) represents only the outline of the tetragonal
unit cell without lattice points. A face-centred tetragonal unit cell is shown on E3.2-B) whereas a body-centred
lattice unit cell is shown on Figure E3.2-C). Two face-centred unit cells next to each other (along one a direction)
are shown in Figure E3.2-D). The two face-centred unit cells are now outlined with dashed lines whereas the new,
body-centred cell is outlined in solid lines. We can see that we can form the top of this new unit cell if we connect
the lattice points in the middle of top faces of face-centred unit cells with the corner lattice points shared between
two adjacent face-centred unit cells. The same applies to the bottom face of the new cell. On the left is shown the
new body-centred lattice. It is clear that the length of ¢ dimension remains the same; the length of new a direction
(marked with X), however has to be determined.

X can be determined easily if we look at the projection of two adjacent face-centred unit cells along ¢ (Figure
E3.2-E). Again, the dashed lines indicate the edges of two adjacent, face-cenired unit cells, whereas the solid lines
outline the new, body-centred unit cell. The fractional coordinates of selected, important lattice points have been
indicated as well as original length 4. You can see that the common lattice point (located at the centre of the two
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E3.3

E3.4

shared faces) is now at the centre of the new body-centred unit cell. We can see that X is half of the face diagonal
of the old unit cell. Using Pythagoras’s theoreim, we have:

Xzizy‘az+az_a«/5 a

2 2 2

N

013 % ©n
Figure E3.2

Points on the cell comers are (0,0,0), (1,0,0), (0,1,0), (0,0,1), (1,1,0), (1,0,1), (0,1,1), and (1,1,1); the fractional
coordinates for the points at the centre of each face are (14,4,0), (}4,1,%4), (0,'4,'%), (¥4,%,1), (4,1,%), and (1,%,%).
See Figure 3.9 for insight on the projection representation of the fcc unit cell.

Look at the Example 3.8 and Self-Test 3.8 if you have problems determining the composition of the unit cells.
Using the same approach as outlined in these, you can find that the cubic F lattice has indeed four points, and that
body-centred has two.

If you had problems with this exercise, you should revise Example and Self-Test 3.1. The final graphical solution
is provided below on Figure E3.4. Remember that the numbers in parentheses correspond to the displacement in
three directions. In the top right comer is outlined a projection of a cubic unit cell along one direction (height) with
origin indicated with (0,0,0). We first find the location of Ti atom by translating along the cell’s length for Y% (solid
arrow), then for 'z along the cell’s width (dashed line), and finally for 2 of cell’s height (number '2). That is were
we place Ti atom.

Next we locate oxygen atoms. We start first with O atom at (4, %, 0). First we translate along the cell’s length for
¥ (solid arrow), and then for ' along the cell’s width (dashed line). There is no translation along the cell’s height
because the last number is 0. Since the cell is cubic, the equivalent % length, 2 width displacement will repeat
exactly at one full height of the unit cell. Thus, we have two oxygen atoms—one at 0 height and the other at full
(1) height, which is indicated by (0,1) fractional coordinates next to a white circle representing O atom. Similarly,
we obtain the positions of O atoms at (0, %, %2 } and ( % ,0, %4 ), each giving two O atoms. Finally, Ba atom is
exactly at the origin (0,0,0). Since the celi is cubic, we must have Ba atom at every comer of the unit cell with
height-fractional coordinates of either 0 or 1 (as indicated next to the first Ba atom represented by a dark circle).
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Figure E3.4

The analysis of 3D structure and the last projection with Ba ions added reveals that this compound has a
perovskite-type structure with a small cation (Ti") in octahedral coordination environment with coordination
number six, whereas large cation (Ba") lies on sites with coordination number 12.

(a) ABCABC...: Any ordering scheme of planes is close-packed if no two adjacent planes have the same position
(i.e., if no two planes are in register). When two planes are in register, the packing looks like the figure below and
to the right (the spheres in the upper layer lie exactly on top of the spheres in a layer below), whereas the packing
in a close-packed structure allows the atoms of one layer to fit more efficiently into the spaces between the atoms
in an adjacent layer, like the figure below and to the left. Notice that the empty spaces between the atoms in the
figure to the left are much smaller than in the figure to the right. The efficient packing exhibited by close-packed
structures is why, for a given type of atom, close-packed structures are denser than any other possible structure. In
the case of an ABCABC ... structure, no two adjacent planes are in register, so the ordering scheme is close-

packed.

Close-packed structure Non-close-packed structure
(not in register, corresponding to AB layers) (in register, corresponding to AA layers)

(b) ABAC...: Once again, no two adjacent planes are in register, so the ordering scheme is close-packed.



34 Part 1: Foundations

(c) ABBA...: The packing of planes using this sequence will put two B planes next to each other as well as two A
planes next to each other, so the ordering scheme is not close-packed.

(d) ABCBC...: No two adjacent planes are in register, so the ordering scheme i1s close-packed.

(e) ABABC...: No two adjacent planes are in register, so the ordering scheme is close-packed.

(f) ABCCB...: The packing of planes using this sequence will put two C planes next to each other, so the
ordering scheme 1s not close-packed.

E3.6 Remember that in any close-packed structure with N close-packed ions there are N octahedral holes and 2N
tetrahedral holes (see Section 3.3).
(a) If we had all tetrahedral holes filled, the M-to-X ratio would be 2 : 1 because in a close-packed structure we
have 2N tetrahedral holes per N anions X. Since only one-haif of the holes are filled, this ratio is 1 : 1 and the
formula is MX.
(b) If we had all octahedral holes filled, the M-to-X ratio would be 1 : 1. Since only half of these holes contain M,
theratio is % : 1 or 2 : 1 and the formula is M,A. Review Example 3.9 and Self-Test 3.9 if you had problems with
this exercise.

E3.7  Within the fcc lattice of fullerides shown in Figure 3.16, there are the equivatent of four close-packed molecules
(1/8(8) comers + 1%(6) faces). This lattice contains the equivalent of four octahedral holes and eight tetrahedral
holes as shown in Figure 3.18. If the potassium cations occupy all of these holes then we have 12 K ions for every
four Cgo anions and the formula is K3Cqg (simplified from (K 2(Csp)s). See Figure 24.69 for further visualization of
the structure, Review Example 3.9 and Self-Test 3.9 if you had problems with this exercise.

E3.8 The AAA... layering has hexagonal layers that in the structure lie exactly on top of each other. Inspection of two
such layers AA (see Figure E3.8 below) easily reveals the trigonal prismatic holes. A top and side view of the hole

is given at the far right of Figure E3.8. Since each S atom in this packing contributes only one-sixth to the hole,
and the trigonal prism has six comers, we have N trigonal prismatic holes per V sulfur atoms. Since the formula is

MoS,, every second hole in the structure contains Mo atom.

trigonal prismatic hole

Figure E3.8

E3.9 Tungsten has a body-centred unit cell. Two such adjacent unit cells are shown on Figure E3.9. The site in the~
middle of the original unit cell is indicated by an open circle. Looking at the arrangement of tungsten atoms
around it, we see that the coordination number (CN) of that site is 6—four atoms at the comer defining the shared
face plus an atom in the centre of each unit cell. If we fill each of these holes with C atoms we would get the
stoichiometry of W,Cs: two tungsten atoms per body-centred unit celi and 1 C atom on each two faces of the cube
(remember that the atoms on the faces of the unit cell are shared between two cells; see Example 3.8 and Self-Test
3.8).

Figure E3.9

E3.10  The bee unit cell contains two atoms that weigh together (2 mol Na x 22.99 g/mol)/(6.022 x 10% Na/mol) gor
7635 x 107 kg. The volume of the unit cell is @°, where a is the length of the edge of the unit cell. The density
equals mass divided by volume or:
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970kgm™= 7.635x 10%kg/a’ witha inm
a=4.29x10"" mor 429 pm

The composition can be determined by counting atoms in the unit cell shown in Figure 3.75. Six face copper atoms
times one-half gives three Cu atoms per unit cell and eight corner gold atoms times one-cighth gives one Au per
unit cell with an overall composition for the alloy of CusAu. The unit cell considering just the Au atoms is
primitive cubic. The mass % of Au in this alloy is:

(mass % Au) = m(Au)/m(Cu;Au) = 196.97 g/(3 x 633.55g + 196.97g) x 100% = 50.82%

Pure gold is 24 carat (100% gold). This alloy, which contains about 50% by mass gold, would therefore be 12
carat.

The electronegativity difference is 0.86 for Sr and Ga and the mean is 1.38 (use Pauling electronegativity values
provided in Table 1.7 to calculate the difference and mean value). Using Ketelaar’s triangle (see Figure 2.38 and
particularly Figure 3.27} and calculated values for the y and x axes, respectively, we find that the compound is an
alloy because it falls in the metallic bond region of Figure 2.38 and alloy region of Figure 3.27.

(a) Coordination numbers. The rock-salt polymorph of RbC! is based on a ccp array of Cl™ ions in which the Rb*
ions occupy all of the octahedral holes. An octahedron has six vertices, so the Rb” ions are six-coordinate. Since
RbCl is a I:1 salt, the CI” ions must be six-coordinate as well. The caesium-chloride polymorph is based on a
cubic array of CI” ions with Rb” ions at the unit cell centres. A cube has eight vertices, so the Rb" ions are eight-
coordinate, and therefore the CI™ ions are also eight-coordinate.

(b) Larger Rb" radius. If more anions are packed around a given cation, the hole that the cation sits in will be
larger. You saw an example of this when the radii of tetrahedral (0.225r) and octahedral holes (0.4147) were
compared (» is the radius of the anion). Therefore, the cubic hole in the cesium-chloride structure is larger than the
octahedral hole in the rock-salt structure. A larger hole means a tonger distance between the cation and anion, and
hence a larger apparent radius of the cation. Therefore, the apparent radius of rubidium is larger when RbCl has
the caestum-chloride structure and smaller when RbCl has the rock-salt structure.

The unit cell for this structure is shown in Figure 3.30. Each unit cell is surrounded by six equivalent unit cells
with which it shares a face. Since each of these unit cells contains a Cs” ion at its centre, each Cs' ion has six
second-nearest neighbours that are Cs” ions, one in the centre of each of the six neighbouring unit cells.

The ReO; unit cell is shown in Figure E3.15a). We can easily see that the coordination number of O atoms is two:
each O atom located on the edges is surrounded by two Re atoms. The coordination number of Re atoms is six: we
can see that if we extend environment around one Re atom into the neighbouring unit cells (Figure E3.15b).
Finally, if we insert one cation in the middle of ReQO; unit cell (white circle on Figure E3.15¢), we generate a
perovskite- type structure.

Figure E3.15

In the perovskite structure, cations in site A have coordination number 12, whereas those in site B have
coordination number six. See Figure 3.42 for more information on the perovskite structure.
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E3.17

E3.18

E3.19

E3.20

We are removing only every second Cs* cation from the CsCl structure. This means that while coordination
around CI” drops for one-half (from eight to four), the coordination around Cs* remains the same (eight). This
corresponds to the CaF, structure (each F~ is surrounded by four Ca®*, whereas each Ca® has eight closest F~
neighbours).

Keep in mind that if a close-packed structure is made of N anions X, then the lattice has N octahedral and 2N

tetrahedral holes.

{a) If all octahedral holes were filled, the stoichiometry would be MX; with half the octahedral holes filled, the
stoichiometry becomes MX..

(b) If all tetrahedrat holes were filled, the stoichiometry would be MoX; with one quarter it becomes also MX,.

{¢) If all octahedral holes were filled, the stoichiometry would be MX; with two-thirds filled the ratio M : X is
2/3 ;1 or2: 3 giving M,X; as final formula.

The coordination of M is given by the hole it fills, thus in (a) it is six and in (b) it is four. For the anion X the

number of neighbours is one-half—three in (a) and two in (b).

(a) H(Pu*") = 86 pm; <O ) = 140pin; y = 86/140 = 0.614; TiO.-type

(b) H(Fr") = 196pm; #{17) = 220; y = 196/220 = 0.891; CsCl-type

(¢) r(Be*") = 45pm; (57 = 184pm; y = 45/184 = 0.245; ZnS-type

(@) 7(In**) = 80pm; (IN*") = 146pm; y = 80/146 = 0.548; NaCl- or NiAs-type

The unit cell of rock-salt structure is shown on Figure 3.30. We have to remember that the cations fill the holes in
closed-packed structure of Se” anion. The geometrical approach to calculating the cationic radii is shown in
Figure E3.20 below. Both sketches show only one face of a rock-salt unit cell. The one on the left is for MgSe,
showing Se?” anions in contact and smaller Mg”" filling the holes. The sketch on the right shows the other three
cases. It is clear that we need Se?” radius first to calculate radii of cations. From MgSe structure:

@=(@ry=a+d and 162 =202 == 9 3BPM 405 50
22 22 P

where a is the length of unit cell, » is radius of Sez', anion and d is the length of face diagonal of the unit cell.
From shown measurements we see that in each case the length of the unit cell, 4, is given by:

a=2r+2r

a—2r_

. . . - 2. -
where r" is the cation radius and r is Se”” radius. From here, we have: ,*

Thus, after substitutions we obtain: AMg”") = 79.8 pm, {Ca™) = 102.8 pm, #(Sr**) = 118.8 pm, and n(Ba®") =
138.3 pm.

Figure E3.20
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In order to use the structure map, we first have to calculate the differences in electronegativity, Ay, and average
principal quanturn number for each MX compound from the problem and then look at the map:

Ay (LiF} =398 — 0.98 = 3; average n is 2, the point corresponding to LiF belongs in the (6,6} region

Ay (RbBr) = 2.96 - 0.82 = 2.14; average » is (5 + 4)/2 = 4.5, also in (6,6) region

Ay (SrS) =2.58 —0.95 = 1.63; average » is (5 + 3)/2 = 4; also in (6,6) region, and

Ay (BeO) = 3.44 — 1.57 = 1.87; average n is 2; also in (6,6) region.

The only discrepancy here is that for BeO {predicted (6.,6), actual (4,4)). The reason for this discrepancy is the fact
that Be®™ with its small size and relatively high charge and electronegativity forms compounds with significant
covalent character resulting in higher directionality of chemical bonds.

Each of the complex ions in this exercise ([PtClg]>, [Ni(H,0)s]*, [SiFs}") is highly symmetric and their shape can
be approximated with a sphere (each of these structures is octahedral, thus around each a sphere can be constructed
a radius equal to that of half height of octahedron or apEroximately element-element bond). Thus for example,
K;PtClg has an antifluorite structure with anions [PtCls)™ forming a ccp array and K™ cations occupying each
tetrahedral hole.

Calcite has a rhombohedral unit cell, whereas NaCl has a cubic one. Both rhombohedral and cubic unit cells have
all three dimensions equal (a = b = ¢} but they differ in the angles, with cubic unit cell having all angles at 90° and
rhombohedral all angles equal but different from 90°. If you look at the arrangement of cations and anions in the
calcite structure, you’ll see that when all angles are made 90° the two structures are identical. Calcite’s
rhombohedral unit cell can be obtained if we take cubic NaCl unit cell and pull its opposite corners across the
body diagonal apart.

The most important terms will involve the lattice enthalpies for the di- and the trivalent ions. Also, the bond
dissociation energy and third electron gain enthalpy for nitrogen (IN;) will be large. See Section 3.11 for more
details.

The lattice enthalpy for MgO will be equal to fous times the NaCl value or 3144 kJmol™' because the charges on
both the anion and the cation are doubled in the Born-Mayer equation. For AIN the charges are tripled and the
lattice enthalpy will be equal to #ine times the NaCl value or 7074 kJmol™'. Additionally, the ionic sizes decrease
Na*> Mg?™ > AP* and CI”> O* = N>, which would further increase the lattice enthalpies in the same order.

(a) The Born-Mayer equation is Equation 3.2:

arre, < Maleazsle” (1—£}4
Y dngd d

All needed values are known except for 4, which has to be calculated after the radius for K** has been
extrapolated. Looking at the Table 1.4 and/or Resource Section ] we see that Ca’* has a radius of 112pm in
coordination eight {i.e., its coordination number in CaF,). If KF; has the same structure, then K?* radius has to be
similar. From general atomic trends, we know that potassium atom is larger than Ca atom meaning that K** is
larger than Ca®* but smailer than K™. Thus, we can approximate (K**) as an average between +(K") and /(Ca™) for
coordination number eight: (151 + 112)pm/2 = 131.5 pm. From the table we also need radius for F~ with
coordination number four, 131 pm (the coordination number of F~ in CaF, structure). Then we have:

AH® = NdlezB‘ez [1 _ﬁ]A —

B dngd d
_6.022x10%molx 2 x (~1)|x{1.602x107°Cf L 3aspm ) oo
" 4x3.14x(8.854x102C T m )x (131.5+131)x10 " m|  131.5pm+13lpm )

=1.99x10°Jmol™ =1990kJ mol™

(b) What prevents the formation of KF; is the massive second ionization energy for K, 3051 kI mol™, which is
significantly higher than the lattice energy for this compound.
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E3.27 To use the Born-Mayer equation, we first must estimate the radius of Ca" and choose the appropriate Madelung

constant for the equation.

Looking at the trends in atomic properties, we can see that K atom is bigger than Ca and consequently that Ca” is
smaller than K* but bigger than Ca*". Thus, the ionic radius for Ca” can be approximated as in between that of K*
and Ca”*. Since KCl has an NaCl-type structure, we can safely assume that CaCl would have the same, so we are
using cationic radii for coordination six: (138 + 100)pm/2 = 119 pm. We have:

N 2 (1 - ﬁ)A -
4re,d d

~ 6.022 x 10” mol x |1 x (—1)| x (1.602x|0‘“’cf ( : 34.5pm
T 4x3.14x(8.854x1072CH ' m ) x (119 +181)x10"*m | 119pm +181pm

=7.17x10°Jmol™ = 717k mol™

}XI.748=

The values for ionic radii (Ca®*, K* and CI") have been taken from Table 1.4 and the value for the Madelung

constant from Table 3.8.
We can now use this lattice energy to construct the Born-Haber cycle for CaCl and show that it is indeed

an exothermic compound. The cycle is shown below with all values taken from Table 1.5 in your textbook except
the Ca sublimation energy given in the exercise text:

Ca'lg) + Cigre(g)
% BDECICI)= 122k) mal”
% @)~
Ca'(g) + % CL(ghelg) ~—t— I
—— ca'lg)+ il
1{Ca)= 588kJ mol”
Calg)+ A Cl{g) =——p—
AR (CaCl)= -717kJ mol*
AH_{Ca)= 178kJ mol’
Cafs) + % Chig) ———
AW{CaCl = ?
CaCl(s)

From the cycle, Ag#(CaCl) = +176 kJ mol ™ + 589 kJ mol™ + 122 kI mol™ — 355 kI mol™ ~ 717 kJ mol™' = -85
kJ mol™', showing that CaCl is an exothermic salt.
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Although CaCl has a favourable (negative) A¢H, this compound does not exist and would convert to metallic Ca
and CaCl, (2CaCl — Ca + CaCl,). This reaction is very favourable because CaCl, has a higher lattice enthalpy
(higher cation charge). The higher lattice enthalpy combined with gain of I; for Ca (Ca™(g) + ¢ — Ca(g)) are
sufficient to compensate for 1, (Ca'(g) — Ca**(g) + ¢7) required to form CaCl,

If all other parameters for cubic and hexagonal ZnS are kept constant, then according to the Born-Mayer equation,
the difference is only in the Madelung constants for the two polymorphs. From Table 3.8 the constants are 1.641
and 1.638 for hexagonal and cubic ZnS respectively. Since the A is larger for hexagonal ZnS, the hexagonal ZnS
should be a more stable polymorph.

(a) The Born-Mayer equation is based on electrostatic interaction between cations and anions in the lattice. Thus,
it works very well for the ionic structures like LiCl. However, it does not provide good estimates for the salts that
have significant covalent character in the bonding. One such case is AgCl

(b) A good example of M?* pair is Ca’* and Hg>" (one main group metal and one late transition metal, just like in
the case of M cations in (a) part).

(a) BKO,? Using ABk") = 97 pm and A(O*") = 128 pm and Equation 3.4 we have:
AHp ={(3 x 4 x 2)/(97 pm + 128 pm)][(1 — 34.5 pm/(97 pm + 128 pm)] (1.21x 10° kJ pm mol ™)
= 0.0179 x 0.845 x 1.21 x 10° kJ mo!™ = 10906 kJ mol™*
(b) X,SiFs? Using {K™) = 152 pm and ~([SiFs)*) = 194 pm and Equation 3.4 we have:
AHp =[(3 % 1 x 2)/(152 pm + 194 pm)] x 0.9 x 1.21 x 10° kJ pm mol™' = 1888 kJ mol™
(¢) LiC104? Using »(Li") = 90 pm and /([Cl0,] ") = 236 pm and Equation 3.4 we have:
AH, =[(2 x 1 x 1)/(236 pm + 90 pm)] x 0.895 x 1.21 x 10° kJ pm mol™ = 664 kJ mol™

() CaSeQ, or Sr8eQ,? In general, difference in size of the ions favours solubility in water. The thermochemical
radius of selenate ion is 240 pm (see Table 3.10), whereas the six-coordinate radii of Ca” and Sr** are 100 pm and
116 pm, respectively. Since the difference in size between Ca>* and SeQ,’ is greater than the difference in size
between Sr*” and SeO,>", CaSeO, is predicted to be more soluble in water than SrSeQs.

(b) NaF or NaBF,? This exercise can be answered without referring to tables in the text. The ions Na™ and F~ are
isoelectronic, so clearly Na* is smaller than F~, It should also be obvious that the radius of BF is larger than the
radius of F~. Therefore, the difference in size between Na™ and BF,” is preater than the difference in size between
Na® and F~; NaBF, is more soluble in water than NaF.

Csl < RbCl < LiF < Ca0 <NiO < AIN

The values of AH) are proportional to the product of the charges on ions divided by the sum of their ionic radii.
So the 3+/3— system will get a x9 multiplier, whereas the 2+/2— will have a x4 on the 1+/1— system. Within
compounds that have the same charges, the bigger ions lead to larger sums on the radii and smaller lattice energies.
Considering both of these factors, one can substantiate the trend shown above for increasing lattice enthalpies.

In order to quantitatively precipitate SeO,> ion from an aqueous solution, we must find a cation that is of
approximately the same size as SeO,>~. Table 3.10 lists the thermodynamic radius for this anon as 240 pm. From
Resource Section 1, Ba®* emerges as a good candidate. The +2 charge can help to increase the lattice enthalpy,
whereas the relatively large size of this cation reduces the cost of hydration enthalpy. Both factors decrease the
solubility of BaSeQ,.

The thermochemical radius of phosphate ion is 238 pm. Thus smaller cations like Na” and K* would give soluble
phosphates, whereas larger cations of heavier Group 2 elements (i.e., Ba*") would likely produce insoluble
phosphates.
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E3.34

E3.35

E3.36

E3.37

E3.38

E3.39

E4.40

E3.41

E3.42

(a) Between the two, MgCO; will have a lower decomposition temperature than CaCOs. This is because Mg*" is a
smaller cation and as such is not as good as Ca*" in stabilizing CO;*" anion. Also, because Mg”" is smaller, MgO
(one of the products) has higher lattice enthalpy than CaO, which also decreases the decomposition temperature of
the carbonate.

(b) Between these two, Csl; is expected to have a lower decomposition temperature than N(CHj)al;. Cs' is smaller
than N(CH3)," as such it is more likely to stabilize the product of the decomposition (Csl) than Csls.

(a) Ca;N, has ionic bonding and, considering stoichiometry of 3 : 2, both cation and anion should have relattvely
high coordination numbers . Thus, this compound is likely to exhibit Schottky defects owing to its structure type
and bonding.

{b} HgS assumes hexagonal close-packed structure with low coordination numbers and partial covalent bonding
character. This compound is likely to exhibit Frenkel defects.

In sapphire, the biue colour is due to the electron transfer between Fe™™ and Ti** substituting for A’ in adjacent
octahedral sites in Al,O; structure. Considering that beryl also contains A" in octahedral sites, it is plausible that
the blue colour of aquamarine is due to the same two dopants (see Table B3.1).

As noted in Section 3.17(a), nonstochiometry is common in the solid-state compounds of d-, f-, and later p-block
elements. We would therefore expect vanadium carbide and manganese oxide to exhibit nonstoichiometry (two d-
block metal compounds) but not magnesium oxide (an s-block metal oxide).

The formation of defects is normally endothermic because as the lattice is disrupted the enthalpy of the solid rises.
However, the term —7AS becomes more negative as defects are formed because they introduce more disorder into
the lattice and the entropy rises. As long as we are not at absolute zero, the Gibbs energy will have a minimum at a
nonzero concentration of defects and their formation will be spontaneous. As temperature is raised, this minimum
in G shifts to higher defect concentrations as shown in Figure 3.52b, so solids have a greater number of defects as
temperatures approach their melting points. Increase in pressure would result in fewer defects in the solid. This is
because at higher pressures, lower coordination numbers (tighter packing) are preferred. Lower coordination
numbers generally result in fewer defects. Increase in the pressure also creates spacing between the ions in the
structure smaller reducing the possibility of ion displacement within the structure.

As noted in Section 3.17(a) nonstochiometry is common for the solid state compounds of d-, f-, and heavier p-
block elements. All of the metals forming oxides are either d-block (Zn and Fe) or f-block (U) metals. However,
Zny4,O would be expected to show nonstoichiometry over very small range because the only significant and
sufficiently stable oxidation state for Zn is +2. Thus, in this case as x increases, some of Zn(II) should be reduced
to Zn(l), a very unlikely process. The next one would be Fe,_,O because Fe has two adjacent oxidation states
Fe(Il) and Fe(IIl). Finally that leaves UQ,,, as the oxide with possible wide range of nonstoichiometry,
considering that U, apart from U(IV), has a relatively stable U(V1) state.

(a) Ga is in Group 13 whereas Ge is in Group 14 of the periodic table of elements. Since Ga has one less valence
electron than Ge, this would be a p-type semiconductor.

{b) As is in Group 15 whereas Si is in Group 14 of the periodic table. Since As has one more valence electron than
Si, this would be an n-type semiconductor.

() IngseAsys; shows nonstoichiometry: it has more of (formally) As’™ than In** and should be aiso an n-type
semiconductor.

Low oxidation number d-metal oxides can lose electrons through a process equivalent to the oxidation of the metal
atoms, with the result that holes appear in the predominately metal band. The positive charge carriers result in their
p-type semiconductor classification. NiQO is an example of this p-type semiconduction. Early transitional metal
oxides with low oxidation number such as TiO and VO have metallic properties owing to the extended overlap of
the d orbitals of the cations. See Section 24.6b for more details.

A semiconductor is a substance with an electrical conductivity that decreases with increasing temperature. It has a
small, measurable band gap. A semimetal is a solid whose band structure has a zero density of states and no
measurable band gap as shown in Figure 3.70. Graphite is a classic example of a semimetal with conduction in the
plane parallel to the sheets of carbon atoms.
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Ag:S and CuBr (low-oxidation-number metal chalcogenide and halide) would be a p-type, and VO, (high-
oxidation-number transition metal oxide) would be an n-type.

In KC; potassium donates the electrons to the upper band which was originally empty in the graphite structure. In
CgBr bromine removes some electrons from the filled lower band in the graphite structure. In either case the net
result is a partially filled band (formed either by addition of electrons to the originally empty band or by removal
of electrons from the initiaily filled band) and both KCg and CyBr should have metallic properties.

Answers to Selected Tutorial Problems

T3.2

The Madelung constant is in a sense a geometrical factor that depends on the position of ions within a unit cell.
The electrostatic potential in which Na” ions resides is given by:

z 282

47e,d
where in this case 4 is the distance between Na and the neighbouring atoms we are considering. The first
neighbours are 6 C1” ions at the distance 4. Thus the potential energy of a single Na* surrounded by six anions is:

V=

2,2
y,=-S2¢
4re,d

Next, we have 12 Na” ions (the ones located on the faces of the cubic unit cell). Using Pythagoras’s theorem we
can show that they are at the distance of 42 from the same Na* we looked at above (see Figure T3.2 below). This
is a repulsive interaction for which we get the following potential ¥5:

12z

=
4re, J2d

Next to consider are eight Cl” jons at the middle of each edge of the unit cell. Again, using Pythagoras’s theorem
we can see that the distance between them and our Na“ is 443 . The potential ¥ is thus:

__ 87
4ze, J3d

This process can be continued in the same manner until ¥, which would give all six terms in the Madelung series
given in this project (Figure P3.2 shows the distances involved in calculation of all 73,).
To find the total potential for Na™ cation we have to sum ¥y, Vs, Vs, etc.:

V=V +V,+¥;+..=
62%¢* N 122 8z'¢ . =
dng,d  4nsd2 4;rs°d1/§ )
Zef (6 12 8

The value of the series in the brackets is called the Madelung constant for NaCl type structure.
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Figure T3.2
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Self-Test Exercises

$4.1

$4.2

(a) HNO; + ;0 - HyO0™ + NO5™. The compound HNO; transfers a proton fo water, so it is an acid. The nitrate
ion is its conjugate base. In this reaction, H.O accepts a proton, so it is a base. The hydronium ion, H;0", is its
conjugate acid.

(b) CO;™ + HO — HCO;y + OH". A carbonate ion accepts a proton from water, so it is a base. The hydrogen
carbonate, or bicarbonate, ion is its conjugate acid. In this reaction, H,O donates a proton, so it is an acid. A
hydroxide 1on is its conjugate base.

(¢) NH; + H.S — NH," + HS". Ammonia accepts a proton from hydrogen sulfide, so it is a base. The ammonivm
ion, NH,, is its conjugate acid. Since hydrogen sulfide donated a proton, it is an acid, while HS™ is its conjugate
base.

Weak acids only partiaily ionize in water, and the equation is:
HF + H.0 === H;0 +F

Applying what you have leamed in general chemistry, this type of problem can best be worked using the initial
concentration, change in concentration, and final concentrations according to the table below.

HF + H,0 =—— H;0" + F

Initial (M) 0.10 0.0 0.0
Change (M) —X +X +x
Equilibrium (M) 0.10—x X X

Insert these values into the acidity constant expression for HF.

H,O"][F" :
k,=EOMFT g o X
[HF] 0.10-x

From here we obtain the following quadratic equation:
X +34x10%-35%x107%=0

With roots (solutions}):

3.5x107 i\/(3.5><]0_4)2 —4x1x(35%107)
X =
2x1

The two roots are x = 5.7 x 10> M and 6.1 x [0~ M. Obviously, the negative root is physically impossible, so
our final result is [H;07] = 5.7 x 107 M. Taking the negative log gives the pH of the solution.

pH = -log{H,0"] = 2.24

Tartaric acid is a diprotic weak acid and must be solved in two equilibrium steps, similar to 84.2. The first
equilibrium, and ICE table is shown below:

43
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S4.4

H2C40§ + H;O —~——— H;O+ + HCO¢

Initial (M) 0.20 0.0 0.0
Change (M) —X +x +x
Equilibrium (M)  0.20—x X X

The equilibrium values are substituted in the acidity constant for the first deprotonation step:

2

} [H,0" J[HC,O; ] X

K, =10x107
[H,C,0,] 0.2-x

Now we must solve the following quadratic equation:

X+1.0x10%%-20x10*=0

10x10™ +4{1.0x107f —ax1x(20x10%)
X =
2x1

X =0014M or -0.015M
So, this means our {H;0"] = 0.014 M which is also equal to [HC405]. Now we have to consider the second
deprotonation step using the same approach as above and calculate [C4Os” ).

HCiOs + H,0 == H;0" + C,O¢"

Initial (M) 0.014 0.014 0.0
Change (M) —X +x +x
Equilibrium (M)  0.014—x 0.014+x x

Insert these values into the equilibrium expression:

[H;0"][C,08 ] (0.014+x)x
[HC,0;] (0.014 - x)

K, =46x107 =

Now we can assume that 0.014 + x ~ 0.014, so x is simply equal to 4.6 x 10,
This means our total [H;0°] = 0.014 M + 4.6 x 107, which is essentially 0.014 M meaning the second
deprotonation does not affect the pH in this solution. Our pH is:

pH =-log[H;0%] = 1.85

Since the acid strength of aqua acids increases as the charge density of the central metal cation increases, the
strongest acid will have the highest charge and the smallest radius. Thus [Na(H,O)]", with the lowest charge, will
be the weakest of the four aqua acids, and [Sc(B,0))", with the highest charge, will be the strongest. The
remaining two aqua acids have the same charge, and so the one with the smaller ionic radius, r, will have the
higher charge density and hence the greater acidity. Since Ni** is on the right from Mn?" in the periodic table of the
elements, it has a smaller radius, and so [Ni(H,O)** is more acidic than [Mn(H,O4]>*. The order of increasing
acidity is [Na(H:0)]" < [Mn(H,0)¢J*" < [Ni(H,0)]"™" < [Sc(H0)s]".
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(a) H;PO,? Pauling’s first rule for predicting the pX,, of an oxoacid is pK, = 8 — 5p (where p is the number of
oxo groups attached to the central element).

Since p = 1 (see the structure of H;PO4 below), the predicted value of pX,, for H;PO, is 8 — (5 x 1) = 3. The actual
value, given in Table 4.3, 1s 2.1,

O
ﬂ
HO” | OH
OH

(b) H;PO,? Pauling’s second rule for predicting the pK, values of a polyprotic oxoacid is that successive pX,
values for polyprotic acids increase by five units for each successive proton transfer. Since pK,, for H;PO, was
predicted to be 3 (see above), the predicted value of pK, for H,PO,", which is pK,, for HyPOy, is 3 + 5 = 8. The
actual value, given in Table 4.3, is 7.4.

(c) HPOZ? The pK, for HPOQ,” is the same as pKas for H;POy, so the predicted value is 3 + (2 x 5) = 13. The
actual value, given in Table 4.3, 15 12.7.

According to Figure 4.6, Ti(IV) is amphoteric. Treatment of an aqueous solution containing Ti(IV) ions with
ammonia causes the precipitation of TiO,, but further treatment with NaOH causes the TiO, to redissolve. H,0O4
would not react with Ti(IV) since Ti(IV) cannot be further oxidized.

(a) FeCl; + CI" — [FeCly]"? The acid FeCl; forms a complex, [FeCl,]", with the base CI.
(M) I+1, - 137? Theacid L forms a complex, I, with the base I".

If the N atom lone pair of (H;Si):N is delocalized onto the three Si atoms, it cannot exert its normal repulsion
influence as predicted by VSEPR rules. The N atom of (HSi)sN is trigonal planar, whereas the N atom of (H;C):N
is trigonal pyramidal. The structures of (H;Si);N and (H;C);N, excluding the hydrogen atoms are:

/Si ..
N«

{ — S

S N\ c C
Si C

The two solvents in Figure 4.12 for which the window covers the range 25 to 27 are dimethylsulfoxide (DMSO)
and ammonia.

We need to identify the autoionization products of the solvent, BrFs, and then decide whether the solute increases
the concentration of the cation (an acid) or the anion (a base). The autoionization products of BrF; are:

2BrFy(l) =—= BrF,"(sol.) + BrF4(sol.)

The solute would jonize to give K~ and BrF4. Since BrF,” will increase the amount of the anion, KBrF, is a base
when dissolved in BrF;.

The ether oxygen atom will behave as a Lewis base and donate one of its lone electron pairs forming a dative bond
with the boron atom of BF;. The geometry at the boron atom will go from trigonal planar in BF; to tetrahedral in
F3B~OEt,. The structure of the complex is shown below.
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End-of-Chapter Exercises

E4.1

E4.2

See the diagram below for the outline of the acid-base properties of main group oxides. The elements that form
basic oxides have symbols printed in bold, those forming acidic oxides are underlined, and those forming
ampbhoteric oxides are in italics. Note the diagonal region from upper left to lower right that includes the elements
forming amphoteric oxides. The elements As, Sb, and Bi are shown both underlined and in italics. This is because
their oxides in highest oxidation state (+5) are acidic, but the oxides in lower oxidation state (+3) are amphoteric.
There are no oxides for fluorine. Fluorine forms two compounds with oxygen, O-F, and OF,; but because F is
more electronegative than O these compounds have oxygen in a positive oxidation state (+1 and +2 respectively)
and thus are not oxides {oxides have O in a negative oxidation state). For Po, At, Fl, and Lv there are no data.

i| H
a‘m - ?IT T e = ,.,JL..L__IL_
| Li{Bel B|C|N|{O|F
4,088 "Wz [10.‘11 1201115 14,0067 15,0664 13,9004
1 12 18 14 15 1 17 j
I Na|Mgl| | A |Si|P|S|C,
22,9699 24,312 29815 20008 W57 32054 5458
| K|Ca| Ga|Ge|As|Se|Br.
e e B T T i
dRb|Sr| | m|Sn|Sh|Te| |
8547 962 1482 I 121,75 1275 12044
i Cs|Ba|: M |Pb| Bi|Po| At
_?:._ﬂ&.m__ﬁZL _m?__%g__&zm__m_
1 Fr | Ra a Ly
<72 . &8 ] ; o

(a) {Co(N H,)S(OHZ)] A con_]ugate base is a spec1es with one fewer proton than the parent acid. Therefore, the
conjugate base in this case is [Co(NH;);(OH)] , shown below (L = NH;). Note that because H;O is generally
more acidic than NH;, HO will loose one of its protons.

H H i3+ H LS
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(b) HSO,: The conjugate base is SOy .

(c) CH;OH: The conjugate base is CH;0™.

(d) H,PO,™: The conjugate base is HPO,>".
(e) Si(OH): The conjugate base is SiIO(OH);™.
(HHS™: The conjugate base is $*~.

E4.3 Remember that a conjugate acid is a species with one more proton than the parent base.
(a) CsHN (pyridine): The conjugate acid in this case is the pyridinium ion, CsH¢N", shown below,

(b) HPO,® : The conjugate acid is H,PO;4".
(¢) O*: The conjugate acid is OH™.
(d) CH;COOH: The conjugate acid is CH;C(OH),", shown below.

(&) [Co(CO)|™: The conjugate acid is HCo(CO),, shown below.

(f) CN™:  The conjugate acid is HCN.
E4.4 We solve this problem the same way we did iz $4.2. Data are shown below (C;H,COOH is butanoic acid):

C;H,COOH + H,0 =—=C;H,CO0 + !'130+

Initial (M) 0.10 0 0
Change (M) —x +X +x
Equilibrium (M) 0.10-x X X

Insert these values into the equilibrium expression:

K —186x10- < OTIIC,H,C00 ]
‘ [C,H,COOH] (0.1-x)

Now, we can assume that 0.10 - x ~ 0.10 and then solve for x, which will be our [H:0"]:

2
186x107° = —
0.10
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E4.6

E4.7

E4.8

E4.9

x=14x 107 = [H;0"]
The pH of the solution is: pH = —log[H;0"] = 2.85
To find the X, use Equation 4.4;
Ka x K], = Kw
Ky=K K, = (1.0x 107"(1.8x107%) = 56 x 107"
To find the K, use Equation 4.4:
Ka X Kb = Kw
K, =KJKy, = (1.0 x 107"/(1.8 x 107 = 5.6 x 107
From Table 4.2, the proton affinities (4;) of HO (I} and OH™ (aq} are 1130 kJ mol™ and 1188 kJ mol™
respectively. Consequently, although transfer of H' from H3O" to F~ is exothermic by —20 kJ mol™, the transfer of
H" from H,O to F is endothermic by 38 kJ mol™. Therefore, in neutral water, F~ will behave as a base.
The structures for chloric acid and chlorous acid are shown below. Chlorine in chloric acid is double-bonded to
two oxygen atoms and single-bonded to the oxygen atom of a hydroxide, and has one lone pair, giving it a trigonal
pyramidal molecular geometry at chlorine atom. Chlorine in chlorous acid is double-bonded to one oxygen atom

and single-bonded to the oxygen atom of a hydroxide, and has two lone electron pairs, thus the molecular
geometry is bent.

ﬁ 0
=G H o)
O/E\O, ’./:f\OIH
chloric acid chlorous acid

Pauling’s first rule for predicting the pX, of a mononuclear oxoacid is pK, = 8 — 5p (where p is the number of oxo
groups attached to the central element). Since p = 2 for chloric acid, the predicted pX, for HCIO; is § — (5 x 2} =
—2. The actual value, given in Table 4.1, is —I. For chlorous acid, p = 1, therefore the pK, for HCIO, is 8 — (5 x 1)
= 3. The actual value, given in Table 4.1, is 2.

{a) COs 0%, C10,, and NO;” in water? You can interpret the term “studied experimentally” to mean that the
base in question exists in water (i.e., it is not completely protonated to its conjugate acid) and that the base in
question can be partially protonated (i.e., it is not so weak that the strongest acid possible in water, H;O", will fail
to produce a measurable amount of the conjugate acid). Using these criteria, the base CO;”" is predicted to be of
directly measurable base strength because the equilibrium CO;* + H,O — HCOQ;™ + OH™ produces measurable
amounts of reactants and products. The base O, on the other hand, is compietely protonated in water to produce
OH", so the oxide ion is too strong to be studied experimentally in water. The bases ClO,~ and NO;™ are conjugate
bases of very strong acids, which are completely deprotonated in water. Therefore, since it is not possible to
protonate either perchlorate or nitrate ion in water, they are too weak to be studied experimentally.

(b) HSO4, NO5, and CiOy, in H,80,? The hydrogen sulfate ion, HSO,, is the strongest base possible in
tiquid sulfuric acid. However, since acids can protonate it, it is not too strong to be studied experimentally. Nitrate
ion is a weaker base than HSO4", a consequence of the fact that its conjugate acid, HNQs, is a stronger acid than
H,SO4. However, nitrate is not so weak that it cannot be protonated in sulfuric acid, so NQ;~ is of directly
measurable base strength in liquid H,SO4. On the other hand, CIO,", the conjugate base of one of the strongest
known acids, is so weak that it cannot be protonated in sulfuric acid, and hence cannot be studied in sulfuric acid.
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A comparison of the agueous pX, values is necessary to answer this question. These are:

HOCN,4  H,NCN, 105 CH,CN, 20
H,0, 14 NH,, very large CH,, very large

You know that the values of pK, are very large for ammonia and methane because these compounds are not
normally thought of as acids (this implies that they are extremely weak acids). Now, in all three cases, the cyano-
containing compound has a lower pX, (a Aigher acidity) than the parent compound. In the case of H,O and HOCN,
the latter compound is 10 orders of magnitude more acidic than water (because the difference between pXj values
is 10 pX, units}). The deprotonation equilibrium involves the formation of an anion, the conjugate base of the acid
in question. For example:

HOCN + H,0 === OCN™ + H;0"
H,0 + H,O ==0H" + H;0"

Since a lower pK, means a larger X, this suggests that the anion OCN™ is better stabilized than OH". This occurs
because the —CN is electron withdrawing.

The difference in pX, values can be explained if we look at the structures of the acids in question. (Note: flip
through Chapters 15 and 17 to find the structures!)

"
Structures of HyPOy, m OM

H;PO;, and H;PO;

Structures of HOCI,
HCIQ;, and HCIO; f}

According to the first Pauling rule, pX, = 8 ~ 5p, where p is the number of oxo groups attached to the central
element. Looking at the structures of phosphorus containing acids, we can see that all of them actually have only
one oxo group attached to the central P atom (p = 1). This means that they will all have pK,~8 -5 x | =3. On the
other hand, the number of oxo groups for chlorine-containing acids is increasing from zero in HOC! to two in
HCIO;. Thus, the three will have the following approximate pX, values:

HOCl{(p=0):pK,~»8-5%x0=8
HCIO, (p=1):pK,=8-5%x1=3
HCIO; (p=2): pK,»8-5x2==-2

Consult Example and Self-Test 4.4 as well as Section 4.2 if you had problems with this exercise.

The acidity of agua acids depends on the charge density on the central cation: the higher the charge density, the
higher the acidity. Thus, with the charge of +1, Na” should be the weakest acid. There are three cations with the
charge +2: Mn*, Ca¥", and Sr**. Among these three the cation with the largest radius will have the lowest charge
density and thus will be the weakest acid, The relative sizes of cations can be determined by looking at their
positions in the periodic table: Sr is in period 5 and Sr*” should have the largest radius; Mn is to the right of Ca,
thus Mn?™ should be smaller than Ca®*. Thus, of these three, the weakest acid is Sr™” and the strongest is Mn”".
Finally, using the same arguments for Fe** and AI’* as for the 2+ cations, we can conclude that A’ is more acidic
in an aqueous solution than Fe**, The overall order of cations in order of increasing acidity in water is:

Na~ < 8r*~ < Ca?* <« Mn*" <Fe*" < Al
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E4.13

E4.14

E4.15

According to Pauling’s first rule for predicting the pX, of a mononuclear oxoacid, pX, ~ 8 — 5p (where p is the
number of oxo groups attached to the central element).

pK, for HNO, = 8- (5 x 1) =3

pK, for 804~ 8 — (5 x2)=-2
pK, for HBrO; ~ 8 — (5 x 2) =-2
pK, for HCIO; ~8 - (5 x 3)=-7

The lowest pK, is for HCIQ,, so this is the strongest acid. Next we have H,SO4 and HBrO;, which have the same
pK, of -2 according to Pauling’s rules for predicting the pK, of mononuclear oxoacids. (Note that the same
conclusion can be reached just by comparing the number of oxo groups in each acid without performing the actual
calculations.) Bromine is more electronegative than sulfur; inductively, HBrO; should be a stronger acid than
H,S04. HNO, has the highest pX, and is the weakest acid. Therefore the order is HCIO4 > HBrO; > H,80, >

HNO,.

(2) [Fe(OH,)s]** or [Fe(OH,)s[*": The Fe(Ill) complex, [Fe(OH,)s}”", is the stronger acid because Fe’* has a
higher charge density than Fe**—it has both higher charge and smaller radius than Fe** and consequently higher
charge density, and [Fe(H,0)]>" is the stronger acid.

(b) [AKOH,)s)** or [Ga(OH,)¢]*": In this case, the charges are the same but ionic radii of AI** and Ga®* are not.
Since the ionic radius, #, is smaller for period 3 AI** than for period 4 Ga'*, the charge density for AI** is higher
than for Ga** and the aluminum-aqua ion is more acidic.

(c) Si(OH), or Ge(OH);: As in part (b) above, the charges on central atoms are the same but their radii are
different. The comparison here is also between species containing period 3 and period 4 central atoms in the same
group, and the species containing the smaller central atom (smaller r), Si(OH),, is more acidic.

(d) HCIO; or HCIO4: These two acids are shown below, According to Pauling’s first rule for mononuclear
oxoacids, the species with more oxo groups has the lower pK, and is the stronger acid. Thus, HCIO, is a stronger
acid than HCIO;. Note that the oxidation state of the central chlorine atom in the stronger acid (+7) is higher than
in the weaker acid (+5).

o
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(e) H,CrO, or HMnO,: As in part {d) above, the oxidation states of these two acids are different—VI for the
chromium atom in H,CrO, and VII for the manganese atom in HMnO,. The species with the higher central-atom
oxidation state, HMnQy, is the stronger acid. Note that this acid also has more oxo groups—three—than H,CrO,,
which has two.

(f) H;PO, or H,80,? The oxidation state of sulfur in H,SQ, is VI, whereas the oxidation state of phosphorus in
H;PO, is only V. Furthemmore, sulfuric acid has two oxo groups attached to the central sulfur atom, whereas
phosphoric acid has only one oxo group attached to the central phosphorus atom. Therefore, on both counts (which
by now you can see are really manifestations of the same thing) H»SOy is a stronger acid than H;PO,.

First you pick out the intrinsically acidic oxides among those given (AL;O;, B;03, BaQ, CO,, CLO,, and SOs),
because these will be the least basic. The compounds B»0Os, CO,, Cl;04, and SO; are acidic because the central
element for each of them is found in the acidic region of the periodic table (see the s- and p-block diagram in the
answer to Exercise 4.1; generally the oxides of non-metallic elements are acidic). The most acidic compound,
Cl;04, has the highest central-atom oxidation state, +7, whereas the least acidic, B»O;, has the lowest, +3. Of the
remaining compounds, ALO; is amphoteric, which puts it on the borderline between acidic and basic oxides, and
Ba0Q is basic. Therefore, a list of these compounds in order of increasing basicity is Cl,0; < $O; < CO; < B05 <
AlO; <BaO.
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The weakest acids, CH;GeH; and NH;, are easy to pick out of this group (HSO,™, H;07, H,Si0O,4, CH;GeHs, NH;,
and HSO;F) because they do not contain any —OH bonds. Ammonia is the weaker acid of the two, primarily
because the N-H bond is stronger than the Ge-H bond. Of the remaining species, note that HSOsF is very similar
to HaSOy4 as far as structure and sulfur oxidation state {VI) are concemed, so it is reasonable to suppose that
HSOsF is a very strong acid, which it is. The anion HSO4™ is a considerably weaker acid than HSOsF, for the same
reason that it is a considerably weaker acid than H,SOy. Since HSO,™ is not completely deprotonated in water, it is
a weaker acid than H;0", which is the sirongest possible acidic species in water. Finally, it is difficult to place
exactly Si(OH), in this group. It is certainly more acidic than NH; and CH,GeHs, and it turns out to be Jess acidic
than HSQ,, despite the negative charge of the latter species. Therefore, a list of these species in order of
increasing acidity is NH; < CH3GeH; < HySiQ; < HSOy < H;0™ < HSOsF.

Although Na™ and Ag’ ions have about the same ionic radius, Ag'—OH, bonds are much more covalent than Na'-
OH; bonds, a common feature of the chemistry of d-block vs. s-block metal ions. The greater covalence of the
Ag'~OH, bonds has the effect of delocalizing the positive charge of the cation over the whole aqua complex. As a
consequence, the departing proton is repelled more by the positive charge of Ag (aq) than by the positive charge
of Na'(aq), and the Ag” ion is the stronger acid.

To get to the general rule, the best guide is to analyse one specific case of bridge formation/water elimination, for
example

2[ANOH,) " + H.0 — [(H0)sA1-0-AI(OH,)s]* + 2H;07

The charge per aluminum atom is +3 for the mononuclear species on the lefi-hand side of the equation, but only
+2 for the dinuclear species on the right-hand side. Thus, polycation formation reduces the overall positive charge
of the species by +1 per M. _l
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(a) H;PO, and Na,HPO,: H;PO, is a polyprotic acid and Na,HPO, is its acidic salt. Considering that for a
polyprotic acid, the X, is the highest, H;PO, will be more acidic and HPO," is going to behave like a base:

H3PO4aq) + HPO, (aq) === 2H,POs7(aq)

(b) CO, and CaCO;? Similarly to the case above. Keep in mind that CO- in aqueous medium partially reacts with
H,O to produce acid H,CO;. The overall equation can be written as follows:

COs(ag) + CaCOx(s) + H,O(l) === Ca®(aq) + 2HCO;"

HF behaves like an acid in anhydrous sulfuric acid, so it must increase the concentration of H;SO,4" ions. The
equation is:

H,SO4+ HF <—= H;SO4 +F
HF behaves like a base in liquid ammonia because it decreases the concentration of NH,":

NH,”+HF === NH;+H,F"
As you go down a family in the periodic chart, the acidity of the homologous hydrogen compounds increases.
This is due primarily to the fact that the bond dissociation energy is smaller as you go down a family, due to

poorer orbital overlap. Since the H-X bond is weaker for H,Se, it will release protons more readily than H,S in a
given solvent.
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Lewis acids are electron pair acceptors. Looking at the trend for silicon halides we see that Lewis acidity increases
with increasing electronegativity and decreasing size of the halogen element—SiF, with the smallest and most
electronegative halide is the strongest Lewis acid while Sil; with the largest and least electronegative halide is the
weakest Lewis acid. Fluorine’s high electronegativity resuits in electron withdrawal from the central Si atom
making the Si very nucleophilic. This fact, combined with the small size of F atom (little steric hindrance at Si)
makes SiF, the strongest Lewis acid of the four,

The order of Lewis acidity for boron halides is inverse to that expected—BI; is the strongest and BF; is
the weakest Lewis acid. This is because additional electronic effects play an important role. Using VB theory, BF;
is stabilized by resonance (see Section 2.2 Resonance) with three resonance hybrids having a double (B = F) bond.
This = interaction stabilises a planar geometry at the B atom, and the B 2p orbital is less available for formation of
a Lewis adduct. The stabilisation of planar BF; can also be explained with a molecular orbital diagram. As we go
down the halogen group, the atoms become larger and the n interaction decreases, with Lewis acidity of boron
halides increasing in the same order. See also Section 4.7(b) Group 13 Lewis acids in the textbook.

(a) SO; + H,0 — HSO, + H": The acids in this reaction are the Lewis acids SO; and H™ and the base is the
Lewis base OH ™. The complex (or adduct) HSO,™ is formed by the displacement of the proton from the hydroxide
1on by the stronger Lewis acid SO;. In this way, the water molecule is thought of as a Lewis adduct formed from
H™ and OH". Even though this fact is not explicitly shown in the reaction, the water molecule exhibits Bransted
acidity (not only Lewis basicity). Note that it is easy to tell that this is a displacement reaction instead of just a
complex formation reaction because, while there is only one base in the reaction, there are swo acids. A complex
formation reaction only occurs with a single acid and a single base. A double displacement, or metathesis, reaction
only occurs with two acids and two bases.

(b) Me|B;;]” + Hg™ — [Bs] + MeHg": (This is a displacement reaction. The Lewis acid Hg® displaces the
Lewis acid [B);] from the Lewis base CHj".

(¢) KC1 + SnCl; - K* + [SnCl;]:  This is also a displacement reaction. The Lewis acid SnCl, displaces the
Lewis acid K” from the Lewis base CI".

(d) AsF;(g) + SbFs(g) > [AsF.][SbFs): Even though this reaction is the formation of an ionic substance, it is
not simply a complex formation reaction. It is a displacement reaction. The very strong Lewis acid SbFs (one of
the strongest known) displaces the Lewis acid [AsF,]" from the Lewis base F.

(e) EtOH readily dissolves in pyridine: A Lewis acid—base complex formation reaction between EtOH (the
acid) and py (the base) produces the adduct EtOH-py, which is held together by a hydrogen bond.

(a) Strongest Lewis acid: BF;, BCl;, or BBry: The simple argument that more electronegative substituents lead
to a stronger Lewis acid does not work in this case (see Section 4.10(b) Group 13 Lewis acids). Boron tribromide
is observed to be the strongest Lewis acid of these three compounds. The shorter boron-halogen bond distances in
BF; and BCl; than in BBr; are believed to lead to stronger halogen-to-boron p—p 7 bonding. According to this
explanation, the acceptor orbital (empty p orbital) on boron is involved to a greater extent in n bonding in BF; and
BCl; than in BBr;; the acidities of BF; and BCl, are diminished relative to BBry.

BeCl, or BCly:  Boron trichloride is expected to be the stronger Lewis acid because the oxidation number of
boron in BCl; is +3, whereas for the beryllium atom in BeCl, it is only +2. The second reason has to do with
structure. The boron atom in BCl, is three-coordinate, leaving a vacant site to which a Lewis base can coordinate.
On the other hand, BeCl, is polymeric, each beryllium atom is four-coordinate, and some Be—Cl bonds must be
broken before adduct formation can take place.

A piece of the infinite linear chain structure of BeCl,. Each Be atom is four-coordinate (tetrahedral), and each Cl
atom is two-coordinate. The polymeric chains are formed by extending this piece to the right and to the left:

B{(n-Bu); or B(+-Bu);: The Lewis acid with the unbranched substituents, B(z-Bu);, is the stronger of the two
because, once the complex is formed, steric repulsions between the substituents and the Lewis base will be less
than with the bulky, branched substituents in B(+-Bu)s.
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(b) More basic toward BMe;: NMe; or NEt;: These two bases have nearly equal basicities toward the proton
in aqueous solution or in the gas phase. Steric repulsions between the substituents on the bases and the proton are
negligible because the proton is very small. However, steric repulsions between the substituents on the bases and
molecular Lewis acids like BMe; are an important factor in complex stability, and so the smaller Lewis base NMe;
is the stronger in this case.

2-Me-py or 4-Me-py: As above, steric factors influence complex formation of two bases that have nearly equal
Brensted basicities. Therefore, 4-Me-py is the stronger base toward BMe; because the methyl substituent in this
base cannot affect the strength of the B-N bond by steric repulsions with the methyl substituents on the Lewis
acid.

(a) R;P-BBr; + R;N-BF; = R;P-BF; + R;N-BBr;: You know that phosphines are softer bases than amines
(see Table 4.4). So, to determine the position of this equilibrium, you must decide which Lewis acid is softer
because the softer acid will preferentially form a complex with a soft base rather than with a hard base of equal
strength. Boron tribromide is a softer Lewis acid than BF;, a consequence of the relative hardness and softness of
the respective halogen substituents. Therefore, the equilibrium position for this reaction will lie to the left, the side
with the soft-soft and hard—hard complexes, so the equilibrium constant is less than 1. In general, it is found that
soft substituents {or ligands) lead to a softer Lewis acid than for the same central element with harder substituents.
(b) SO; + Phy,P-HOCMe; —— PhP-80, + HOCMejs: In this reaction, the soft Lewis acid sulfur dioxide
displaces the hard acid z-butyl alcohol from the soft base triphenylphosphine. The soft-soft complex is favored, so
the equilibrium constant is greater than 1.

The adduct formed between triphenylphosphine and sulfur dioxide:

Ph

et P—5
Ph / vo
Ph O

{¢) CH;Hgl + HCl =—= CH3HgCl + HI: lodide is a softer base than chloride, an example of the general trend
that elements later in a group are softer than their progenors. The soft acid CH3Hg™ will form a stronger complex
with iodide than with chloride, whereas the hard acid H® will prefer chloride, the harder base. Thus, the
equilibrium constant is less than 1.

(d) [AgCL](aq) + 2 CN(aq) = [Ag (CN)]J(aq) + 2CI'(aq): Cyanide is a softer and generally stronger
base than chloride. Therefore, cyanide will displace the relatively harder base from the soft Lewis acid Ag”. The
equilibrium constant is greater than 1.

(a) The reaction is CsF + BrF; — Cs" + BrF,; in this case F~ is a Lewis base whereas BrF; is a Lewis acid.

(b) The reaction is CIF; + SbFs ~ CIF," + SbFs"; again F~ is a Lewis base, whereas SbF; is Lewis acid.

() The reaction is B(OH); + H,O — [B(OH);(H,0)] — [B(OH),]~ + H"; the Lewis acid in this reaction is
B{OH),, whereas the Lewis base is H,O. Note that Lewis acid-base complex [B(OH);(H,0)] behaves as a
Bransted acid in agueous solution.

(d) The reaction is B-H¢ -+ 2PMe; — 2[BH;(PMe;)]; the base is PMe; and the acid is B,l;.

As you add methyl groups to the nitrogen, the nitrogen becomes more basic due to the inductive effect (electron
donating ability) of the methyl groups. So the trend NH;<NH,(CH;)<NH{CH,), makes sense, but when you put
three methyl groups around nitrogen, sterics come into play. Trimethylamine is sterically large enough to fall out
of line with the given enthalpies of reaction.

(a) Acetone and DMSO: Since both £ and Cy are larger for DMSO than for acetone {see Table 4.5), DMSO is
the stronger base regardless of how hard or how soft is the Lewis acid. The ambiguity for DMSO is that both the
oxygen atom and sulfur atom are potential basic sites.

(b) Me,S and DMSO: Dimethylsulfide has a Cp value that is two-and-a-half times larger than that for DMSQ,
whereas its Eg value is only one-quarter that for DMSO. Thus, depending on the £, and C, values for the Lewis
acid, either base could be stronger. For example, DMSQ is the stronger base toward BF;, while SMe, is the
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stronger base toward I,. This can be predicted by calculating the AH of complex formation for all four
combinations:
DMSO-BF;: AH =-{(20.21)(2.76) + (3.31)(5.83)] = -75.1 k) mol™
SMe,-BFs: AH = —[(20.21)(0.702) + (3.31)(15.26)] = —64.7 kJ mol™
DMSO-1;: AH =—{(2.05)(2.76) + (2.05)(5.83)] = -17.6 kJ mol”

SMey-Ip: AH =—[(2.05)( 0.702) + (2.05)(15.26)] = —32.7 kJ mol™

F
- IB CH:&“/.S\
CHaed N CHy I
The stable complex of The stable compiex of
DMSQ and boron trifluoride dimethy! suifide and I,

E4.29 The metathesis of two hard acids with two hard bases occurs as equilibrium is established between solid, insoluble
Si0;,, and soluble H,SiFg:

SiQ, + 6HF =—= 2H,O + H,SiFg

Si0, + 4HF == 2H,0 + SiF,

This is both a Brensted acid-base reaction and a Lewis acid-base reaction. The Bronsted reaction involves the
transfer of protons from HF molecules to O ions, whereas the Lewis reaction involves complex formation
between Si(IV) centre and F~ ions.

E4.30 The foul odour of damp Al,S; suggests that a volatile compound is formed when this compound comes in contact
with water. The only volatile species that could be present, other than odourless water, is H,S, which has the
characteristic odour of rotten eggs. Thus, an equilibrium is established between two hard acids, AKIII) and H', and
the bases O*" and §*;

Ale3 + 3H20 —_— A1203 + 3st

E4.31 (a) Favour dispilacement of CI' by I" from an acid centre: Since in this case you have no control over the
hardness or softness of the acid centre, you must do something else that will favour the acid—iodide complex over
the acid-chloride complex. If you choose a solvent that decreases the activity of chloride relative to iodide, you can
shift the following equilibrium to the right:

acid-ClI' + I == acid-I" + CI

Such a solvent should interact more strongly with chloride (i.e., form an adduct with chloride) than with iodide.
Thus, the ideal solvent properties in this case would be weak, hard, and acidic. It is important that the solvent be a
weak acid because otherwise the activity of both halides would be rendered negligible. An exampie of a suitable
solvent is anhydrous HF. Another suitable solvent is H,O.

{b) Favour basicity of R;As over R;N: In this case you wish to enhance the basicity of the soft base
trialkylarsine relative to the hard base trialkylamine. You can decrease the activity of the amine if the solvent is a
hard acid because the solvent-amine complex would then be less prone to dissociate than the solvent-arsine
complex. Alcohols such as methanol or ethamol would be suijtable.
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The Lewis acid-base complex of a trialkylamine (a hard base) and an alcohol (a hard acid) is shown below.

R R
~ /
. ,/N H-O

R
(¢) Favour acidity of Ag* over AP":  If you review the answers to parts (a) and (b) of this exercise, a pattern will
emerge. In both cases, a hard acid solvent was required to favour the reactivity of a soft base. In this part of the
exercise, you want to favour the acidity of a soft acid, so logically a solvent that is a hard base is suitable, Such a
solvent will “tie up” (i.e., decrease the activity of) the hard acid A* relative to the soft acid Ag”. An example of a
suitable solvent is diethyl ether. Another suitable solvent is H,O.
(d) Promote the reaction 2FeCl; + ZnCl, ->Zn** + 2[FeCLj": Since Zn™ is a softer acid than Fe**, a solvent
that promotes this reaction will be a sofier base than CI™. The solvent will then displace CI” from the Lewis acid
Zn%, forming [Zn(solv),)*". The solvent must also have an appreciable dielectric constant because ionic species
are formed in this reaction. A suitable solvent is acetonitrile, MeCN.

The mechanism described in Section 4.7(b) Group 13 Lewis acids involves the abstraction of CI” from CH;COCI
by AICI; to form AICI, and the Lewis acid CH;CO™ (an acylium cation). This cation then attacks benzene to form
the acylated aromatic product. An alumina surface, such as the partially dehydroxylated one shown below, would
also provide Lewis acidic sites that could abstract CI™:

[I{ H fil CH,CO* f]l
O O O O o ¢ o
CHLOC
\? \]/ \? \l ?\l/ : \A l/ \A l/ \A l/
\ \
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Mercury(II), Hg”, is a soft Lewis acid, and so is found in nature only combined with soft Lewis bases, the most
common of which is §*". Sulfide can readily and permanently abstract Hg* from its complexes with harder bases
in ore-forming geological reaction mixtures. Zinc(II), which exhibits borderline behaviour, is harder and forms
stable compounds (i.e., complexes) with hard bases such as 0>, CO;, and silicates, as well as with S*. The
particular ore that is formed with Zn** depends on factors including the relative concentrations of the competing
bases.

(2) CH,CH,0H in liquid HF: Ethanol is a weaker acid than H,O but a stronger base than H,0, due to the
electron donating property of the —-C»H; group. The balanced equation is:

CH;CH,OH — HF =—= CH;CH,OH,” + F~
(b) NH;in liquid HF: The equation is
NH; + HF == NH," +F"
() CsHsCOOH in liquid HF: In this case, benzoic acid is a significantly stronger acid than water. Therefore, it
will protonate hydrogen fluoride:
C¢H;COOH + HF =—= C¢HsCOO™ + H,F’
The dissolution of silicates in HF is both a Bronsted acid-base reaction and a Lewis acid—base reaction. The

reaction involves proton transfers from HF to the silicate oxygen atoms (a Brensted reaction), and the formation of
complexes such as SiF¢> from the Lewis acid Si** and the Lewis base F~ (a Lewis reaction).
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Since the trivalent lanthanides and actinides (f-block elements) are found as complexes with hard oxygen bases
(1.e., silicates) and not with soft bases such as sulfide, they must be hard. Since they are found exclusively as
silicates, they must be considered very hard, unlike the borderline behaviour of Zn(Il) (see Exercise 4.33 as well).

From Table 4.5 we find £ =2.05 and C = 2.05 for I, and £ = 8.86 and C = 0.09 for phenol. The Drago-Wayland
equation gives:

AHT="[EEp + CaCp

AHT = -20.0kJ/mol

Indicating an exothermic reaction for the formation of an L—phenol adduct.

As the number of methyl groups bonded to nitrogen atom increases, the basicity of amines increases because
methyl groups are good electron donors. Each additional methyl group pushes more electron density onto the
nitrogen atom making its lone electron pair more basic. The steric influence of ~CHj; groups is relatively small,
particularly when considering attachment of the small proton.

When looking at the basic properties of these amines in aqueous solution we have to consider solvation effects as
well because they play a crucial role in stability of these cations in water. The Born equation (equation 4.9) shows
that solvation energy is inversely proportional to the radius of the cations. This means that the lowest solvation
energy is going to be observed for the largest cation of the group, that is (CH;);NH", and the highest value for the
ammonium cation (the smallest of the four).

Since Si{OH), is a weaker acid than H,CO;, HCO; can replace Si(OH), from its salts; that is, it can protonate the
conjugate base of Si(OH),. The following two equilibria in the system COa(g)/COx(aq) are important for this
exercise:

COx(g) == COx(aq) 48]
COy(aq) + H,O(l) ==H,COx(aq) )

The HyCOs(aq) that is formed reacts with solid silicate M,SiO, causing the silicate to dissolve according to
equation (3) (one of several possible reactions):

M;Si04(s) + 4H,COs(aq) === 2M?*" + Si(OH)4(aq) + 4HCO; (aq) (3)

Equilibrium (3) is going to consume H,COj;(aq) present in the aqueous solution. This decrease in H,COs(aq)
concentration will perturb the equilibrium given by (2). According to Le Chatelier’s principle, reaction (2) has to
shift to the right—more CO»(aq) has to react with water to produce HyCO; in order to re-establish the equilibrium
conditions. Since reaction (2) has been shifted io the right, so must reaction (1) be shifted to the right as well—the
consumption of CO,(aq) in (2) disturbs the equilibrium (1) and more CO,(g) has to dissolve in water to produce
CO,(aq). Overall, the more silicate M,SiO; reacts with H;COs(aq), the less CO,(g) will be present.

(a) The chemical equation is:
Fe*(aq) + 6H,O(I) === Fe(OH);(s) + 3H,0" ()

Where Fe**(aq) stands for Fe(H,0)"".

(b) The molecular weight of Fe(NO); * 9H,O is 404 g mol™. We have started with 6.6 kg of this iron sait or
6.6x 103g /(404 g mol™) = 16.3 mol, and when dissolved in 100 dm’ of water the concentration of Fe*', prior to
precipitation, is (16.3 mol)/ (100 L) = 0.163 mol L™'. The equation given, [Fe’*[/[H;0"]’ = 10 is an equilibrium
constant for the inverse of reaction (1), and [H;O*]3/[Fe3"] = 107 is the equilibrium constant for (1) as written
above. If we start from x mol of Fe’* we should get 3x mol of H;O". So, we can set up the equation with
equilibrium concentrations as:

3 0.163 - x)=107"
27x° +107'x — 0.163x107 =0
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The only real root of the above equation is 0.0083. This gives [H;0"] = 3x = 3 x 0.0083 M = 0.0249 M and pH of
—log(0.0249) = 1.6. The equilibrium concentration of [Fe**] is 0.163 — x = 0.163 — 0.0083 = 0.1547 M. The Fe**-
containing species that have been neglected in this calculation are F e:(OH)3+ (or [F e(HEO)s(OH)]2+) and Fe(OH),"
(or [Fe(H,0)s(OH)},").

The trend in symmetrical M—O stretching vibration frequencies relates very well with the acidities of these aqua
acids. The frequencies increase in the order Ca®" < Mn?" < Zn®", the same order that the M-O bond strength
increases. This is a reasonable observation because in the same order the radii of M cations are decreasing and
charge density is increasing. With increasing charge density the attraction between M>* cation and partially
negative O atom in H,O is increasing. For the same reason, the acidity of these aqua acids is increasing showing
that two trends correlate closely.

The solvent acetonitrite, CH;CN, is a Lewis base because it has a lone electron pair on the nitrogen atom. On the
other hand, AICl; is a typical Lewis acid of & Group 13 element. This means that the two can react in a Lewis
acid-base reaction forming adducts, for exampie AICI;(NCCH;);. Considering it is also a polar solvent, CH;CN
can stabilize ions, suggesting that partial iomization of solvated AICly; can take place producing the ions
[AICI;(NCCH;)s]" and CI(sol). It is further possible that solvated CI” behaves like a Lewis base toward
undissociated AICL;(NCCHj)s, replacing CH;CN to produce the anion [AICL(NCCH,),]". These ions are
responsible for solution conductivity.

Equation {b) is better in explaining the observations described in the exercise. Most notably it contains the Lewis
acid-base adduct [FeCl{OPCl;),]” in which OPCl; is a Lewis base and coordinates via its O atom, consistent with
vibrational data. It also has the Fe,Clg/[FeCl] " (i.e., red/yellow) equilibrium. The titration would have io start in
either case from a concentrated {red) solution, and the equivalence point at 1 : 1 mole ratio FeCly/Et,NC! can be
explained based on the reaction:

Fe,Clg + 2EtyNCl =—=2[FeCl ] + 2Et,N"

The elements mentioned in the exercise are marked on the periodic table shown below: light shaded squares are
those that are considered amphoteric in the S*/HS™ system; dark shaded squares correspond to the elements that
are considered less acidic. The borderline between the two is not as clear as is the case with oxides (Figure 4.5). It
is possible, however, to note that the boundary has been shified to the left and toward the bottom of the periodic
table. It is in this region that we find soft Lewis acids (large cations with relatively low charge). Thus, this
borderline does agree with describing S* as a softer base than O,
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The first step in the reaction catalyzed by ClI” ions is formation of *SO,CI™ (where *S is the radioactively labelled

sulfur atom):
*S0, + CI” === *SO,CI"

In this reaction SO, is a Lewis acid (see Section 4.7(e) Group 16 Lewis acids), whereas the catalyst, CI', is a
Lewis base. The next step involves reaction between *SO,Cl™ and SOCI, in which oxygen and chlorine atoms are

exchanged:
*SO,CI™ + SOCl, === *S0Cl, + SO,CI”

Finally, newly formed, unlabelled SO,C!” dissociates to release the catalyst and SO,:
SO,CI" =80, +CI"
The first step in the reaction catalysed by SbCl; is formation of *SOCI,SbCl; adduct:
*SOCI, + SbCls = *SOCl,'SbCls

In this reaction SbCls behaves as a Lewis acid (see Section 4.7(d) Group 15 Lewis acids), whereas *SOCl, is a
Lewis base. The adduct reacts with SO, and the chlorides and oxygen atoms are exchanged:

*SOClySbCls =—= SOClySbCl; + *SO,
Finally, SOCLySbCls dissociates to liberate the catalyst:
SOCI;'SbCls =—=S0Cl, + SbCl;

The reasons for the difference in stability are steric. Sulfur has the same oxidation state in SO; and SFg, but the
differences in molecular geometry are significant. SO; has a trigonal planar structure with sulfor atom at the
centre. This structure makes the S atom easily accessible for bonding with pyridine. On the other hand, SF has
octahedral geometry with sulfur atom “hidden” inside, making it inaccessible for the lone electron pair on
pyridine’s nitrogen atom. SF, has a see-saw molecular geometry in which S atom is rather accessible for bonding
with pyridine.

(a) The equilibrium constant for this reaction should be less than 1. This is because the reactants are more stable
than the products according to the HSAB theory. According to this theory, hard acids like to bind to hard bases
and soft acids like to bind soft bases (see Section 4.9(a) and Table 4.4). Cd* is a soft Lewis acid, whereas Ca®* is a
hard Lewis acid. That means Cd”* is going to prefer the soft base I” over the hard base, F~. The opposite holds for
Ca*"—it is going to preferably bind to F~ over I". Thus, the reactants are more stable than the products, and the
equilibrium constant is lower than 1.

(b) This problem is also solved by looking at the HSAB theory. The reaction involves Cu” and Cu** Lewis acids
and " and CI” Lewis bases. Cu” as a soft Lewis acid is going to prefer soft base I” over harder base CI', thus it will
be more stable as [Cul,}*” (product) than as [CuCl,]*" (reactant), Similarly, Cu® of intermediate hardness is going
to bond preferably to C1” making the [CuCl;]*" (product) more stable than the [Cul,]*~ (reactant). Overall, in this
case, the products are expected to be more stable than reactants, and the equilibrium constant should be greater
than [.

(c) This reaction is analysed as a Bransted acid-base reaction because it involves proton transfer from H,O to
NH,". In this case the equilibrium constant is also greater than ! because we have a very strong base, NH;™ a
conjugate base of NHj as acid, in water.

In al] cases we have salts of strong acids, HCIO4 in (a) and HNO; in (b), in identical contentrations (0.1 M), thus

any change in pH from neutral is due to the aqua acids of metal cations. The exercise then reduces to analysis of

which cation gives the more acidic solution. Consult Example and Self-Test 4.4 as well as Section 4.2 if you had

problems with this exercise.

(a) Fe(ClO,); solution will have a lower pH value than Fe(ClQ,), solution because Fe®* has both higher charge
and smaller ionic radius (i.e., higher charge density) than Fe®*,
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(b) Mg(NOs); will have lower pH than Ca(NO,), solution because Mg™* has a smaller radius and consequently
higher charge density than Ca™".

(¢) Zn(NO;), will have lower pH than Hg(NO,), solution because Zn®* has a smaller radius and consequently
higher charge density than Hg’".

In general, cations such as I,” and Seg”* should behave like good Lewis acids. As a consequence, these cations
should react (even) with a weakly basic solvent and will be lost. Hence, they can survive and be studied only in
strongly acidic solvents that do not react with them. The same reasoning applies to anions such as S,>~ and Pbe*,
which are good Lewis bases and can be stabilised by strongly basic solvents because they would react with acidic
ones.

Sharp titration end points are obtained when a strong acid is titrated with a strong base, and vice versa. Regardless
which strong acid and strong base are used, the overall titration reaction is the same:

H'(aq) + OH'(aq) == HO())

That is, the strongest acid in water is neutralised with the strongest base that can exist in water. In any other
titration case, the end point is not easily detected. In the case of titration of a weak base with a strong acid we have
to find a solvent other than water in which a weak base is going to behave as strong one and give us a sharp and
easy to detect end point. To achieve this, we have to find solvent more acidic than water, which can be acetic acid.

Guidelines for Selected Tutorial Problems

T4.5

Start from Section 4.14 Superacids and superbases which covers “classical” examples of superbases, nitrides, and
hydrides of s-block elements. However, there are several groups of superbases that youn can look at. For example,
amides (diisopropylamide related) are commonly used superbases. More modern are phosphazene bases which are
neutral rather bulky compounds containing phosphorus and nitrogen. An interesting topic is a “proton sponge™ (or
Alder’s base) and its derivatives as well as several theoretical and practical approaches used in rational design of
superbases.
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Following the procedure outlined in Example 5.1, we find the following two half-reactions:

MnOy (aq) + 8 H (aq) + 5¢- — Mn*'(aq) + 4 H.O(l) reduction
Zn(s) — Zn**(aq) + 2¢ oxidation

The reduction half-reaction requires five electrons whereas the oxidation half-reaction requires two electrons;
therefore we must balance electrons so that an equal number of electrons are required in both reactions. The
reduction reaction must be multiplied by 2 and the oxidation reaction by 5 to give 10 electrons in each case:

2MnO, (aq) + 16 H (aq) + 10 e — 2 Mn™(aq) + 8 HO()) reduction
57Zn(s) — 5Zn**(aq) + 10 ¢ oxidation

Surnming two half-reactions and cancelling 10e™ found on both the left and right sides of the equation, we obtain
the full reaction:

2 MnO, (aq) + 5Zn(s) + 16 H'(aq) — 5 Zn*"(aq) + 2 Mn**(aq) + 8 H,O(l)

No, copper metal is not expected to react with dilute HC! because the £° for the reaction Cuz*(aq) +2e - Cu(s),
E°(Cu™,Cu) =+0.34 V is positive. The oxidation of Cu metal in HCI, Cu(s) + 2 H'(aq) — Cu**(aq) + Hy(g), is not
favoured thermodynamically because the cell potential for the reaction is negative (-0.34 V), resulting in a
positive AG.

The standard reduction potential for the Cr.0;”/Cr'” couple is +1.38 V, so it can oxidize any couple whose
reduction potential is less than +1.38 V. Since the reduction potential for the Fe’*/Fe?* couple (+0.77 V) is less
positive than Cr,0,*/Cr’" reduction potential, Fe® will be oxidized to Fe** by dichromate. The reduction potential
for the Clo/Cl™ couple (+1.36 V) is slightly less positive than that of the Cr;O,/Cr** couple , so a side reaction
with CI” should be expected.

The potential difference of the cell from Example 5.45 was calculated to be +1.23 V. To calculate the potential
difference under non-standard conditions we start with the Nernst equation given by the formula:

g~/

cell _v F
e

In Q, where Q is the reaction quotient,

For the fuel-cell reaction, Oa(g) + 2Hx(g) — 2 H,O(1), the reaction quotient is:

]
Q=—"""
P(Oy)p(H»)

Recalling that v is the number of electrons exchanged, we have:
Eoar = E° —[(0.059 V)/4][log(145.0)%)]
=+]23V+002V=+125V

Therefore, the new potential difference for the fuel cell is +1.25 V.

61
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The complete coupled reaction for oxidation of SO5(aq) by atmospheric oxygen is given below:
280;(aq) + O2(g) + 2 HO(l) » 2 SO (aq) + 4 H' (ag)

Since the standard reduction potential for the SO,*/SO, couple is +0.16 V and the standard reduction potential for
the O,/H,O couple is +1.23 V then the potential difference for the equation above is £°=+123 V - 0.16 V =
+1.07 V. Since this potential is large and positive, the Gibbs energy of this reaction is negative (reaction is hence
spontaneous) and will be driven nearly to completion (K > 1). Thus, the expected thermodynamic fate of SO, is its
conversion to suifate (or neuiral sulfuric acid vapour). This aqueous solution of SO,% and H" ions precipitates as
acid rain, which can have a pH as low as 2 (the pH of rain water that is not contaminated with sulfuric or nitric

acid is ~5.6).

The disproportionation of Fe?* involves the reduction of one equivalent of Fe** to Fe’, a net gain of two
equivalents of electrons, and the concomitant oxidation of two equivalents to Fe** to Fe¥*, a net loss of two
equivalents of electrons:

3 Fe** (aq) - Fe®(s) + 2Fe* (aq)

The value of E.y for this reaction can be calculated by subtracting £° for the Fe?'/Fe couple (-0.44 V) from E° for

the Fe**/Fe’* couple (+0.77 V),
E=-044-077V=-121V

This potential is large and negative, resulting in a positive AG (non-spontaneous reaction), so the
disproportionation will #of occur.

Compared to the aqua redox couple of +0.25 V, the given value is higher by +1.01 V and we conclude that bpy
binds preferentially to Ru(II).

Using Equation 5.12b from your textbook, we obtain

E°(M) — E°(ML) = (0.059V)xlog(K°/K™%)
E°(Ru**(aq)) - E°([Ru(bpy)s]**) = +0.25V — (+1.26V) =—1.01V
—1.01V = (0.059V)xlog(K**/K™%)

1.01V K= K
= =-17.11log—— = 17.11log——
0.059V OBgmd = T

Thus, the binding of three bpy ligands to Ru(IIl) is about 17 orders of magnitude decreased relative to binding to
Ru(li).

We need to consider a theromodynamic cycle that links the solubility product under the experimental condition of
CI” concentration (here simplified, since [C17] = 1.0 mol dm™). For the thermodynamic cycle AG = 0, so we
obtain EAgCI.’Ag = RTIn Ksp + EAg+/Ag =-0.577V+080V=+0223 V.

(a) Pu(IV) disproportionates to Pu(Ill) and Pu(V) in aqueous solution because Pu(IV) is a stronger oxidant in
acidic solution compared to Pu(V).
() Pu(V) does not disproportionate into Pu(VI) and Pu(IV).

See the figure below. This plot was made using the potentials given, NE° = 0 V for TI° (N = 0), NE® = —0.34 V for
TI" (N =1), and NE° =2.19 V for TP* (# = 3). Note that TI" is stable with respect to disproportionation in aqueous
acid. Note also that TI** is a strong oxidant (i.e., it is very readily reduced) because the slope of the line connecting
it with either lower oxidation state is large and positive.
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When permanganate, MnOy”, ts used as an oxidant in aqueous solution, the manganese species that will remain is
the most stable manganese species under the conditions of the reaction (i.e., acidic or basic). Inspection of the
Frost diagram for manganese, shown in Figure 5.10, shows that Mn®*(aq) is the most stable species present
because it has the most negative A«G. Therefore, Mn®*(ag) will be the final product of the redox reaction when
MnOy™ is used as an oxidizing agent in aqueous actd.

For kinetic reasons, the reduction of nitrate ion usually proceeds to NO, instead of proceeding to N,O or all the
way to N,. That means that our redox couple is NO;/NO and we have to compare the slope of the line connecting
the NO;™ and NO points for both acidic and basic solution. If you compare the portion of the Frost diagram for
nitrogen, shown below, containing the NO; /NO couple in acidic and in basic solution, you see that the slope for
the couple in acidic solution is positive while the slope for basic solution is negative. Therefore, nitrate is a
stronger oxidizing agent {i.e., it is more readily reduced) in acidic solution than in basic solution. Even if the
reduction of NO;™ proceeded all the way to N,, the slope of that line is still less than the slope of the line for the
NO;7/NO couple in acid solution.
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A portion of the Frost diagram for nitrogen is shown in the figure above. The points connected with the bold lines
are for basic solution, and the other points are for acid solution.

Aceording to Figure 5.12, a typical waterlogged soil (rich in organic material but oxygen depleted) has an average
pH of about 4 and an average potential of about -0.1 V. If you find this point on the Pourbaix diagram for
naturally occurring iron species, shown on Figure 5.11, you see that Fe(OH); is not stable and Fe*(aq) will be the
predominant species. In fact, as long as the potential remained at 0.1 V, Fe** remains the predominant species
below pH = 8. Above pH =8, Fe*" is oxidized to Fe,O; at this potential.

According to the Ellingham diagram shown in Figure 5.16, at about 2000°C the line (a) for the reducing agent
(C/CO) dips below the MgO line, which means that at that temperature the reactions 2Mg(1) + O, (g) - 2MgO(s)
and 2C(s) + O, (g) > 2CO(g) have the same free-energy change. Thus, coupling the two reactions (i.e.,
subtracting the first from the second) yields the overall reaction MgO(s) + C(s) - Mg(1) + CO(g) with AG = 0. At
2000°C or above, MgO can be conveniently reduced to Mg by carbon.

End-of-Chapter Exercises

Esa

Oxidation numbers for each element in each species are given below the element’s symbol:

2 NO(g) + O:(g) — 2 NO«(g)
(+2)(-2) W) (+4)(-2)
2Mn*(aq) + 2H,0 — MnO, Mn®  + 4H (aq)
(+3) (+1)(-2) (+4)(-2) ¢+2) Q)
LiCoO(s) + Cs) — LiC(s) CoO4(s)
(+1) (+3}(-2) 0) (+1X-1) 42
Cafs) + Hyg) — CaHa(s)
{0 o 2 (-
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(a) Oxidation of HC\ to Cl;: Assume that all of these transformations are occurring in acid selution (pH 0).
Referring to Resource Section 3, you will find from the Group 17 Latimer diagrams, that the reduction potential
for the Cl/CI” couple is +1.358 V. To oxidize CI” to Cl,, you need a couple with a reduction potential more
positive than 1.358 V, because then the net potential will be positive and AG will be negative. Examples include
the $,0577/S0,> couple (E° = +1.96 V), the H,0./H,0 couple (E° = +1.763 V), the a—PbO,/Pb*" couple (E° =
+1.468 V), and MnO,/Mn** couple (E° = +1.51 V). Therefore, since the oxidized form of the couple will get
reduced by oxidizing C1”, you would want to use either $,057", H,05, a~PbO, or MnO;4~ to oxidize Ci™ to Cl,.

(b) Reducing Cr**{aq) to Cr**(aq): In this case, the reduction potential, found from the Latimer diagrams for the
Group 6 elements, is —0.424 V. Therefore, to have a net £° > 0, you need a couple with a reduction potential more
negative than —0.424 V. Examples include Mn**/Mn (E° = —-1.18 V), Zn>/Zn (£° = —0.7626 V), and NH;0H"/N,
(E° = -1.87 V). Remember that it is the reduced form of the couple that you want to use to reduce Cr** to Cr**, so
in this case you would choose metallic manganese, metallic zinc or NH;OH™.

(c) Reducing Ag*(aq) te Ag(s): The reduction potential is 0.799 V. As above, the reduced form of any couple
with a reduction potential less positive than 0.799 V will reduce Ag™ to silver metal. One possible example comes
from the same group: Cu®/Cu (+0.340 V).

(d) Reducing I, to I": The reduction potential is +0.535 V. As above, the reduced form of any couple with a
reduction potential less than +0.535 V will reduce iodine to iodide. One example is S/H,S with reduction potential
+0.144 V,

For all species given in the exercise, you must determine whether they can be oxidized by O,. The standard
potential for the reduction O, +4 H™ + 4 ¢” — 2 H,0 is +1.23 V. Therefore, only redox couples with a reduction
potential less positive than 1.23 V will be driven to completion to the oxidized member of the coupie by the
reduction of O, to H,0.

(2) Cr¥": Since the Cr/Cr** couple has £° =—0.424 V, Cr*" will be oxidized to Cr*' by O,. The balanced equation
is:

4Cr'"(ag) + Oxg) +4H'(aq) — 4Cr’*(aq) + 2H, () E=+165V

(b) Fe™": Since the Fe*'/Fe’* couple has E° = +0.771 V, Fe*" will be oxidized to Fe** by O,. The balanced equation
15:
4Fe?(aq) + Oa(g) +4H'(aq) — 4Fe’*(aq) + 2H,O(l) E°=+046V

(c) C1": Both of the following couples have E° values, shown in parentheses, more positive than 1.23 V, so there
will be no reaction when acidic CI” solution is aerated: ClOy /CI™ (+1.387 V); Cl/CI™ (+1.358 V). Therefore, CI' is
stable under these conditions and there is no reaction.

(d) HOCI: Since the HCIO,/HCIO couple has E° = +1.701 V, the cell potential for oxidation of HOC! by O, is
—-0.47 V (negative, unfavourable). Thus, HCIO will not be oxidized to HCIO, by O, and there is no reaction.

() Zn(s): Since the Zn*'/Zn couple has £° =—0.763 V, metallic zinc will be oxidized to Zn** by O,. The balanced
equation is:

2 Zn(s) + Oxg) +4H'(aq) = 2 Zn*'(aq) + 2Hx() E°=+199V
In this case, there is a competing reaction Zn(s) + 2 H'(aq) — Zn*"(aq) + Hi(g) (E°=+0.763 V).

When a chemical species is dissolved in aerated acidic aqueous solution, you need to think about four possible
redox reactions. These are: (i) the species might oxidize water to O, (ii) the species might reduce water
(hydronium ions) to H,, (iii} the species might be oxidized by O; and (iv) the species might undergo
diSproPortionation.

(a) Fe™: In the case of Fe**, the two couples of interest are Fe**/Fe** (E° = +0.77 V) and Fe*'/Fe (E° = -0.44 V).
Consider the four possible reactions (refer to Resource Section 3 for the potentials you need): (i) The O,/H,O
couple has E° = +1.23 V, so the oxidation of water would only occur if the Fe*'/Fe potential were greater than
+1.23 V. In other words, the net reaction below is not spontaneous because the net £° is less than zero:

2Fe* + 4¢ > 2FPe E°=-044V
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2H,0 — O, + 4H™ + 4¢” =123V

2Fe” + 2H,0— 2Fe +0, + 4H"  E°=-167V

Therefore, Fe** will not oxidize water. (i) The H,O/H, couple has £° = 0 V at pH = 0 (by definition), so the
reduction of water wouid only occur if the potential for the oxidation of Fe®* to Fe** was positive, and it is —0.77 V
(note that it is the reduction potential for the Fe**/Fe?* couple that is positive 0.77 V). Therefore, Fe** will not
reduce water. (iii} Since the O/H,O has E° = +1.23 V, the reduction of O; would occur as long as the potential for
the oxidation of Fe** to Fe’" was less negative than —1.23 V. Since it is only —0.77 V (see above), Fe** will reduce
0O; and in doing so will be oxidized to Fe*". (iv) The disproportionation of a chemical species will occur if it can
act as its own oxidizing agent and reducing agent, which will occur when the potential for reduction minus the
potential for oxidation is positive. For the Latimer diagram for iron in acidic solution (see Resource Section 3), the
difference (—0.44 V) — (+0.771 V) =~1.21 V, so disproporiionation will not occur.

(b) Ru®**: Consider the Ru’"/Ru*™ (E° = +0.25 V) and Ru**/Ru (£ = +0.80 V) couples. Since the Ru*'/Ru couple
has a potential that is less positive than 1.23 V, Ru®* will not oxidize water. Also, since the Ru**/Ru** couple has a
positive potential, Ru** will not reduce water. However, since the potential for the oxidation of Ru** to Ru**, -0.25
V, is less negative than —1.23 V, Ru** will reduce O, and in doing so will be oxidized to Ru*". Finally, since the
difference (<0.8 V) — (0.25 V) is positive, Ru** will disproportionate in aqueous acid to Ru®* and metallic
ruthenium. It is not possible to tell from the potentials whether the reduction of O, by Ru® or the
disproportionation of Ru*" will be the faster process,

(c) HC10;: Consider the C10;7HCIO, (£° = +1.181 V) and HCIO/HCIO (£° = +1.674 V) couples. Since the
HCIQ,/HCIO couple has a potential that is more positive than +1.23 V, HCIQ; will oxidize water. However, since
the C1O;/HCIO; couple has a positive potential, HCIQO- will not reduce water. Since the potential for the oxidation
of HCIO; to CI0O;7, ~1.181 V, is less negative than —1.23 V, HCIO; will reduce O; and in doing so will be oxidized
to ClO;y". Finally, since the difference (+1.674 V) — (1.181 V) is positive, HCIO, will disproportionate in aqueous
acid to ClO;” and HCIO. As above, it is not possible to tell from the potentials whether the reduction of O, by
HCIO; or the disproportionation of HCIO, will be the faster process.

(d) Bry: Consider the Br/Br™ (£° = +1.065 V) and HBrO/Br; (£° = +1.604 V) couples. Since the Br/Br~ couple
has a potential that is less positive than .23 V, Br, will not oxidize water. Also, since the HBrO/Br, couple has a
positive potential, Br, will not reduce water. Since the potential for the oxidation of Br, to HBrO, —1.604 V, is
more negative than —1.23 V, Br. will not reduce O,. Finally, since the difference (+1.065 V) — (1.604 V) is
negative, Br, will not disproportionate in aqueous acid to By~ and HBrO. In fact, the equilibrium constant for the
following reaction is 7.2 x 107°,

Bra(aq) + HO(l) =—= Bri(aq) + HBrO(aq) + H'(aq)

From Section 5.10 The influence of complexation we see that the reduction potential of the complex species ML,
E°(ML), is related to the reduction potential of the corresponding aqua ion M, E°(M), through the Equation 5.12a:

RT K%
In Kred

E°(ML) = E°(M) -

The equation shows that E°(ML) is influenced by the temperature in two ways: 1) the RT/v,F ratio and 2) the
values of the equilibrium constants K. The influence of RT/v,F is the same for both Ru and Fe complex and £°
(ML) values. Thus, the reason must be the equilibrium constant: the change in temperature has the opposite effect
on one or both X values for the two complexes. This is reflected in the variation of their respective reduction

potentials.
Balanced half-reactions and total reaction are provided below:

2 [MnOy (aq) + 8 H (ag) + Se~ — Mn®"(aq) + 4H,0 ()] reduction

S {H,0(l) + HaSOs(aq) — HSO;3 (ag) + 2¢ + 3H (aq)] oxidation
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2 MnO,~(aq) + 5 H.SOs(aq) + H'(aq) — 2 MnZ(aq) +SHSO,™ (aq) + 3H,0()

The potential decreases as the pll increases and the solution becomes more basic (See Section 5.6 for further
clarification).

The standard reduction potentials are equal to the potential difference measured against SHE:
M*'(aq) + 1/2Hx(g) — M**(aq) + H'(aq) AG =-VFE®

To determine the A,G for the above reaction we have to analyse its thermodynamic cycle. Recall that potentiai and
the Gibbs energy are related through equation 5.2: A,G = -vFE®. Recall also that for any process A,G = AH — TAS.
We are going to assume that for each M**/M?* couple A,G = A,H because TA,S is significantly smaller than A H.
The above redox reaction can be broken into reduction and oxidation reaction:

Reduction: M**(aq) + ¢~ — M**(aq) AgeaH
Oxidation: %4 Hy(g) — H'(aq) + &~ AoxH

From here we se see that AG = AH = AgesHl + Aoy H. Ao H equals +445 kJ mol™ (see Section 5.3 Trends in
standard potentials if you need to recall how this value is obrained) but we have to calculate Ag.4#f which can be
done by analyzing the following thermodynamic cycle for reduction reaction:

M (0) =z MU @ > MUy M @)
| .9 }

Agedt

From the cycle we can see that
ARedH = Ahyd}{(3 +) - 13 - A]INH(2+)

The table below contains the data for all steps of the cycle, estimated ArG from the cycle, and final £° values
calculated keeping in mind that for these reactions v = 1:

Redox couple cr/ct | Mn* M | Fe*Fe® | Co™/Co™ | Ni¥/Ni** | Cu™/Cu™
AnyH(3+) / k] mol™ 4563 4610 4429 4653 4740 4651
—1,/ kJ mol” —2987 -3249 -2957 -3232 —3392 —3554
~AnaH(2+) / kJ mol™ -1908 ~1851 -1950 -2010 2096 —2099
Ageald 1 KJ mol™ -332 -490 —478 -589 -748 —-1002
Ao H / kJ mol™ +445 +445 +445 +445 +445 +445
AH /K mol” 113 45 33 “144 303 557
Ec(=-AHIF)IV -1.17 0.47 0.34 1.49 3.14 5.77

Although the relative ordering of E® is correct, the quantitative agreement with experimental data is poor,
reflecting the fact that we ignored the contributions of entropy.

Recall that the Nernst equation is given by the formula: £ =£° — (RT/v.F)(InQ) where Q) is the reaction quotient.

(a) The reduction of 0,2 For the reduction of oxygen, Ox(g) + 4H'(aq} + 4¢” — 2H,0(1),



68 Part 1: Foundations

E5.10

0= | and £=E° ‘0'059Vloz———]____
poH'T 4 T po)HT

The potential in terms of pH would be:

o _0.0597 1 059V
E=E° - log +4=E°—0 log—— + 4 pH
4 POH"] 4 PO))

Therefore, the potential for O, reduction at pH = 7 and p(O;) = 0.20 bar is:

E=+123V-042V=+08lV

(b) The reduction of Fe,0;(s)? For the reduction of solid iron(IIl) oxide, Fe,Os(s) + 6H*(aq) + 6~ —» 2 Fe(s)
+ 3H,0(1), we have:
Q= 1/[H® and E=E° — (RTHvF)In(1/{H'1%

The potential in terms of pH is:

E = E° — (RT/vF)in(1/[H"]) = E° - (0.059 V/6)xlog([H'T®*) = E° - (0.059 V/6)x6pH = E° — 0.059VxpH.

(a) The Frost diagram for chlorine in basic solution is shown in Figure 5.18 (blue line). If the points for C1™ and
ClQO4 are connected by a straight line, Cl, lies above it. Therefore, Cl; is thermodynamically susceptible to
disproportionation to CI” and ClO, when it is dissolved in aqueous base. Note that if we would connect CI” with
other points of the diagram, Cl; would always lie above the line. This means that Cl, can disproportionate to CI”
and any other species containing Cl in a positive oxidation state. In practice, however, the disproportionation stops
at ClO™ because further oxidation is slow (i.e., a solution of Ci” and CIO™ is formed when Cl, is dissolved in
aqueous base).

(b) The Frost diagram for chlorine in acidic solution is shown in Figure 5.18 (red line). If the points for C1™ and
any positive oxidation state of chlorine are connected by a straight line, the point for Cl, lies below it (if only
slightty). Therefore, Cl; will not disproportionate. However, E° for the CL/CI™ couple, +1.36 V, is more positive
than E° for the O./H,0 couple, +1.23 V. Therefore, C is (at least thermodynamically) capable of oxidizing water
as follows, although the reaction is very slow:

Cly(aq) + H,O(l) — 2CI (aq) + 2H '(aq} + %Ox(g) E=+0.13V

(¢) The point for CIO;™ in acidic solution on the Frost diagram lies slightly above the single straight line
connecting the points for Cl, and ClO4 . Therefore, since ClO; is thermodynamically unstable with respect to
disproportionation in acidic solution (i.e., it showuld disproportionate), the failure of it to exhibit any observable
disproportionation must be due to a kinetic barrier.

{a) The only possibility worth considering in this case is disproportionation of N2O in a basic solution. The Frost
diagram for nitrogen in basic solution, showing some pertinent species, is shown below:
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Inspection of the diagram shows that N;O lies above the line connecting N, and NO;~. Therefore, N,O is
thermodynamically susceptible to disproportionation to N> and NOj;™ in basic solution:

5N;Ofaq) + 20HY(ag) — 2NO5(aq) + 4N:(g) + HO()

However, the redox reactions of nitrogen oxides and oxyanions are generaily siow.
{b) The overall reaction is:

Zn(s)+ L7 (aq) - Zn*(ag) + 3I7(aq)

Since £° values for the Zn*"/Zn and I;/1” couples are —0.76 V and +0.54 V, respectively (these potentials are given
in Resource Section 3, rounding to two decimal places), £° for the net reaction above is +0.54 V + 0.76 V = +1.30
V. Since the net potential is positive, this is a favourable reaction, and it should be kinetically facile if the zinc
metal is finely divided and thus well exposed to the sclution.

(c) Since E° values for the L/1" and ClO57/CIO4 couples are +0.54 V and —1.20 V respectively (see Resource
Section 3), the net reaction involving the reduction of I, to [ and the oxidation of CIO;™ to CIO4~ will have a net
negative potential, £° = +0.54 V + (-1.20 V) = -0.66 V. Therefore, this net reaction will not occur. However,
since E° values for the 1057/1; and ClO;7/CI™ couples are +1.19 V and +1.47 V respectively, the following net
reaction will occur, with a net £° = +0.28 V (note that the potential for 1057/I; couple is not given on the Latimer
diagram for iodine; however, it can be calculated easily by using Equation 5.15. in Section 5.12(d) Nonadjacent

species):
5[CIOy (ag) + 6H'(ag) + 6e~ — Cl (ag) + 3 H;O(!)] reduction

3 [Ix(s) + 6 H;O) - 2105 (aq) + 12H'(aq) + 10e7] oxidation

31x(s) + 5CIO5 (aq) + 3H,O(1) — 610, (aq) + SCI"(aq) + 6H (aq)

The standard potential for the reduction of NiZ* is +0.25 V. The cell potential, E, is given by the Nemst equation as
follows:
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E=E° —(RTIVJF) InQ where Q = 1/[Ni*']
[Ni**] can be determined from K, for Ni(OH),:
K[Ni(OH);] = [Ni**}{OH")? and [Ni*'] = K/[OH ]~

Since at pH = 14, [OH] = 1 M, it follows that [Ni’*) =K.
Hence:

RT 059V
E=+025V — In =+0.025V - 0.059 log : =+0.25V — 046V = -0.21V

v.F K 2 1.5x107*¢

e sp

The electrode potential is £=-0.21 V.

You can answer these questions by writing the complete, balanced half-reactions for each case. Then, analyse each
half-reaction: if either H” or OH™ appear on any side of reaction, the potential of the half-reaction is going to
depend on the pH of the solution. Once you have determined this, write down the Nemst equation and see how the
potential changes with change in acidity of your solution. If you have problems writing the balanced half-
reactions, consult Section 5.1 and worked Example 5.1.

(2) Mn** > MnO,™: In this case the balanced half-reaction is:

Mn**(aq) + 4H,O(l) - MnO, (aq) + 8H'(aq) + Se

Since hydrogen ions are produced, the reduction potential of this oxidation half-reaction depends on pH. We can
write the Nernst equation for this reaction as:

RT 0597 [MnOZ)HY
pog0 <R g po 009 IVOIH)
Vel Ve (Mn“"]

Thus, if we increase the H" concentration, we are going to increase the value of  and as a result increase the value
of its logarithm. As a consequence £ is going to become more negative and reaction is going to be less favoured
{keep in mind that AG = —vFE so more negative E results in more positive, less favourable AG.) The opposite
happens if we lower the H' concentration (make the solution more basic): E is going to become more positive
indicating more favourable reaction.

(b) ClO — ClO4™: The balanced half-reaction is:
ClO, (aq) + 2H'(aq) + 2¢” — ClOs(aq) + H,O(l)

Again H" ions show up in the balanced half-reaction. Thus, this reaction’s potential is going to depend on H*
concentration. Writing the Nemst equation:

RT 0.059V [CIO;]
E=E°- InQ@=FE°- log —
vF v,  [CIOJIH"]

In this case, increasing the H® concentration would decrease 0 and its log value resulting in E being more positive
than £°. As a consequence, the reaction would be more favourable under acidic conditions.
(¢) H,0, — O;: The balanced half-reaction is:

H,0:(aq) > Oxg) + 2H'(aq) + 2¢°
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The potential for this half-reaction is going to depend on the acidity of solution because H+ ions are present as
products. The Nernst equation can be written as:

RT 0.059V O, )H |2
E=E°-"—InQ=FE°- log 20 MH 1
v F v, [H,0,]

We can see that this is very similar to the part a) of this problem: an increase in H' concentration is going to be
unfavourable for the haif-reaction.
(d) I, - 2I'": The balanced half-reaction is:

+2e>2I
Since neither protons nor OH" are present in this reduction half-reaction, and since I” is not protonated in aqueous
solution (because HI is a very strong acid), this reaction has the same potential in acidic or basic solution, +0.535
V (this can be confirmed by consulting Resource Section 3).

The reaction can be broken into two half-reactions as follows:

HOx(ag) — Oi(g) + H'(aq) + 2 €~ (oxidation)
HO,+H + % e — HyOs (reduction)

The E° for the reaction will be:
E°=E 4= Ep=+1.150V - (-0.125V) =+1.275V

Looking at the Latimer diagram, we also see that the potential on the right of HO, is more positive than the
potential on the left of the same species (+1.150 V vs. —0.125 V) informing us immediately that HO, has
thermodynamic tendency to undergo disproportionation (see Section 5.12(c)).
Consult Section 5.12(b) of your textbook for a detailed explanation. The Latimer diagram for chlorine in acidic
solution is given in Resource Section 3. To determine the potential for any non-adjacent couple, you must
calculate the weighted average of the potentials of intervening couples. In general terms it is:

(ME° +mE°% + .+ m L)/ (nmy + mp+ ..t oy
and in this specific case it is:

[(2)(+1.201 V) + (2)(+1.181 V) + (2)(+1.674) + (1} +1.630 V)2 + 2+ 2 + 1) =+1.392 V
Thus, the standard potential for the Cl1047/Cl; couple is +1.392 V. The half-reaction for this reduction is:
2CI04"(aq) + 16H'(aq) + 14 = Cly(g) + 8H,O(D)

To determine the potential for any couple, you must calculate the weighted average of the potentials of intervening
couples. In general terms it is:

(ME® +mE® + .+ mE%) (i + mt .+ o)

and in this specific case it is:

[(2)(+0.16 V) + (2)(+0.40 V) + (2)(+0.60 V)] / (2 + 2+ 2) = +0.387 V
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The standard potential for the reduction MnO4(aq) + 4 H'(aq) + 3 ¢” — MnO,(s) + 2 H;O(1) is +1.69 V. The pH,
or [H7], dependence of the potential £ is given by the Nernst equation ((MnO;7] = 1.0 mol dm™) as follows (see
also Section 5.6 of your textbook and “A brief illustration” within this section):

E—F 0.059V xv, . ol
VG’

Note that v, = 3 and vy. = 4 for the reduction of MnO,". Note also that the factor 0.059 V can only be used at

25°C:

9= +1.69V-0.71 V=4098V

g 0.0593V><4><

Note that in this case £’ = E° because the concentration of MnQ,™ is 1.0 mol dm™ which corresponds to the
standard conditions for measuring reduction potentials.

To calculate an equilibrium constant using thermodynamic data, you can make use of the expressions A,G =
-RTInK and A.G = —vFE. You can use the given potential data to calculate AG for each of the two half-reactions,
then you can use Hess’s Law to calculate AG for the overall process (A.G), and finally calculate K from A,G.

The net reaction Pd**(aq) + 4 Cl(aq) — [Pd(C1)s)" (aq) is the following sum:

Pd*(aq) + 2¢” — Pd(s)

Pd(s) + 4 C17(agq) = [PdC1,}*(aq) + 2¢~

Pd”(aq) + 4 Cl'(aq) — [PdC1.]*(aq)

AG for the first reaction is ~vFE = —{2)(96.5 kJ mol™ V)(+0.915 V) = -176.6 kJ mol™'. AG for the second
reaction is {(2)96.5 kJ mol™” V™")(~0.6 V) = +115.8 kJ mol™'. The net AG is the sum of these two values, —60.8 kJ
mol ™. Therefore, assuming that 7= 298 K:

K. = exp[(60.8 kJ mol™"}/ ( 8.31 T K 'mol™')(298)] = exp(24.5) = 4.37 x 10'°

Note that the pH of the solution is 0 because [H'] = [HCI] = 1.0 mol dm™ (HCl is a very strong acid that
completely dissociates in water).

To calculate an equilibrium constant using thermodynamic and electrochemical data, you can make use of the
expressions A.G = -RTInK and A,G = —vFE. You can use the given potential data to calculate AG for each of the
two half-reactions, then you can use Hess’s Law to calculate A7 for the overall process, and finally calculate X
from A,G.

The net reaction Au'(aq) + 2 CN(aq) — [Au(CN):] (aq) is the following sum:
Au(aq)+¢e” — Au(s)

Au(s) + 2 CN7(aq) - [Au(CN)](aq) +e”

Au(ag)+ 2 CN(aq) = [Au(CN)yJ(aq)
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AG for the first reaction is —vFE = —(1)(96.5 kJ mol™" V" ')(+1.69 V) = —163 kJ mol™". AG for the second reaction is
—(1)(96.5 kJ mol™ v')(+0.6 V) = —58 kJ mol™'. The net AG is the sum of these two values, —221 kJ mol™.
Thercfore, assuming that 7= 298 K:

K = exp[(221 kJ mot™) / ( 8.31 ) K™ mol'}298)] = exp(89.2) = 5.7 x 10

Since edta* forms very stable comPlexes with M**(aq) ions of 3d-block elements but not with the zerovalent metal
atoms, the reduction of a M(edta) ™ complex will be more difficult than the reduction of the analogous M aqua
ion. Since the reductions are more difficult, the reduction potentials become less positive (or more negative, as the
case may be). The reduction of the M(edtay’ complex includes a decomplexation step, with a positive free energy
change. The reduction of M**(aq) does not require this additional expenditure of free energy.

Consult Section 5.13 and Self-Tests 5.10 and 5.11 for the construction and interpretation of the Frost diagrams.
The Frost diagram for Hg, constructed based on the provided data, is shown below:

2 -
HsZi-

VES NV

0 1 2
Oxldation number, N

From the diagram we see that Hgl " and Hgg2+ are both oxidizing agenis as they have large positive standard
reduction potentials and the line connecting the redox couples is very steep with a positive slope. Thus, these
species are likely to undergo reduction encouraging oxidation of the other species in the reaction. Consequently,
none of these sEecies are likely to be good reducing agents. Hg,”* is not likely to undergo disproportionation
because the Hg,”" point lies below the line connecting Hg and Hg®* (the dashed line on the diagram above); rather
the opposite is likely to happen: Hg and Hg”" are going to comproportionate and form Hg,™.

(a) Fe? According to Figure 5.12, the potential range for surface water at pH 6 is between +0.5V and + 0.6 V, so
a value of +0.55 V can be used as the approximate potential of an aerated lake at this pH. Inspection of the
Pourbaix diagram for iron (Figure 5.11) shows that at pH 6 and £ = +0.55 V, the stable species of iron is Fe(OH),
precipitate. Therefore, this compound of iron would predominate.

(b) Mn? Inspcction of the Pourbaix diagram for manganese (Figure 5.13) shows that at pH 6 and £ =+0.55 V, the
stable species of manganese is solid Mn,O;. Therefore, this compound of manganese would predominate.

(¢) S? At pH 0, the potential for the HSO,7/S couple is +0.387 V (this value was calculated using the weighted
average of the potentials given in the Latimer diagram for sulfur in Resource Section 3), so the lake will oxidize Sg
all the way to HSO4~. At pH 14, the potentials for intervening couples are all negative, so SO, would again
predominate. Therefore, HSO,  is the predominant sulfur species at pH 6.

The following redox reaction describes one of the first steps in iron corroston:

2 Fe(s) + Ox(g) + 4 H'(agq) — 2 Fe**(aq) + 2 H,0(l)
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This reaction can be broken in two half-reactions:

Fe(s) — Fe?*(aq) + 2¢” E°=-0.45V (oxidation reaction)
Ox(g)+4H +4e —2H,0 E°=+1.23V  (reduction reaction)

From the Section 5.7 Reactions with water and Equation 5.10 we know that the reduction potential of the
reduction half-reaction depends on pH of the solution as:

E=+123V —(0.059V x pH)

Thus, the potential difference for the overall coirosion reaction can be given as:
Ecor= +1.23V —(0.059V x pH} —(-0.45V) =+1.68 V —(0.059V x pH)

From the above equation we see that the air oxidation of iron is favored in acidic solution: lower pH values would
have more positive £, Increased levels of carbon dioxide and water generate carbonic acid that lowers the pH of
the medium, which makes the corrosion process more favorable.

Any species capable of oxidizing either Fe*” or HaS at pH 6 cannot survive in this environment. According to the
Pourbaix diagram for iron (Figure 5.11), the potential for the Fe(OH),/Fe** couple at pH 6 is approximately 0.3 V.
Using the Latimer diagrams for sulfur in acid and base (see Resource Section 3), the S/H,S potential at pH 6 can
be calculated as follows:

+0.14 V - (6/14){0.14 — (-0.45)] = -0.11 V

Any potential higher than this will oxidize hydrogen sulfide to elemental sulfur. Therefore, as long as H,S is
present, the maximum potential possible is approximately 0.1 V.

Any boundary between a soluble species and an insoluble species will change as the concentration of the soluble
species changes. For example, consider the line separating Fe"(aq) from Fe(OH)(s) in Figure 5.11. As shown in
the text, £ = E° — (0.059 V/2)log([Fe’"] YH 2q)]°) (see Section 5.14 Pourbaix diagrams). Clearly, the potential at a
given pH is dependent on the concentration of soluble Fe**(aq). The boundaries between the two soluble species,
F e”(aq) and Fe**(aq), and between the two insoluble species, Fe(OH)(s) and Fe(OH);(s), will not depend on the
choice of [Fe*'].

The lines for AlO; and MgO on the Ellingham diagram (Figure 5.16) represent the change in AG® with
temperature for the following reactions:

KAL) + 0a(g) = % ALO;(s) and 2 Mg(l) + O:(g) = 2MgO(s)

Al temperatures below about 1600°C, the Gibbs energy change for the MgO reaction is more negative than for the
AlO; reaction. This means that under these conditions MgO is more stable with respect to its constituent elements
than is Al,Os, and that Mg will react with AL;O; to form MgO and Al. However, above about 1600°C the situation
reverses, and Al will react with MgO to reduce it to Mg with the concomitant formation of Al;O. This is a rather
high temperature, achievable in an electric arc furnace (compare the extraction of silicon from its oxide, discussed
in Section 5.16).

{a) The differences in reduction potential in acidic (pH = 0) and basic (pH = 14) solutions can be explained if we
look at the reduction half-reactions. For example, in acidic solutions:

H:POjaq)+2¢ + 2H™ — H;POs(aq) + HyO(l), £° = -0.276V

If we recall Equation 5.8b from the textbook. we can see that reduction potentials that couple transfer of both
electrons and protons decrease (become more negative) as the pH is increased (solution becomes more basic). This
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is exactly what we observe in the case of phosphorus because the same reduction from P(V) to P(Iil} in basic
medium (PO /HPO;* couple} has a more negative reduction potential (—].12V).

(b) The Frost diagram for phosphorus in acidic (pH = 0, solid line) and basic (pH = 14, dashed line) medium is
shown below:
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(¢} If you connect the points for PHy and H,PO,™ in the above diagram (basic solution dashed line), you will note
that P, lies above the line. This means that in basic solutions P, can disproportionate to PH; and H,PO,™ according
to the equation:

Ps(aq) + 30H™ + 3H,0 — 3H,PO;” +PH;

The equilibrium constant can be calculated using equation 5.1, A;,G° = —-RT InK,, and equation 5.2, A,G° = —vFE®°.
From here we have

—RT InK =—vFE® or InK = (VFE°)/RT

£? can be calculated using the data from the Latimer diagram for pH = 14: E(P/PH;) =—0.89V = E; and
E(H PO, 7P) =205 V=E,,.

E°=F 4—En=-089V —(-2.05V) =+ 1.16V
Thus, with v =3 and T'= 25°, we have

Ink = VFE® - 3x96.48kC mol™ x1.16V _1355 or K= 7.1x10%
RT  8.314 JK'mol™ x298K

Since we are not given the oxidation half-reaction (only two reduction half-reactions) we can assume that the A,G°
and X are calculated using SHE for the oxidation half-reaction. For both reactions we have to work under basic
conditions, so we are going to assume “standard basic solution” of pH = 14 (this is the basic medium for which
reduction potentials are reported, hence the assumption—see Resource Section 3 for examples). The reduction
potential of SHE depends on pH (equation 5.9): E(H'/H,) = -0.059 V x pH=—-0.059 V x 14 =—0.826 V.,

(a) For CrO,7(aq) we have:
E’-14= Ered = Eo = —0.11 V- (-0.826V)=0.716 V

From here we can use Equations 5.2 and 5.5 to calculate A,G° and K respectively:
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AG® = =vFE® = =3x96.48 kC mol™ x 0.716 V =-207.2 k mol™

Ink = VFE® _ 3x9648kC mol™ x0.716V _ o0 o k= 2.1x10%
RT ~ 8314JK'mol™ x298K

{b) For [Cu(NH;):]"(aq) we have
Eie1s = Ereg — Eo, ==0.10 V- (-0.826V) = 0.726 V
AG® = —vFE® = —]1x96.48 kC mol™ x 0.726 V =-70.0 kJ mol™

InK = YFE® _ 1x96.48kC mol™ x0.726V ~283 OrK = 1.9x10"
RT 8.314TK "mol™ x 298K

The values for A,G®and X in (a) and (b) are noticeably different despite relatively little difference in E° because E°
does not depend on the number of exchanged electrons, v, while A,G® and K both depend on it.

Since we are asked to calculate the standard potential for a given half-reaction, we are using the fact that AG® for
SHE under standard conditions is 0 kJ mol™, Thus, to calculate the standard reduction potential we have to
calculate only AG for the given reaction and use equation 5.2 to determine the standard reduction potential. Keep
in mind that A,G° = —vFE°® = A H° — TAS®.

S¢,05(s) + 3H,0(1) + 66 — 2Sc(s) + 60H (aq)

A = [2x A (Se(s)) + 6x Ad° (OH (aq)) — [AdP (Sc05(s) + 3% AH® (H0(1))] =
= [2x 0 kJmol™ + 6x(=230 kJ mol™)] - [~1908.7 kJ mol™" + 3x(—285.8 kJ mol™")] = 1386.1 kJ mol™’

AS® =[2x ApS° (Se(s)) + 6% BnS° (OH (aq))] — [AnS® (S¢205(s) + 3% AgS® (H,O())] =
=[2x 34.76 JK™ mol™ + 6x(~10.75 kJ mol™)] - [77.0 J K" mol™ + 3x(69.91 T K™ mol™)] =
=-0.282 kJ K™ mol™

AG® = AH® - TAS® =1386.1 kJ mol™ — 298 K x (~0.282 kJ K™ mol™") = 1302 kJ mol™

o AG_ 13R2KImel! _ sy
vF 6x96.48kC mol™

The combined Frost diagram for In and TI is shown below. From the diagram we can see that thallium is more
stable as T1® in aqueous solutions, and that TP can be expected to behave as a strong oxidizing agent (very steep
positive slope of the line connecting TI* and TI** points). The reverse is observed for indium: In** is more stable
than In" in aqueous solutions. In" is actually expected to behave as a reducing agent (a negative slope of the line
connecting In" and In** points).
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E5.30 (i) Considering that the standard reduction potential of Fe**/Fe*" couple is more positive than Ru**/Ru®, Ru*
should be less stable than Fe*" in acidic aqueous solutions.
(ii) In this case you have to consider several possible outcomes: (a) Fe and Fe®* could react to produce Fe?*, (b) Fe
could possibly be oxidized by water, () atmospheric oxygen could oxidize Fe, and (d) H™ could oxidize Fe. If you
look at the potential difference of all possible outcomes, you will see that the only expected reaction is oxidation
of Fe(s) to Fe** by H™ (see also Exercise 5.4 and Seif-Test 5.6).
(iii) The reaction is as follows:

5Fe®*(aq) + MnOy (aq) + 8H(aq) — SFe*"(aq) + Mn™(aq) + 4H,0(1)

0
We are going to use Equation 5.5, lnK =YFE_ | with £°= E®p— E% = +1.51 V= (+ 0.77V) = +0.74V:
RT

Ink = VFE® _ 5% 96.48kC mol™ x0.74V —144.] and K =3.7 x 10%
RT 8.314J K 'mol™ x 298K

ES.31  The reaction for analytical determination of Fe** with MnOy is:
5 Fe?*(aq) + MnO,(aq) + 8 H'(aq) — 5 Fe**(aq) + Mn**(aq) + 4H,0())

with £°= E° . — E° = +1.51 V = (+ 0.77V) = +0,74V, If HCl is present, the following side-reaction can take
place:

10 Cl(aq) + 2 MnO4(aq) + 16 H'(aq) — 5 Cly(g) + 2 Mn**(aq) + 8 H,0(l)

with £°= E° 4 — E°, = +1.51 V — (+ 1.36V) = +0.15V. From E* values it is clear that oxidation of Fez*(aq) is
more favourable under the standard conditions than oxidation of Cl(aq) because £° (1) > E°(2). However, as
reaction (1) is reaching equilibrium its potential difference is changing according to equation 5.4:

E=E°_ ﬂln [Fe3+]$[Mn2+]
vE  {Fe*1’[MnO;](H" ¥

As [Fe*'] and [Mn*"] are increasing, so is @, and E decrcases. At one point the two potentials are going to invert,
that is, £(1) < E(2) and reaction (2) is going to be more favourable. To avoid the side reaction we have to keep
E(1) > E(2). If the phosphate anion stabilizes Fe®, that means that through complexation we can make the
Fe’'/Fe*" potential more negative, meaning that £(1) becomes more positive and reaction (1) more favourable (see
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Section 5.10 The influence of complexation). Addition of Mn** would have an effect on both reactions but more on
reaction (2) than (1) because 2 equivalents of Mn?®" are produced in (2) while only one in (1). You can see this
effect if you write down reaction quotients for both (1) (given above already) and (2).

Guidelines for Selected Tutorial Problems

T5.1

T5.3

T5.6

Keep in mind that the standard reduction potentials can provide not only information about spontaneity of a given
reaction in aqueous solutions, but also provide an insight if side reactions are going to take place: Could water be
oxidized or reduced? Can a species be oxidized with atmospheric oxygen? How will the reaction direction change
with pH etc. It is good idea to at least mention Pourbaix diagrams and their use in inorganic environmental
chemistry and geochemistry (speciation chemical species, their mobility, etc.) as well as point to the problems of
corrosion in aqueous media and how reduction potential can be used to both predict the possibility of corrosion
and protect from it.

If you have problems with this project. review Section 5.3 Trends in standard potentials and have a look at
Exercises 5.7 and 5.28.

Review Section 5.10 The influence of complexation to work on this project. You have been given a hint for the
value for [Fe(IIXEnt)] stability constant, and you may consult Resource Section 3 for the standard reduction
potential for Fe**/Fe” couple. Also note the pH conditions for this reduction.
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Self-Test Exercises

Sé6.1

$6.2

$6.3

See Figure 6.7 for the sketch of S; in a structurally similar CH; molecule. The Sy axis is best portrayed by
separating it into its two components: rotation by 90° (or ¥ of a turn around the axis and reflection (see the figure
below). This ion has three S; axes.

H_ | H HH H H
~4 \ S ~
E::' N reflect in :?-5
1! T rotate by 90°. H - \H horizontal plane 1%

Using the decision tree in Figure 6.9 is generally the easiest way to determine the point group of a molecule or ion.
You might find it helpful to make a model of molecule or ion if you have a molecular modelling kit. This can help
you visualize the structure. If the molecular geometry is not given in the problem (i.e., you have been provided
with a molecular formula only), you can use VSEPR theory to determine the geometry of the moleculefion in
question.

(a) BF; point group: According to the decision tree on Figure 6.9, the first step is answering the question “Is the
molecule/ion linear?” Since BF; is a planar molecule, the answer is NO. Following the “N” line from “Linear?”
we find the next question we have to answer: “Are there two or more C, with n > 2?” The answer is again NO:
BF; possesses only one three-fold rotation axis (C;) which passes through B atom and is perpendicular to the plane
of the molecule. Keep in mind that the highest order axis, in this case Cj, is the principal axis. The molecule
should be repositioned in such a way that the principal axis (i.e., C; here) is vertical (thus, it coincides with the z
coordinate axis). We have to follow “N” line again to the next step: “Are there any rotational axes (C,)?” The
answer is YES: BF; has one C; (already mentioned above) and three C, symmetry axes. We follow the “Y” path
and look if the three C, axes are perpendicular to the principal axis C;. Since C; axes coincide with three B — F
bonds, they are perpendicular to the principal axis—so the answer is YES. Again we follow the “Y™ path and then
ask “Are there any horizontal mirror planes {,)?” The answer is YES: there is a mirror plane perpendicular to C;,
the principal axis. This mirror plane coincides with the plane of BF; molecule. Finally the “Y” path leads us to the
Dy, point group where » in the subscript stands for the order of the principal axis. Since the order of the principal
axis in our case is 3, the point group to which BF; belongs is Djp.

F (}) *"]z—

B S
PN ~ O
F F o \
(b) SO* point group: The sulfate anion belongs to the group Ty. The sulfate ion (i) is nonlinear; (i) possesses
four three-fold axes (C3), like NH,' (see the answer to $6.1), and (jii) does not have a centre of symmetry. The
sequence of “no, yes, no” on the decision tree Jeads to the conclusion that SO, belongs to the T point group.

H,S molecule is in the same point group as H,O, Cs,. For the location of symmetry elements of H,S we can refer
to Figure 6.10, and for the C,, character table to Table 6.4 in your textbook. The convention we always follow is to
place the highest order axis, in this case C, symmetry axis, along z axis and the mutually perpendicular mirror
planes o, and 6, in planes of xz and yz axes respectively. Now check how all d orbitals behave under symmetry
operations of C,, group. (To successfully work through this problem you should know the shapes, orientation, and
signs of d orbital lobes with respect to the coordinate axes (x, y, and z)—refer to Figure X to refresh you memory
if necessary.) Keep in mind that all d orbitals will remain unchanged by £ (as a matter of fact, everything remains
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§6.5

$6.6

S6.7

56.8

S6.9

unchanged by E, hence | under its column) so we can concentrate on remaining symmetry elements. The
d ., atomic orbital remains unchanged by C,, hence it has character | for thts symmetry element. It also remains

unchanged by ¢, and 6./, thus for both the character would be 1. Thus, the characters of this orbital are (1, 1, 1, 1)
for E, Cyy, 0, and o,". The only row in Table 6.4 that has these four characters is A|—therefore the 4 , orbital has

symmetry species A, (i.e., this orbital is totally symmetric under Cs,). Theg = orbital remains unchanged by all

symmetry operations as well; it also has characters (1, 1, 1, 1) and symmetry species A,. The d,, orbital, with its
lobes between x and y axes remains unchanged by C; (hence character 1) but it would change the sign by both o,
and ... For o, and ,/, dyy has characters —1 and -1. Overall, this orbital has (1, 1, -1, —1) as its characters, which
corresponds to the symmetry species A,. The d; orbital, once rotated around C; (i.e., around z axis for 180°)
would change its sign, thus the C, character for this orbital is —1. It would also change its sign after reflection
through G, (which we have placed in the xz plane)—the character is again - 1. And finally, the reflection through
o would leave this orbital unchanged for character 1. Therefore, dy, orbital has characters (1, -1, —1, 1) and has
symmetry species B,. Following similar analysis, we can find that d,, orbital has symmetry species B;.

The SF, molecule has octahedral geometry and belongs to the O, space group. If you refer to the character table
for this group, which is given in Resource Section 4, you find that there are characters of 1, 2, and 3 in the column
headed by the identity element, E. Therefore, the maximum possible degree of degeneracy of the orbitals in SF is
3 (although nondegenerate and twofold degenerate orbitals are also allowed as revealed by 1 and 2 characters).

Like the pentagonal prismatic (or eclipsed) configuration, the pentagonal antiprismatic (or staggered)
conformation of ruthenocene has a Cs axis passing through the centroids of the CsH; rings and the central Ru
atom. It also has five C, axes that pass through the Ru atom but are perpendicular to the principal C; axis, so it
belongs to one of the D point groups. The staggered conformation, however, lacks the o, plane of symmetry that
the pentagonal prismatic structure has. Thus, it cannot be in the Ds, space group. It does have five dihedral mirror
planes, located between (; symmetry axes. Thus, the pentagonal antiprismatic conformation of ruthenocene
belongs to the Dsq point group. Since this point group has a Cs axis and perpendicular C, axes, it is not polar (see
Section 6.3). You may find it difficult to find the # C; axes for a D,4 structure. However, if you draw the mirror
planes, the C; axes lie between them. In this case, one C, axis interchanges the front vertex of the top ring with one
of the two front vertices of the bottom ring, while a second G, axis, rotated exactly 36° from the first one,
interchanges the same vertex on top with the other front bottom one.

Except for the identity, £, the only element of symmetry that this conformation of hydrogen peroxide possesses is
a (, axis that passes through the midpoint of the O—O bend and bisects the two O-O—H planes (these are not
mirror planes of symmetry). Hence this form of H,0O; belongs to the (; point group, and it is chiral because this
group does not contain any S, axes. In general, any structure that belongs to a C, or D, point group is chiral, as are
molecules that are asymmetric (C; symmetry). However, considering the free rotation around O — O bond we
would not be able to observe optically active H»0- under ordinary conditions. Optically active H,O, might be
observable, even transiently, if bound in a chiral host such as the active site of an enzyme (see Chapter 26). Or if
the rotation is prevented in any other way (e.g., very low temperature in solid state).

The Lewis structure of linear nitrous oxide molecule is shown below. However, unlike similarly linear CO; with
which it is isoelectronic, N;O does not have a centre of symmetry. Therefore, the exclusion rule does not apply,
and a band that is IR active can be Raman active as well.

K]:N:

HeH

All of the operations of the Dy, point group leave the displacement vectors unchanged during the symmetric
stretching of Pd-Cl bonds in the #ans isomer. Therefore, all of the operations have a character of 1. This
corresponds to the first row in the Dy, character table, which is the A, symmetry type.

The reducible representation is obtained as follows:

C ! 2C3- i 254 (e 1) ZGV 26.1

D £ 2C, C,
[y 4 0 0

(NSRS
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This reduces to 4y + Big + E,.
Ayg and B, transform as x> +y’, Z and x* - y1 respectively and are thus Raman active but aot IR active. E, is IR
active but not Raman active as it transforms as (X,y).

The molecule CH, has Ty symmetry, and the given symmetry-adapted linear combination (SALC) of H atom 1s
orbitals also has 7 symmetry. The group theory jargon that is used in this case is to say that the combination has
the fotal symmetry of the molecule. This is rue because each time the H atom array of orbitals is subjected to an
operation in the 7, point group, the array changes into itself. In each case, the character is 1. Each point group has
one symmetry label (one row) for which all the characters are one, and for the 7 point group it is called A, (see
Table 6.6). Thus the symmetry label of the given combination of H atom 1s orbitals is A,.

You must adopt some conventions to answer this question. First, you assume that the combination of H atom 1s
orbitals given looks like the figure below showing four H atoms arranged with Dy, symmetry. Note that shaded
circles correspond to the H atoms whose 1s orbital did not change the sign (Als and Cis) while open circles
represent the H atoms whose 1s orbital did change the sign (Bls and D1s)}—the change of sign is indicated by a
minus sign in front of the wavefunction ¥. Inspection of the character table for this group, which is given in
Resource Section 4, reveals that there are three different types of C; rotation axes, that is, there are three columns
labelled C5, Cy', and Cy”. The first of these is the C, axis that is coincident with the C, axis; the second type, C;',
represents two axes in the H, plane that pass through any H atoms; the third type, C,”, represents two axes in the
H, plane that do not pass through pairs of opposite H atoms (see Figure 6.3 in the textbook). Now, instead of
applying operations from all ten columuas to this array, to see if it changes into itself (i.e., the +/— signs of the lobes
stay the same) or if it changes sign, you can make use of a shortcut. Notice that the array changes into itself under
the inversion operation through the centre of symmetry. Thus the character for this operation, i, is 1. This means
that the symmetry label for this amray is one of the first four in the character table, Ay, Ay, By, 0r By, Notice also
that for these four, the symmetry type is uniquely determined by the characters for the first five columns of
operations, which are:

E C, G Cz. G
1 -1 1 1 -1

These match the characters of the B, symmetry label.
Note that this SALC also looks like 4 , |, thus the above SALC and g , , have to have the same symmetry—
X =y xt-p*

look at the last column of Dy, character table for the B,

By consulting Resource Section 5 and the Dy, character table, we note that 5s and 4d,, have A, symmetry,; the d,..
y2 has By, symmetry, and 5p, and 5p, have E, symmetry. Therefore, these Pt orbitals with matching symmetries
can be used to generate SALCs.

Recall that symmetry types with the same symmetry as the function x* + y* + z° are Raman active, not IR active.
On the other hand, symmetry types with the same symmetry as the functions x, y, or z are IR active, not Raman
active,

SF¢ has O, symmetry. Analysis of the stretching vibrations leads to (see Example 6.13):

4y, (Raman, polarized) + E; (Raman) + 7, (IR).
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Trams-SF«Cl, belongs to the Dy, point group. (Note: trans means that the two C] atoms are located on the opposite
sides of the molecule, see the structure below). Analysis of the stretching vibrations leads to:
A» (IR) + 2E, (IR) + Az (Raman, polarized) + B4 (Raman) + B,, (Raman).

Thus, for rans-SF,Cl; we will observe two IR and three Raman stretching absorptions, whereas for SFy only one
IR and two Raman absorptions.

The structure of trans-SF4C),

Symmetries of all the vibration modes of [PACL}*: For the molecule with Dy, symmetry,

D.m E 2C4 Cz ZCZ' ZC; i 234 Oh 20", Zﬁd
Ly 15 1 -1 -3 -1 -3 -1 5 3 1

Thisreducesto Aig+ Ay + Byt By + E; + 24y, + By + 3E,
The translations span A,, and E, and the rotations span A,; and E;. Subtracting these terms gives:
Alg + Blg + BZg + A2u + B?.u + 2Eu

as the symmetries for the vibration modes.

SALCs for sigma bonding in O: A,g + E; +T),, see Resource Section 5.

End-of-Chapter Exercises

E6.1

{a) a C; axis and a &, plane in the NH; molecule

Ny K]
H H
C3 Gy
(b) a C, axis and a &, plane in the square-planar [PtCl;)* ion
lef;”h‘ I “‘.\\\Cf Cl"’fn,,, N@MCI
g Ptu\ 4y e !
o’ N o N

Cy Gh
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(a) CO,: This linear molecule has both a centre of inversion and S,

{b) C;H,: This linear molecule also has both 7 and S,

(¢) BF5: This molecule possesses neither i nor Sy

(d) SO, This ion has three different S, axes. which are coincident with three C, axes, but there is no i

(a) NH,Cl: The only symmeiry element this molecule possesses other than £ is a mirror plane that contains the N
and Cl atoms and bisects the H-N-H bond angle. The set of symmetry elements (£, c), following the decision tree
on Figure 6.9, corresponds to the point group C; (the subscript comes from the German word for mirror, Spiegel).

S N\"“ H
H

(b) CO;*": The carbonate anion is planar, so it possesses at least one plane of symmetry. Since this plane is
perpendicular to the principal rotation axis, s, it is called ay. In addition to the C; axis, there are three C; axes
coinciding with the three C—Q bond vectors. There are also other mitror planes and improper rotation axes, but the
elements listed so far (£, Cs, 6y, 3C,) uniquely correspond to the Dy, point group according to the decision tree on
Figure 6.9 (note that CO;> has the same symmetry as BF;). A complete list of symmetry elements is F, G, 3C;,

$3, On, and 3G,
o 1&

|

AN ’
o) o

Cl

(¢) SiFg This molecule has four C; axes, one coinciding with each of the four Si~F bonds. In addition, there are
six mirror planes of symmetry (any pair of F atoms and the central Si atom define a mirror plane, and there are
always six ways to choose a pair of objects out of a set of four). Furthermore, there is no centre of symmetry.
Thus, the set (£, 4C3, 60, no /) describes this molecule and corresponds to the 7, point group. A complete list of
symmetry elements is £, 4C;, 3C,, 35, and 66,.

F

|
Sine
PN T

(d) HCN: Hydrogen cyanide is linear; it has the infinite oderer symmetry axes, C,, as well as the infinite number
of vertical mirror planes. Thus it belongs to either the D, or the C,, point group (see Figure 6.9). Since it does not
possess a centre of syminetry, which is a requirement for the Dy, point group, it belongs to the Cyy point group.

(e) SiFCIBrI: This molecule does not possess any element of symmetry other than the identity element, E. Thus it
is asymmetric and belongs to the C point group, the simplest possible point group.

(f) BrE,: This anion is square planar (you can use VSEPR theory to determine its molecular geometry). It has a
C4 axis and four perpendicular C, axes. It also has a ¢, mirror plane. These symmetry elements uniquely
correspond to the Dy, point group. A complete list of symmetry elements is £, Cj, a paraliel C,, four perpendicular
Cz, 84, i, Op, 20'.,, and 20',1.

Overall, benzene molecule has seven mirror planes: 3a.,, 3G, and 1oy, It has a Cg axis perpendicular to six C; axes
and a horizontal mirror plane that contains all the atoms in the ring. Hence, the point group symmetry of the
benzene molecule is Dg,. The chioro-substituted, C¢H;Cly, with chlorines on alternating carbons around the ring

(1,3,5-trichlorobenzene), has a Ds;, symmetry and four mirror planes: 3o, and 1o,
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(a) A p orbital: The + and — lobes of a p orbital are not equivalent and therefore cannot be interchanged by
potential elements of symmetry. Thus a p orbital does not possess a mirror plane of symmetry perpendicular to the
long axis of the orbital. It does, however, possess an infinite number of mirror planes that pass through both lobes
and include the long axis of the orbital. In addition, the long axis is a C, axis, where # can be any number from §
to oo {in group theory this is referred to as a C, axis).

(b) A d,, orbital: The two pairs of + and — lobes of a d,, orbital are interchanged by the centre of symmetry that
this orbital possesses, It also possesses three mutually perpendicular C; axes, each one coincident with one of the
three Cartesian coordinate axes. Furthermore, it possesses three mutually perpendicular mirror planes of
symmetry, which are coincident with the xy plane and the two planes that are rotated by 45° about the z axis from
the xz plane and the yz plane.

{c) A d,, orbital: Unlike a p. orbital, a d., orbital has two large lobes with positive sign along its long axis, and a
torus (or doughnut) of negative sign around the middle (in xy plane). In addition to the symmetry elements
possessed by a p orbital (see above), the infinite number of mirror planes that pass through both lobes and include
the long axis of the orbital as well as the C, axis, a d-, orbital also possesses (i) a centre of symmetry, (ii} a mirror
plane that is perpendicular to the C,, axis, (iii) an infinite number of C; axes that pass through the centre of the
orbital and are perpendicular to the C,, axis, and (iv) an S, axis.

(a) Using the decision tree shown in Figure 6.9, you will find the point group of SO.*" anion to be Cy, (it is
nonlinear; it only has one proper rotation axis, a G5 axis; and i has three o, mirror planes of symmetry).

-
O

S
S\
\

O

{b) Inspection of the Cj, character table (Resource Section 4) shows that the characters under the column headed
by the identity element, £, are 1 and 2. Therefore, the maximum degeneracy possible for molecular orbitals of
SO, anion is 2. ¥

(¢) According to the character table in Resource Section 5, the S atom 3s and 3p, orbitals are each singly
degenerate (and belong to the A; symmetry type), but the 3p, and 3p, orbitals are doubly degenerate (and belong
to the £ symmetry type). Thus the 3p, and 3p, atomic orbitals on sulfur can contribute to molecular orbitals that
are two-fold degenerate.

O

(a) Point group: The PFs molecule has a trigonal bipyramidal structure. As in Exercise 6.6, you should use the
decision tree to assign the point group, in this case concluding that PF; has 13, symmetry (it is nonlinear; it has
only one high-order proper rotation axis, a C; axis; it has three C, axes that are perpendicular to the C; axis; and it
has a o, mirror plane of symmetry).

(b) Degenerate MOs: Inspection of the Dy, character table (Resource Section 4) reveals that the characters under
the £ column are 1 and 2, so the maximum degeneracy possible for a molecule with this symmetry is 2.

(¢) Which p orbitals have the maximum degeneracy: The P atom 3p, and 3p, atomic orbitals, which are doubly
degenerate and are of the £” symmetry type (i.e., they have £’ symmetry), can contribute to molecular orbitals that
are twofold degenerate. In fact, if they contribute to molecular orbitals at all, they »uist contribute to twofold
degenerate ones.

PF is a non-linear molecule, thus the number of expected vibrational modes is 3N — 6 = 3x6 — 6 = 12 vibrational
modes. To determine the symmetries of vibrations, we have to consider the reducible representation of Ds,. Since
we have six atoms with three displacement directions, there are a total of 6x3 = 18 displacements in this molecule.
All of these displacements remain unchanged after identity operation; hence the character for £ is 18. You can
follow this procedure for all symmetry elements in Ds; (as well as consult Example 6.14) to construct the
following reducible representation:

D;h E 2C3 3C3 Oy 233 30‘.
T 18 0 -2 4 -2 4
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[nreduces to: 24, + Ay +4E'+ 34" + 2E7; subtracting I yans (E' + 42"} and [ (42" + E7), we obtain Dy 24,
+3E" + 24," + E”. Thus we expect six Raman bands: 24," + 3£’ + E” {(note that 4;" is inactive in Raman because
symmetry type does not contain the same symmetry as the function Z+P+ ).

(a) In the plane of the nuclei: SO; has a trigonal-planar structure. The number of vibrational modes is then
calculated using 3N — 6 formula. Since SO; has four atoms, the number of vibrational modes is 3x4 - 6 = 6. If you
consider the C; axis to be the z axis, then each of the four atoms has two independent displacements in the xy
plane, namely along the x and along the y axis. The product (4 atoms)(2 displacement modes/atom) gives eight
displacement modes, not all of which are vibrations. There are two translation modes in the plane of the nuclei,
one each along the x and y axes. There is also one rotational mode around the z axis. Therefore, if vou subtract
these three nonvibrational displacement modes from the total of 8 displacement modes, you arrive at a total of five
vibrationai modes in the plane of the nuclei.

Diy E 2Cy 3G Ol 253 3o,
Ty 12 0 -2 4 -2 2

inreduces to: A"+ 4> +3E'+24," + E".
Subtracting I'yuns (£’ + 43") and Ty, (4’ + E), we obtain [y, 1 4"+ 2E" + 45",

In the plane: 4," is a symmetric stretch; 2E' are modes consisting of (i) mainly asymmetric stretching and (i)
deformation.

T ] I
o/ S\o o/s\o 078\0/
A r \ / \
1 \ — J
E'
% o
] S
N N
LY ¥ ¥
N v J
El

(b) Perpendicular to the molecular plane: You can use your answer to part (a), above, to answer this question.
Since there are four atoms in the molecule, there are 3(4) — 6 = 6 vibrational modes. You discovered that there are
five vibrational modes in the plane of the nuclei for 8Os, so there must be only one vibrational mode perpendicular
to the molecular plane. 4" is the deformation in and out of the plane.

sl<§

A2H

{(a) SFs: Since sulfur hexafluoride has a centre of symmetry, the exclusion rule applies. Therefore, none of the
vibrations of this molecule can be both IR and Raman active. A quick glance at the Oy, character table in Resource
Section 4 confirms that the functions x, y, and z (required for IR activity) have the T, symmetry type and that all
of the binary product functions such as x*, xy, ete. (required for Raman activity) have different symmetry types.
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O E 8C; 6C, 6C, 6C, i 6354 836
sy 21 0 -1 3 -3 -3 -1 0

Fayreduces to: A+ E; + Tig + Ty +37, + T
Then subtracting ecans (71, ) and U (7,),
we obtain l"\,ib: A|g+ Es + ng 4 2Tlu + TZM-

None of these modes are both IR and Raman active as there is a centre of inversion.

D;h E 2 C3 3 Cz Op 253 30,,.
Iy 12 0 -2 4 -2 2

Canreducesto: 4" + Ay' +3E7 +24," +E”.
Subtracting Ty (E7 +457) and T (427 + E7),
we obtain [y : 4y’ (Raman) + 2E’ (IR and Raman) + 4,” (IR).

The £' modes are active in both IR and Raman.

s=(A)e+ @t @t ) (=4))
pe= (") @i — &2 + or— @) (=JT3}
py=(/N - -+ @) (=T2)

p.= (/o)X + pr— 3= ) (=Th)

(oo + o+ @) (=4,")

(/6)201 - 92— ) and (VuXgn— @) (=E7)

30’h 60d

{b) BF;: Boron trifluoride does not have a centre of symmetry. Therefore, it is possible that some vibrations are
both IR and Raman active. You should consult the Dj, character table in Resource Section 4. Notice that the pairs
of functions (x, ¥) and (¥ = %, xy) have the E* symmetry type. Therefore, any £’ symmetry vibration will be
observed as a band in both IR and Raman spectra.

The SALCs for methane have the same forms as the expressions for the AOs as SALCs of sp® hybrid orbitals.

The 2s atomic orbitals have symmetry species A, and the 2p atomic orbitals have symmetry species T,. Therefore,
the MOs would be constructed from SALCs with H1s and 2s and 2p atomic orbitals on C.

Note that ( l/v‘z)(@g - ) is obtained by combining the other two £/ -type SALCs,

thatis, (2¢r—@—¢)— (2@ — @ — ).

(axial F atoms are @ + ¢}
(Yol @5) (F4))

(Vo) pe— 95) (= 42")
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(Mo + e+ @) G4

(/)20 — 92— @) and (X2 - @) (E7)

Guidelines for Selected Tutorial Problems

T6.1

T6.3

T6.5

Use VSEPR theory to deduce the molecular geometry of IF30, then analyse all possible arrangement of F and O
atoms around the central I atom that cannot be superimposed on each other (you should get three isomers). Follow
the decision tree to determine the point group of each isomer.

The cation NH," has a tetrahedral geometry and hence belongs to 74 point group. Looking at the character table we
can see that we have to consider the degeneracy; for example, 7> has (x,y,z} in the last column. This means that the
vibration is going to be active along ail three axes and degeneracy should be expected.

From VSEPR, AsCl; should be trigonal pyramidal with symmetry Ds,. We first obtain the representation in:

D3h E 2 C3 3 Cz T 2S3 3 Oy
[ 18 0 -2 4 -2 4

Tanreduces to: 24," + Ay + 4E' + 3A4," + 2E”; subtracting [ yans (E7 + 45") and [y, (42" + E”), we obtain [yt 24,
+ 3E" + 24," + E”. Thus we expect six Raman bands: 24, + 3E’ + E” (note that 4,” is inactive in Raman because
symmetry type does not contain the same symmetry as the function x* + * + 2.
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Self-Test Exercises
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(a) Cis-diaquadichloridoplatinum(II). The formula is [PtCl,(OH,),]. Note the order used in naming complexes
of the d-block metals (the metal ion is listed, then ligands are listed in alphabetical order).

(b) Diammineferra(thiocyanato-x N)chromate(II1). The -ate suffix added to the name of the metal indicates an
overall negative charge of the complex species, Two NH; molecules and four NCS™ anions are bonded to the
Cr(IIl) ion. The NCS™ ligands use their N atoms to bond to Cr(IIT) as indicated by kN after the ligand name The
formula is [Cr(NCS)4(NH;).] ™.

(¢} Tris(1,2-diaminoethane)rhodium(III). The metal ion is Rh(III), there are three bidentate (chelating) ligands
(see Table 7.1), and the complex is not anionic (-rhodium(II), not -rhodate(Ill)). The formula is [Rh(k’N-
H,NCH,CH,NH,)]** where x’¥ indicates that the ligand is bound to Rh*" through both N atoms. Since the
accepted abbreviation for 1,2-diaminoethane is en, the formula may be written abbreviated as [Rh(en);]*".

(d) Bromidopentacarbonylmanganese(I). The manganese has five CO bonded to it along with one bromide.
The formula is [MnBr (CO);s].

(e) Chloridotris(triphenylphosphine)rhodium(I), The formula is [RhCI(PPh3),].

The hydrate isomers [Cr{NO:)(H20}s]NO>H,0 and [Cr{H;0)sJ(NO,), are possible, as are linkage isomers of the
NO, group. One possible linkage isomer is [Cr{ONO)(H,0)s]NO; " H,0.

The two square-planar isomers of [PtBrCH(PR;),] are shown below. The NMR data indicate that isomer A is the
trans isomer because the two trialkylphosphine ligands occupy opposite corners of the square plane and are in the
identical magnetic environment (i.e., they are NMR equivalent). As a consequence both P nuclei appear as a
singlet in the *'P NMR spectrum. Isomer B is the cis isomer. Note that the two phosphine ligands in the wrans
isomer are related by symmetry elements that this C;, molecule possesses, namely the C; axis (the CI-Pt-Br axis)
and the &, mirror plane that is perpendicular to the molecular plane. Therefore, they exhibit the same chemical
shift in the *'P NMR spectrum of this compound. The two phosphine ligands in the cis isomer are not related by
the o mirror plane that this C; molecule possesses. Since they are chemically nonequivalent, they give rise to
separate groups of *'P resonances.

Br Br
R,P — Plt — PR, Cl — I’It — PR,
& LR3
trans— [PtBrCl{PR,),] cis= [PtBrCI(PR,).)
A B

The glycinato ligand is an unsymmetrical bidentate ligand (it has a neutral amire nitrogen donor atom and a
negatively charged carboxylate oxygen donor atom, see Table 7.1). In the fac isomer, the three N atoms (or three
O atoms) of glycinato ligand should be adjacent and occupy the comers of one triangular face of the octahedron.
In the mer isomer, three N atoms should lie in one plane and the O atoms should lie in a perpendicular plane. If
you imagine that the complex is a sphere, the three N atoms in the mer isomer lie on a meridian of the sphere (the
largest circle that can be drawn on the surface of the sphere). The two isomers and their non-superimposable
mirror images are shown below.

89
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(a) cis-[CrCly(ox);|”: Drawings of two mirror images of this complex are shown below. They are not
superimposable and neither molecule possesses a mirror plane or a centre of inversion. Therefore, they represent
two enantiomers and this complex is chiral.

(b} trans-[CrClz(ox)2]3': Drawings of two mirror images of this complex are also shown below. They are
superimposable, and therefore do not represent two enantiomers but only a single isomer. Note that the complex
has at least one mirror plane; for example, one that is defined by two Cl and Cr atoms and bisects the ligand

backbones.
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(¢) cis«[RhNH(COXPR;);]:  This is a complex of Rh(I), which is a d® metal ion. Four-coordinate d® complexes of
period 5 and period 6 metal ions are almost always square-planar, and [RhH(CO)(PR;);] is no exception. The
bulky PR; ligands arc cis to one another. This compound has C; symmetry, with the mirror plane coincident with
the rhodium atom and the four ligand atoms bound to it. A planar complex cannot be chiral, whether it is square-
planar, trigonal planar, cic., unless the ligands coordinated to the metal are chiral (see Section 7.11 Ligand
chirality). In this case none of the ligands are chiral and the complex is achiral.

In the last column of Table 7.4 we can find statistical /K, ; ratios. From these values and given Kg = 1 x 10°, we
can predict successive formation constants. The first ratio is K/K,-; = Kp/Kpy = 0.42; thus,
Kp=Kq x042=1x 10°x042=42x 10°
In a similar manner we can find the other X values:
Ku=Kpx053=42x10"x053=223 x 10 ¢
Ku=Kpx0.56 =223 x 10* % 0.56 =1.25 x 10*
Kis =K x0.53=1.25x 10* x 0.53 = 6.61 x 10
K =Kes x 042 =6.61 x 10° x 0.42=2.77 x 10°
From here, the overall formation constant (f), is the product of these stepwise formation constants:
Be=1x10° x4.2x10*x2.23 x 10°x 1.25 x 10 x 6.6] x 10°x2.77 x 10°=2.14 x 10%

End-of-Chapter Exercises

E7.1

(a) [Ni(CN)a]*: Tetracyanidonickelate(l)), like most d® metal complexes with four ligands, has square-planar
geometry, shown below.
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{b) [CoCLJ*: Tetrachloridocobaltate(II) is tetrahedral, like most of the first-row transition metal chlorides.

(|:| —1*
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(c) [Mn(NH)s]**: Hexaamminemanganese(ll) has octahedral geometry, shown below Coordination number 6 in
general can have two geometries: octahedral and trigonal prismatic (see Section 7.4(c) Six-coordination). The
trigonal prismatic geometry is, however, very rare and we can confidently assign octahedral geometry to a vast
majority of compiexes with this coordination number.
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The key to writing formulas from a name is keeping the balance of charge between the metal and its ligands. To
do this, you need to know if the ligands that directly bond te the metal are neutral or ionic; this will help you
determine what the oxidation state is on the metal, The chemical name gives the oxidation state of the metal as a
roman numeral; simply balance charge with the ligands that directly bond to the metal and the counter-ions, if
necessary.
(a) [CoCHINH,);5]Cl;, because it is cobalt(Il1) and the ammonia ligands are neutral and the chloride bond to the
metal is anionic, you know that you need two chlorides as your counter-ion,
(b) [Fe(OH;)s](NO3);, again, because the water ligands are neutral, you need three nitrates as your counter-ion to
balance charge.
() cis-[RuCly(en),] has a divalent metal centre, the chlorides are anionic, and 1,2-diaminoethane ligands are
neutral; therefore you do not need a counter-ion to achieve a 2+ charge for the ruthenium atom, rendering the
complex neutral.
(d) [Cr(NH;)s-u—OH-Cr(NH;);5]Cls, the Greek symbol p means you have a bridging ligand between two metal
complexes, so you need to balance charge for the entire dimeric complex. The ammonia ligands are neutral, and
the bridging hydroxide is an anionic ligand, giving one of the chromium atoms a 1+ charge; thus you need five
chloride counter-ions to bring each chromium atom up to a 3+ charge. This gives us an overall 6+ charge for the
dimeric complex.

(a) cis-[CrCL(NH3),]": cis-tetraamminedichloridochromium(III)

(b) trans-JCr(NCS){(NH,),]": frans-diamminetetra(kN-thiocyanato)chromate(III)

(¢) [Co(C;04)(en);|": bis(1,2-diaminoethane)ethylenediamineoxalatocobalt(111), which is neither cis nor #ans but
does have one optical isomer, shown below.
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E7.4  (a) With four-coordinate complexes, the two possible geometries are tetrahedral or square planar, and both are
shown below. Most of the first-row divalent transition metal halides are tetrahedral, whereas metals and their ions
that have a d® electronic configuration tend to be square-planar,
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(b) For a tetrahedral complex there are no isomers for MA,B;; however, for a square-planar complex, there are
two isomers, ¢is and trans, shown below.
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E7.5  With five-coordinate complexes, the two possible geometries are trigonal bipyramidal and square-based
pyramidal, as shown below.
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E7.6 (a) The majority of the six-coordinate complexes are octahedral, very seldom are they trigonal prismatic,
Drawings of thesc are shown below.
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(b) The trigonal prism is rare. Nearly all six-coordinate complexes are octahcdral.

E7.7  The terms monodentate, bidentate, and tetradentate describe how many Lewis bases you have on your ligand and
whether they c¢an physically bind to the metal (i.e., behave as electron pair donors to the metal). A monodentate
ligand can bond to a metal atom only at a single atom, also called a donor atom. A bidentate ligand can bond
through two atoms, and a tetradentate ligand can bond through four atoms. Examples of monodentate and
bidentate ligands are shown below. Tetraazacclotetradecane, from Table 7.1, is an example of a tetradentate
ligand—all four nitrogen atoms can donate a lone pair to the metal.
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E78  Linkage isomers can arise with ambidentate ligands. Ambidentate ligands are ligands that have two different
atoms within the molecule that can serve as a Lewis basic donor atom. An example is the thiocyanide anion
NCS™. It can bond to a metal either through the nitrogen’s lone pair or through the sulphur’s lone pair, depending
on the electronics of the metal. If the metal is soft, then the softer-base sulphur is preferred; if the metal is hard
then the hard-base nitrogen is preferred.

>

NCS-M (thiocyanato-k.S) SCN-M (thiocyanato-xN)

E7.9  (a) Bisdimethylphosphino ethane (dmpe) bonds to a metal through lone pairs on two phosphorus atoms; thus dmpe
is a bidentate, chelating ligand that could also be a bridging ligand due to free rotation around single bonds.
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(b) 2,2-Bipyridine (bpy) is a bidentate, chelating ligand that is able to bond to a metal through both of its nitrogen
atoms.

(c) Pyrazine is a monodentate ligand even though it has two Lewis basic sites. Because of the location of the
nitrogen atoms, the ligand can only bond to one metal; it can, however, bridge two metals, as shown below.

Ho-—l/_\bl u»-—v{_\n—-n
N/ "\

(d) Diethylenetriamine (dien) ligand has three Lewis basic nitrogen atoms, thus it could be a tridentate ligand that

forms two chelating rings with one metal. It can, however, also act as a bidentate ligand (bonding using only two

N atoms) forming one chelate ring and could be a bridging ligand if the third nitrogen atom is bonded to the
second metal {in theory, all three nitrogen atoms could bind to three different metallic centres as well):

H-_‘N/_-\IH |-|!p.|‘ NH HoN NH
\ / \ / N N\
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chelating dien chelating dien bridging diwn
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E7.10

(e) Tetraazacyclododecane ligand, with its four Lewis basic nitrogen atoms, could be a tetradentate, macrocyclic
ligand. Note that structure I, in which M and N atoms are more or less in one plane, would be limited to small
cations (for example Li") because the hole of the macrocycle prevents larger cations from fitting in. For a larger
cation, structure II in which the ligand’s N atoms are above the metal atom, would be expected. This ligand could
be bidentate and bridging (e.g., free N atoms in the bidentate structure are free to bind to another metallic centre).

The generic structures of complexes containing ligands (a) to (g) are'shown below. The examples are taken for
various coordination numbers and geometries because the exercise does not strictly assign them. Following the
structures are some important points regarding each one that you should start to recognise and think about. In each
case L is a neutral monodentate ligand, and metal has a positive charge n+; the overall charge of the complex is
indicated as well (note that it can be the same as the metal charge provided that all ligands are neutral).

{a) ne B}
Hy
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o

(a) 1,2-diaminoethane (en) is shown as an octahedral complex [M(en);]™; since en is a neutral ligand, the
complex is a cation of charge n+. Remember that octahedral complexes such as (a) are chiral.

(b) Oxalate (C,04%, 0x*) is represented as a square planar complex [MLy(0x)]®2"; since the oxalate ligand has a
2~ charge, the overall charge of the complex depends on n+. Note that, although square planar, complex (b) can
only exist as a cis isomer because rigid ox”” prevents the formation of trans isomer.

(¢) Phenantroline (phen) is represented by a tetrahedral complex [MLa(phen)]™. Remember that tetrahedral
complexes cannot have cis/trans isomers. Again the charge of the complex depends on the charge on the metal M.
(d) 12-crown-4 is a crown ether Jigand. Remember that the first number of the name (in this case 12) gives the
total number of atoms forming the ring while the number at the end (in this case 4) gives the number of oxygen
atoms in the ring structure. The geometry of complex (d) can be described as square pyramidal, but keep in mind
that the hole in 12-crown-4 is relatively small and the majority of cations will not fit inside. Consequently the M™
cannot be in the same plane as O atoms.

(¢) Triaminotriethylamine (tren) is also shown in a complex with coordination number five, but this time in
trigonal bipyramidal geometry. Recall that the two most common geometries for coordination number five are
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square pyramid and trigonal bipyramid. The two isomeric structures usually have small differences in energy
meaning that 5-coordinate complexes can exchange geometries, particularly io solution (they are fluxtional).
Complexes (d) and {¢), however cannot change their geometries because their tetradentate lignads are rigid and
lock them in one ligand arrangement only.

(f)y 2.2,6,2"-terpyridine (terpy), a tridentate ligand, is shown in an octahedral complex. Although you should
expect mer/fuc isomers with tridentate ligands, in this case only mer isomer is possible due to the terpy’s rigid
structure.

(g) ETDA" is a very common hexadentate ligand that forms very stable complexes with the majority of metals.
This is frequently used in analytical chemistry during complexometric titrations.

[RuBr(NH;);]CI and [RuCl(NH;)s|Br complexes differ as to which halogen is bonded, and as to which one is the
counter jon. These types of isomers are known as ionization isomers because they give different ions in the
solution. When dissolved [RuBr(NH;)s]Cl will dissociate into [RuBr(NH;)]* and chloride ions, while
[RuCI(NHa)s]Br will produce [RuCI(NH;)s]" and bromide ions.

For tetrahedral complexes, the only isomers found are when you have four different ligands bound to the metal.
Therefore, [CoBr,Cl,]™ and [CoBrCl:(OH,)] have no isomers, However, [CoBrClI(OH;)] has an optical isomer

shown below.
|
OH, I:a
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For square-planar complexes, depending on the ligands, several isomers are possible,
(a) [Pt(ox)(NH3);] has no isomers because of the chelating oxalato ligand. The oxalate forces the ammonia
molecules to be cis only.

(b) [PdBrCI(PEt,);] has two isomers, cis and frans, as shown below.

EtgP, Pécr Et,P\PéCI
B’ B 87 “PEl

Gb{PUBICHPEL)] trano{PAB(CKPEL),)

(c) [(IrHCO(PR;);| has two isomers, cis and zrans, as shown below.

(d) [Pd(gly),] has two isomers, cis and trans, as shown below.
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E7.14 (a) [FeCI(OH,)s]*": This complex has no isomers,

(b) [IrCl;(PEt;);):  There are two isomers for this complex, shown below.
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(¢) |Ru(bpy)]™*: This complex has optical isomers, shown below.
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(d) {[CoCly(en)(NHs);]": This complex has cis and #rans, as well as optical isomers, shown below.
Ci + % + + Ci +
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(e) [W(CO)y(py),) has two isomers, cis and frans, shown below.
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E7.15 Ignoring optical isomers, nine isomers are possible, Including optical isomers, 15 isomers are possible! Read
Section 7.10(a) Geometrical isomerism for a better understanding of all the possible isomers.

E7.16 (a) |Cr(ox);)*: All octahedral #ris(bidentate ligand) complexes are chiral because they can exist as either a right-
hand or a left-hand propeller, as shown in the drawings of the two nonsuperimposable mirror images (the oxalate
ligands are shown in abbreviated form and the 3— charge on the complexes has been omitted).

(b) cis-[PtCly(em)]: This is a four-coordinate complex of a period 6 d® metal ion, so it is undoubtedly square-
planar, You will recali from Chapter 3 that any planar complex contains at least one plane of symmetry (the one in
the plane of the molecule) and must be achiral. In this case the five-membered chelate ring formed by the 1,2-
diaminoethane ligand is not planar, so, strictly speaking, the complex is not planar. It can exist as two enantiomers,
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E7.17

depending on the conformation of the chelate ring, as shown below, However, the conformational interconversion
of the carbon backbone is extremely rapid, so the two enantiomers cannot be separated.

(c) cis-[RhCL(NH;),]*: This complex has two mirror planes (one in the plane defined by 2Cl ligands and Rh
metal and the second perpendicular to the first bisecting Cl-Rh-Cl and N-Rh-N bonds), so it is not chiral. The
structure is shown below (charge has been omitted for clarity).

(d) [Ru(bpy);)**: As stated in the answer to part (a) above, all octahedral #is (bidentate ligand) complexes are
chiral, and this one is no exception. The two nonsuperimposable mirror images are shown above (the bipyridine
ligands are shown in abbreviated form, and the 3+ charge on the complex has been omitted).

(&) fac-[Co(NO,)s(dien)]: There is a mirror plane through the metal, bisecting the dien ligand and (O,N) — Co -
{(NO,) angle shown below. Thus, the complex is not chiral.

(D) mer-[Co(NO,)s(dien)]: There are two mirror planes: one through all three coordinating N atoms of the dien
ligand and the meta! atom, the other through all three nitro groups and the metal atom. Thus, the complex is not
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Below is a picture of both isomers. The best way to do this problem is to draw both isomers as mirror images of
each other, and look along one of the four C; symmetry axes found of ideal octahedral structure. If the ligand
backbone is rotating clockwise then the structure is the A isomer, if it rotates counter clockwise, it is the A isomer.
When you do this, it is obvious which isomer you have, in the case of this problem, the complex drawn in the
exercise is the A isomer. For more help with this concept read Section 7.10(b) Chirality and optical isomers.



Chapter 7: An Introduction to Coordination Compounds 99

C |-*‘° %?
/ o[ ™
@

Assigned ebructure: Mimor image:
A BSomer A isomes

E7.18 Below is a picture of both isomers. As in Problem 7.17, the best way to do this problem is to draw both isomers as
mirror images of each other. A clockwise rotation around C; of perfect octahedral structure would be the A isomer,
and counterclockwise rotation would be the A isomer.

E7.19 The value of the stepwise formation constants drop from Ky, to K, as expected on statistical grounds. However,
the fifth stepwise formation constant is substantially lower, suggesting a change in coordination. In fact, what
happens is the very stable square planar complex ion [Cu(NH,),)*" is formed, and the addition of the fifth NH;
ligand is very difficult. The equilibrium for this step is actually shifted to the left (toward reactants). This results in
Kis < 1 with a negative log value.

E720 The values for the 1,2-diaminoethane reaction are substantially higher, indicating more favourable complex
formation, and this can be attributed to the chelate effect. Read Section 7.14 The chelate and macrocyclic effects
for better understanding of this phenomenon.

Guidelines for Selected Tutorial Problems

T7.2  The most important part of this problem is deciding on the composition of inner-sphere and outer-sphere
complexes of the two compounds mentioned (see Section The language of coordination chemistry). For example,
the fact that three equivalents of AgCl can be quickly obtained from a solution of the pink salt indicates that three
Cl’ anions are a part of the outer-sphere complex. The rest, combined together, should form the inner-sphere
complex [Co(NH:)s(OH,)’", and the salt should be [Co(NH;)s(OH3)]Cl;. It can be demonstrated similarly that the
purple solid is [CoCl (NH;)s]Cl. These guidelines are useful for Tutorial Problems 7.3 and 7.5 as well.

T74  The vital part of information for determining the structure (an hence the name) of the diaqua complex is the fact
that it does not form a chelate with (otherwise chelating) 1,2-diaminoethane ligand, not so much the fact that we
have started with frans isomer. Consult Figure 7.4 in your textbook to determine the structure of the diaqua
complex. For the third isomer you have been given an empirical composition of PtCl;2NH;. The actual
composition can have any multiple of 1 : 2 ratio (i.e., the actual composition might be 2PtCl;4NH;, or
3PtCly;'6NH;, ete. as long as the simplest ratlo remains 1 : 2). If you look at the products from the reaction with
AgNQ;, you will see that one contains a cation [Pt(NH4)4] and the other anion [PtCly)* as inner sphere
complexes. Simply combining the two we have the third isomer [Pt(NH)4])[PtCl,] with composition 2P1Cl;4NH;.
(This is the special case isomerism sometimes referred to as polymer isomerism because the isomers differ by the
number of empirical formula units, or monomers, in their structure; for example, in this case the general formula
of the polymer isomers can bc written as (PtCl;2NH;), with n = 2)) The name for the third isomer is
tetraammineplatinum(Il) tetrachloridoplatinate(ll).
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T7.9

T7.11

Recall from other courses that amines with three different substituents on N atom should be chiral, but due to the
fast isomerization this chirality is not observed in real situations. Once, however, the N atom coordinates to the
metal, the isomerization is not possible any longer—in this case particularly because the N atoms become a part of

a rigid chelating ring.
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BINAP (short for {2,2"-bis(diphenylphosphino)-1,1"-binaphthyl) has axial chirality with the chiral axis coinciding
with the C—C bond connecting two naphthyl systems. The bulky diphenylohosphino groups as well as indicated H
atoms on naphthyl groups prevent the rotation around this C—C bond making the structure stable with respect to

racemisation:

Combine this chirality of BINAP ligand with what you learned about the chirality of complexes to discuss the
chirality of BINAP-containing complexes.
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The ionic radius of Cr(IV), 69 pm, is smaller than that of Ti(IV), 75 pm. The unit cell and d spacings will shrink as
a result of the smaller radius of chromium. The XRD pattemn for CrO, will show identical reflections to those of
rutile TiO, (see Figure 8.4) but shifted to slightly higher diffraction angles.

The K,Se;s crystal with dimensions § x 10 x 20 um would be too small for the single-crystal X-ray diffraction
analysis that typically requires a crystal with dimensions of 50 x 50 x 50 um or above. Smaller crystals, such as
the one in this Self-Test require X-ray sources of higher intensity which are obtained using synchrotron radiation.
Thus, we would need different source of X-rays (see Section 8.1(b) Single-crystal X-ray diffraction and Section
8.1(c) X-ray diffraction at synchrotron sources).

As we can clearly see from Figure 8.13 TiO, patticles absorb the ultraviolet radiation and prevent this type of
radiation from reaching the skin offering protection from the suns rays that can cause skin cancer.

Using the VSEPR theory we find that Xe in XeF; has five electron pairs: three lone and two bonding. Thus, the
molecular geometry is linear with a D4, point group symmetry. As a linear molecule, we expect XeF, to have 3N —
5 =3(3) — 5 = 4 total vibrational modes. These modes cannot be both IR and Raman active as the molecule has a
centre of symmetry (the exclusion rule).

(a) The VSEPR theory would predict a square pyrarnidal geometry for the BiFs molecule. Recall from previous
chapters that this geomeiry would place F atoms in two different environments: apical (F,) and basal (F). Thus,
we would expect two different chemical shifts in '°F NMR: one for F, and one for Fy. The intensity of these
signals should have relative ratios 1 : 4 because there is only one F, whereas there are four F, atoms. According to
the n + 1 rule for the nuclei with I = %, the F, resonance would be split into five equally spaced lines (i.e., a
quintet) by four basal F atoms with line intensities 1 : 4 : 6 : 4 : 1 according to Pascal’s triangle. The signal due to
Fy atoms will be split into a doublet by one F, with line intensities 1 : 1.

(b) Proton resonance of the hydrido ligand consists of eight equal intensity lines. The hydride resonance
couples to three nuclei (two different *'P nuclei—one #rans to the hydride and the other one cis to the hydride
ligand—and the '®Rh nucleus) that are 100% abundant and all of which have I = % (see Table 8.4). The first
doublet is observed due to the coupling between hydride and rhodium. Since the two atoms are directly bonded,
the coupling constant is going to be large. Then, through coupling with P atom frans to the hydride, each line of
the first doublet is going to be split into a doublet creating doublet of doublets. Finally, due to the coupling to the P
atom cis to the hydride, every line of the doublet of doublets is going to be further split into a doublet giving the
observed doublet of doublets of doublets pattern. Since the three coupling constants are different, the effect is to
split the signal into a doublet of doublet of doublets, thus generating eight lines in the NMR of equal intensity.

The assigned compound, Tm4(Si(})(Si;04¢), contains two different silicate anions: the orthosilicate, 8i0.* and
chain Si30,,>". Within SiyO;" we have two different Si environments—one Si atom is in the centre of the chain
with the remaining two Si atoms on each end. The Si atom in the orthosilicate anion is in its own environment.
Thus, we can expect three signals in ?Si-MASNMR of this compound: one for $i0,* (with intensity 1) and two
for Si;040° (with intensities 1 : 2 for central and end Si atoms).

Consulting Table 8.4, we see that 14% of the naturally occurring tungsten is '**W, which has [ = %. Owing to this
spin, the signal is split into two lines. This will be superimposed on a nonsplit signal that arises from the 86% of
tungsten that does not have a spin.

The oxidation state for iron in Sr,FeO, compound is +4. The outermost electron configuration is 3d*. We woutd

expect the isomer shift to be smaller and less positive (below 0.2 mm s™') due to a slight increase of s-electron
density at the nucleus.

101
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Generally as the oxidation state of an atom is increasing, the radius is decreasing. As a consequence the K-shell
electrons are moving closer to the nucleus resulting in an increased stability of these electrons. Thus, the energy of
XAS K-edge is expected to gradually increase with an increase in oxidation state of sulfur from S(-II) in $7 to
S(VI) in SO,™.

Both chlorine (**Cl 76% and *’Ci 24%) and bromine {"’Br 51% and 'Br 49%) exist as two isotopes. Consider the
differences in mass numbers for the isotopes—any compound containing either Ci or Br will have molecular ions
2 u apart. The lightest isotopomer of C1Br; is **Cl7Br; at 272 u and the heaviest is *’C1®'Br; at 280 u. Three other
molecular masses are possible, giving rise to a total of five peaks in the mass spectrum shown in Figure 8.38. The
differences in the relative intensities of these peaks are a consequence of the differences in the percent abundance
for each isotope.

CHN analysis is used to determine percent composition (mass percentages of C, H, and N). Because the atomic
masses of 5d metals are significantly higher than the atomic masses of 3d metals, the hydrogen percentages will be
less accurate as they correspond to smaller fractions of the overall molecular masses of the compounds.

The EDAX analysis does not give very accurate quantitative results for the magnesium aluminum silicate because
the three elements (Mg, Al and Si) are next to each other in the periodic table; thus we can expect some peak

overlapping.

7.673 mg of tin corresponds to 0.0646 mmol of Sn. The 10.000 mg sample will contain 2.327 mg of oxygen
(10.000 mg — 7.673 mg) or 0.145 mmol of O. We could write the initial formula of this oxide as Sng ossO0 145. The
molecular formulas of compounds, however, are generally written using the whole numbers in subscripts (unless
the compound is indeed nonstoichiometric) and not fractions or irrational numbers. To convert our subscripts to
the whole numbers we divide both with the smaller of the two. Thus we obtain 0.0646/0.0646 = 1 and
0.145/0.0646 = 0.244. The last number is still not a whole number but it becomes obvious that by multiplying both
values by 2 we can obtain whole numbers 2 and 3.

Os(1II) solution at pH 3.1 contains an 0s"OH species, whereas Os(I1V) solutions at the same pH have an 0sVo
species. From Pourbaix diagram we see that Os"'OH complex remains protonated in the pH range 3.1 to 13. This
means that at very high sweep rates electron transfer is going to be fast in comparison to proton transfer. As a
consequence we should see one reversible peak in the cyclic voltamograms in this pH range.

End-of-Chapter Exercises

E8.1
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E83

As the collected white powder is crystalline, you could use powder X-ray diffraction to collect data. The identity
of crystalline components in the powder can be determined by analyzing the peak pattern and matching the peak
positions and their intensity with standards (e.g., JCPDS).

If the laboratory single-crystal diffractometer can study crystals that are 50 pm x 50 um x 50 pum, with a new
synchrotron source that has a millionfold increase in source intensity, one can reduce the crystal volume by 1/10%,
thus the size would be 0.5 pm x 0.5 um x 0.5 pum. The opposite happens if the flux is reduced: we need bigger
crystal. For the 10 times weaker neutron flux we must have a crystal with 10° larger volume—the minimum size
is then 500 um x 500 pm x 500 um.

The difficulty in determining element-hydrogen bend lengths {i.e., the distance between the two nuclei) with high
accuracy is due to the fact that a hydrogen atom has only one electron. Hydrogen’s electron is normally a part of a
bond and hence displaced from the H atom. Since the single-crystal X-ray analysis relies on electron densities to
determine the locations of the atoms, H atoms lack sufficient electron density around the nucleus for their location
to be determined with a high accuracy. This, however, is not the case with Se-O bonds because both Se and O
have a sufficient number of electrons for accurate determination of their locations in the crystal structure.
Hydrogen bonding can also further reduce the accuracy because the nucleus is shifted toward H-bond acceptor
(i.e., O atom in SeO,* in this case) and away from H-bond donor (N atom in this case).
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Using the de Broglie relation given in Section 8.2, we have:
A =h/my=(6.626 x 107 I 5)/(1.675 x 107 kg)(2200 m/s) = 1.80 x 107* m
or 180 pm. This wavelength is very usefui for diffraction because it is comparabie to interatomic spacings.

Unlike X-rays, which are scattered by the electrons, the neutrons are scattered by atomic nuclei in a crystalline
sample. The X-ray analysis always underestimates element-hydrogen bond lengths because of very low electron
density at H nucleus. H atom, having only one electron, has very low electron density that is further decreased
when H bonds to the other atoms because the electron now resides between the two nuclei forming a bond. This is
not an issue with neutron diffraction because neutrons will be scattered by hydrogen nucleus providing us with its
very accurate location. We could, however, expect less discrepancy with measurement of C—H bonds. This is due
to the lower electronegativity of carbon vs. oxygen. In O-H bonds the bonding electron pair (which contains H’s
electron) is shifted more toward oxygen which makes H atom appear closer in the electron density map. On the
other hand, C-H bond is of low polarity and the bonding pair is more equally distributed between the two nuclei.

N(SiH;); is planar and thus N is at the center of the molecule and does not move in the symmetric siretch. N(CH;);
is pyramidal and the N-C symmetric stretch involves displacement of N.

The energy of a molecular vibration is determined by Equation 8.4a in your textbook:

1
z
E, =[v +1Jhw=h[y+llf_] »and B = M’FN_H _ M
2 AU my +my m, +m,

We can make a few reasonable assumptions that will help us to calculate the expected wavenumber for N-D
stretch from a known N-H stretch. First, we can assume that the force constants, &, are approximately equal in two
cases, that is, An_p= &n_y. The second approximation ts that #zy + mp = my + my = my. Thus, keeping in mind these
assumptions and all constant values, we can show that, afier canceling, the ratio of vibrational energies is:

E?_D VHN-n my

N-H
E, Hnop My

And from the above ratio:
E‘N-D - EF_H _ E:J-H

N

Considering that the energies and wavenumber are related through £ = peiv , we finally have:

neo VT 3400em™

pNb o =" =2404cm™
:;I"D 'JE

The bond orders for CN"and CO are the same, but N is lighter than O, hence the reduced mass for CN™ is smaller
than for CO. From Equation 8.4a, the smaller effective mass of the oscillator for CN™ causes the molecule to have
the higher stretching frequency because they are inversely proportional. The bond order for NO is 2.5, and N is
heavier than C, hence CO has a higher stretching frequency than NO.

The bond in O-" (bond order = 2.5) is stronger than in O, (bond order = 2). Therefore, O, has the higher force
constant and the stretching frequency is expected to be above that for O, (in the region of 1800 cm™). See Section
2.8 for more on bond orders in homonuclear diatomics. Considering that this is a homonuclear, diatomic cation,
there is no net dipol moment (the positive charge is uniformly distributed over all cations) and thus the stretch

should be Raman and not IR active.
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Consult the solution for the Example 8.5 for the structure of SeF,—since Se and S are in the same group of the
periodic table the VSEPR theory would predict identical structures, i.e. see-saw. The fluorine atoms in SeF, are in
two different magnetic environments: two F atoms form one plane with the lone electron pair on selenium
(equatorial F atoms), whereas the other two are perpendicular to this plane (axial F atoms). Thus, we would expect
two signals in '"F NMR. However, the F atoms are bonded to the NMR active "’Se with [ = '. Thus, the axial F
atoms are going to be coupled to "’Se (large one-bond coupling constant) and their signal is going to be split into a
doublet. They are further coupled to two equatorial F atoms and the signal is further split into a triplet producing
finally a doublet of tri?lets. The same analysis for the equatorial F atoms will give another doublet of triplets.
Thus, the "°F NMR of 7’SeF, would consist of two doublet of triplets with relative intensity 1 : 1. The ”Se NMR
would consist of triplet of triplets because "’Se is coupled to two equatorial and two axial '°F nuclei.

Using VSEPR theory we can determine that XeFs has a pentagonal planar molecular geometry, so all five of the F
atoms are magnetically equivalent and thus the molecule shows a single '°F resonance. Approximately 25% of the
Xe is present as 12Xe, which has 7 = 1/2, and in this case the '°F resonance is split into a doublet. The final result
is a composite: two lines each of 12.5% intensity from the 'F coupled to the '*’Xe, and one line of 75% intensity
for the remainder.

Although Co0,(CO)s has two magnetically distinct carbonyl environments in the solution (terminal and bridging
carbonyls), the structure is fluxional at room temperature and the CO ligands are exchanging bridging and terminal
position sufficiently fast so that an average signal is seen and only one peak is observed.

The salt CsPClg is a ionic compound build of Cs* cations and octahedral PCls™ anions. If the *'P MASNMR of
PCls shows two resonances, one of which is similar to the one found in the >'P MASNMR of the salt, that means
solid PCls contains PClg anions. The second resonance must belong to some other P-containing species in PCls,
which in this case is the cation PCl,". PCl; in a solid state is a ionic compound [PCI,){PCls); the formation of ions
can be understood as a Lewis acid-base reaction:

PCls + PCls — [PCs][PClg])

Rearranging Equation 8.7 we have g = AE / pgB,. In order to calculate the g values, we obtain the B, values from
the EPR spectrum shown in Figure 8.49 (the three lines drawn to the x-axis correspond to 348, 387, and 432 mT)
and set the AE = hv where v is equal to the given microwave frequency. The three g values are thus 1.94, 1.74, and
1.56, respectively. See below for an example of the calculation for the first line.

2= [(6.626 < 107 I 5)(9.43 x 10° s}/ (9.27401 x 107> J/T)(0.348 T) = 1.94

Consulting Table 8.2 in the text, we can see that EPR is a somewhat faster technique than NMR, thus EPR would
be more sensitive.

In aqueous solution at room temperature, molecular tumbling is fast compared to the timescale of the EPR
transition (approximately gm,B,/h), and this removes the effect of the g-value anisotropy. We expect a derivative-
type spectrum, possibly exhibiting hyperfine structure that is centred at the average g value, In frozen solution, g-
value anisotropy can be observed because the spectrum records the values of g projected along each of the three
axes, and the averaging from molecular tumbling does not apply.

The oxidation state for iron in Na;Fe™Q, results in a 3d° configuration. As the 3d electrons are removed the
isomer shift becomes less positive as the 3d electrons partly screen the nucleus from the inner s electrons.
Compared to Fe(I1I) with isomer shift between +0.2 and +0.5 mm s, we would expect a smaller positive shift for
Fe(V) below +0.2 mm s™'. The shift for Na;FeO, will be less positive than for Sc,FeQ; due to the higher oxidation
state of Fe (+5 in NasFeQ, vs. +4 in ScoFeOy).

The total charge on Fe atoms in Fes[Fe(CN)¢]; must add up to +18 owing to the —18 negative charges on the 18
cyanide anions. Thus we can have four Fe(IIl) and three Fe(II). EPR can detect Fe(IIf) but not Fe(II) because all of
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the electrons are paired in the high-field, low-spin Fe(Il) octahedral complex. Massbauer spectroscopy can
distinguish between Fe(ll) and Fe(Ill) and between “complexed” Fe(ll) coordinated by 6CN™ and “complexed”
Fe(Ill) coordinated by 6CN~ because uncomplexed Fe(II) will have a larger quadrupole splitting than
uncomplexed Fe(lll), whereas complexed Fe(IT) will have a smaller quadrupole splitting than complexed Fe(III).

Silver has two isotopes, '“Ag (51.82%) and '®Ag (48.18%). You should look up this information yourself, which
can be found in many reference books (e.g., CRC Handbook of Chemistry and Physics). Thus the average mass is
near 108, but no peak exists at this location because there is no isotope with this mass number. Compounds that
contain silver will have two mass peaks flanking this average mass.

Considering systematic loss of individual ligands on the organometallic comptex, the major peaks would be at 258
{due to the molecular ion, Mo(CsHe)(CO);"), 230 (Mo{CsHg)(CO):7), 200 (Mo(CsHg)(COY), 186 (Mo(CsHg)"),
and 174 (Mo(CQO);").

The molar mass of the dehydrated zeolite, CaA),SisO1s, is 518.5 g mol™'. The molar mass of water is 18.0 g mol™.
We can solve for » using the mass percentage of water.

mass of H20 in the sample 18n
x100% = —— x 100% = 20%

mass of the sample 518.5+18n
18n=10.2 (518.5+ 18#n)

Mass % of HZO =

14.4 n=103.7
n=172
[solating » as an integer we can estimate that n=7.

The complex undergoes a reversible one-electron reduction with a reduction potential of 0.21 V. This can be
calculated by taking the mean of £,,(0.240 V) and E(0.18 V), see Figure 8.46. Above 0.720 V the complex is
oxidized to a species that undergoes a further chemical reaction, and thus is not re-reduced. This step is not
reversible.

The regular crystalline periodicity is required for Bragg diffraction in order to have constructive interference of the
X-rays that leads to observable peaks in the XRD pattern. Glass, however, is a network covalent solid with no
long-range periodicity or order—it is an amorphous rather than crystalline solid—as such it will not diffract X-
rays. The observation of X-ray diffraction pattern after the glass sample was heated indicates that at least a part of
the sample crystallized. The fact that the exothermic event was observed suggests either change of phase (from
amorphous to crystalline) or chemical reaction that yielded a crystalline product.

The ratio of cobalt to acetylacetone in the complex is 3:1. Converting the given mass percents of Co and C to
moles of Co and C, we find that for every one mole of Co in the product we have 15 moles of C: moles of Co =
0.28 mol; moles of C = 4.2 mol. Considering that every acac™ ligand has five carbon atoms, it is obvious that for
each mole of Co we have three moles of acac™, This ratio is consistent with the formula Co(acac);. (Consult
Section 7.1 for more detail on the acetylacetonate ligand and cobalt coordination complexes.)

(a) If Os(IV) complex decomposed rapidly, then the voltamogram would not be reversible, and would be

unsymmetrical,
(b) If Os(III) complex is oxidized rapidly to Os(V), we would see only one peak in voltamogram with twice the
height of single peaks shown in Figure 8.53(a).
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You have to think about two important factors when considering hydrogen storage materials. First, the candidates
for hydrogen storage materials are based on both compounds containing light elements (most notably B and N)
and transition metals. These two groups can require different methods of analysis. Second, ultimately the good
hydrogen storage material should “pack” a lot of hydrogen (a good measure of this is the weight percentage of H
stored in the material—you do not want to carry around a lot of weight that contains very little useful material),
and the analysis of hydrogen content itself presents some challenges.

If you really want to cover all challenges related to the two analyses, you should also consider the issues related to
the sample collection and storage. On the question of specific samples (volcano vs. sediment), consider the phases
of the sample, amounts of substances of interest, and potential toxicities.
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Refer to Figure 9.9 in your textbook. Cd and Pb are classified as chalcophiles and give soft cations. Thus, they will
be found as sulfides. Rb and Sr are lithophiles and are hard; they can be found in aluminositicate minerals. Cr and
Pd are siderophiles and give cations of intetmediate hardness. As such, they can be found as both oxides and
sulphides. Palladium can also be found in elemental form.

In this case you have to consider two potential reactions: (i) possible oxidation by H" and (ii) possible oxidation by
O,. The first case has been covered in the text, but we can look at the two half-reactions, assuming standard
conditions:

H'(aq) + € — Y% Hiy(g), E*=0.00V

V¥ (aq) +&” — V¥(aq), E°=-0255V

Thus, the overall reaction, V**(aq) + H'(aq) — V**(aq) + % H;(g), would have a positive potential difference (£ =
+ 0.255 V) and the reaction is spontaneous. {Recall that reactions with a positive potential difference have negative
AG and are thus spontaneous.) Further oxidation of V** (2q) by H'(aq) is not feasible because the potential
difference would be negative. For example, consider half-reaction for oxidation of V**(aq) to V*(aq) by H'(aq):

H(aq) + € — % Hy(g), E=0.00V
VO™ + e +2H" - V¥(aq) + H,0(l), E°=+0.337V

Combining these two reactions we would get a negative potentia) difference (£ = - 0.337V) and a nonspontaneous
reaction.

The reduction potential for O,(g) in acidic medium is +1.23 V (for half-reaction % Ox(g) + 2¢™ + 2H" —
H,O(1}), meaning that O, is a better oxidizing agent than H'. Consequently, O1(g) will be able to oxidize Vz"(aq) o
V*(aq) as well, but we have to check if oxidation of V**(aq) to VO*" is now possible: £ =+1.23 V - (+0.337 V) =
+ 0,893 V. The potential difference is positive, and VO™ (aq) should be more stable than V**(aq) and V**(aq)
under these conditions. Similar analysis shows that VO*(aq) could be further oxidized to VO, (aq) with Ox(g)
with potential difference of +0.23 V. Overall, this indicates that V**(aq) should be oxidized by Ox(g) in the acidic
solution all the way to the thermodynamically favoured species VO, (aq). Note that this does not necessarily mean
that the process will occur—the kinetics might be slow, and particularly importants factor to consider when

. dealing with Ox(g) oxidation are overpotentials. Consequently, V**(aq) and/or VO* might be reasonably long-

lived species in acidic medium when exposed to oxygen from air.

Oxygen forms a double bond that is three times more stable than its single bond. Owing to this tendency to form
strong double bonds, it is very unlikely that longer-chain polyoxygen anions would exist. Sulfur is much less likely
to form = bonds and therefore more likely to generate catenated polysulfide anions.

The energy required to convert solid elements into the gaseous atomic form drops going down the group. This is
expected because the bond strengths decrease in the same order and it becomes easier to break the molecules in
solids. It is evident from the values that as we move down the group from S to Se to Te, the steric crowding of the
fluorine atoms is minimized owing to the increasing radius of the central atom. As a result, the enthalpy values
become larger and more negative (more exothermic) and the higher steric number compounds (such as TeFy) are
more likely to form.

We would have to know the products formed upon thermal decomposition for P40y and thermodynamic data for
the product. We could use data for V,0s from the Exercise 9.5.

Xe is the central atom. With § valence electrons from Xe and 24 electrons (6 from each O) we have 32 total
electrons and 16 electron pairs. We would predict a tetrahedral geometry to minimize electron pair repulsions.
Note that in order to minimize formal charge, the xenon will form double bonds with each oxygen. Because the
atomic number of Xe is 54, the Z + 22 is Os (Z = 76). The compound with the same structure is OsO,.

107
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(2) Ba, +2; (b) As, +5; (¢) P, +5; (d) Cl, +7; () Ti, +4; {f) Cr, +6
The group is the alkaline earth metals or Group 2 elements. Consult Sections 12.8 and 12.9 for detailed reactions.

These elements are Group 15. This group is very diverse. N and P arc nonmetals; As and Sb are metalloids, and Bi
is metallic. The +5 and +3 oxidation states are common for the group electron configuration of ns’p’. Phoshine and
arsine are well-known toxic gases.

If the maximum oxidation state at the bottom is +6, that means the group in question must have six valence
electrons. That narrows the answer down to Groups 6 and 16. Group 16 is headed by oxygen which is a non-
metallic element and has -2 as the most stable oxidation state. That leaves us with Group 6 in the d-block. In this
group all elements are metallic and chromium has +3 as its most stable oxidation state. Thus, the group sought is
the chromium group of Group 6.

The key steps in the Born~Haber cycle for NaCl, are:

Na(s) - Na(g) sublimation A (Na)
Clx(g) - 2CI(g) dissociation Agd(Cly)
Na(g) - Na'(g) + le” first ionization 1,(Na)

Na'(g) - Na®'(g) + le” second ionization L(Na)

2CI(g) + 2 e - 2C1 (g) electron gain ALHH(CI)
Naz+(g) +2CI" (g) > NaClx(s) lattice enthalpy ~ALH(NaCl,)

You can calculate the lattice enthalpy by moving around the cycle and noting that the enthalpy of formation
AdTP(NaCly) = AgpH°(Na) + Agf(Cly) + [i(Na) + I(Na) — A, H*(Cly —A H°(NaCl;). The second ionization
energy of sodium is 4562 kJ mol™ and is responsible for the fact that the compound does not exist as it would
result in a large, positive enthalpy of formation.

The relative stability of an oxidation state in which the oxidation number is 2 less than the group number is an
example of the inert pair effect. This is a recurring theme in the heavier p-block elements. Beyond Group 15 where
we see inert pair effect influencing the favoured +3 oxidation state for elements such as Bi and Sb, we also find
stable +5 oxidation statcs for the halogens in Group 17. Examples include BrQ;™ and 10;™. As a result of this
intermediate oxidation state, these compounds can function as both oxidizing and reducing agents. Group 16
elements {except oxygen) also form several stable compounds with +4 oxidation states including SF, and SeF,.
The inert pair effect would manifest itself the most for Po, the heaviest member of the Group 16.

Metallic character and ionic radii decrease across a period and down a group. lonization energy increases across a
period and decreases down a group. Large atoms typically have low ionization energies and are more metallic in
character.

(a) Be has the higher first ionization energy. Although B is on the right side of Be, boron’s characteristic electronic
configuration results in a lower first ionization energy than expected (see Section 1.7(b) fonization energy).
{b) C has the higher first ionization energy. Recall that the first ionization energy. generally decreases going down

a group in the periodic table.
(¢) Mn has the higher first ionization energy. Recall that the first ionization energy generally increases if we move

from left to right along a period in the periodic table.

(a) Na is the more electronegative one. Recall that electronegativity decreases down a group in the periodic table

(see Section 1.7(d) Electronegativity).
{b) O is the more electronegative one—after fluorine, oxygen is the most electronegative element; also, with
respect to Si, it 1s located closer to the top right corner where the highest electronegativity is found (i.e., that for

fluorine).
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Refer to Section 9.8(a) Hydrides of the elements:
(a) LiH is saline; (b) SiH; is molecular; (c¢) B,H; is molecular; (d) UH; is saline; {e) PdH, is metallic hydride.

Refer to Sections 9.8(b) Oxides of the elements and 4.4 Anhydrous oxides:
{a) NayO is basic; (b) P2Os is acidic; (¢) ZnO is amphoteric; (d) Si0, is acidic; (e} Al;0s is amphoteric; (f) MnO is
basic.

The covalent character increases with increasing oxidation state of the metal; thus the covalent character is
increasing in order CrF, < CrF; < CrFq. Refer to Section 9.8(c) Halides of the elements.

{a)} Mg, MgCO; magnesite; (b) Al, AlO; bauxite; (¢) Pb, PbS galena; (d) Fe, magnetite Fe;0,.

The atomic number of P is 15. The Z + 8 element has an atomic number of 23 and is V (vanadium). Both form
compounds with varying oxidation states up to a maximum value of +5. Both form stable oxides including ones in
+5 oxidation state (V05 and P:0s). Like phosphorus, vanadium forms oxoanions including ortho-, pyro-, and
meta-anions. Consult Section 15.5 for analogous phosphorus oxoanions.

What we are looking for are Se—F bond dissociation energies in SeF; and SeFg. To determine these values we have
to use the Bom-Haber cycle. Looking first at SeFg, we have:

Se(s) + 3F(g) — SeF(g), Adf =- 1030 kJ/mol
We can break this reaction into three elementary steps:

1. Se(s) — Se(g); A H(Se) =+227 kl/mol
2. 3Fy(g) — 6F(g); AH(F) = +159 kI/mol x 3
3. Se(g) + 6F(g) — SeFq(g); AH =X

Note that A,H for reaction 2 has to be multiplied by three because we necd to atomize (break bonds in) three moles
of F3(g). Also note that in reaction 3 we form six Se-F bonds and no other physical or chemical transformation
takes place. If we sum reactions 1-3 we get our first reaction given above. Thus, we can write:

A = A H(Se) + 3xAH(F) + A H. Now substitute given values:

-1030 k¥/mol =227 kl/mol + 3x15%J/mol + X

From here:
X =-1030 k)/mol — 227kJ/mol — 3x159kJ)/mol = -1575 kJ/mol

Since X gives energy released per six Se-F bonds and we negd only one Se-F, we have to divide X by 6, and get
—262.5 kJ/mol. Further, we have to change the sign to finally obtain B(Se — F) in SeFs as 262.5 kJ/mol, because
B(Se — F) is bond dissociation energy (energy required to break the bond) not bond formation energy (energy
released when a bond is formed).

In & similar way we can determine the B(Se — F) for SeF,.

Se(s) + 2Fx(g) — SeFq(g), Add = -850 kl/mol
Elementary steps are:

1. Se(s) — Se(g); A,H(Se) = +227 kI/mol
2. 2Fx(g) — 4F(g); A, H(F) = +159 k}/mol x 2
3. Se(g) +4F(g) — SeFy(g); A =X

Note that this time A,(F) is multiplied by 2 and that in reaction 3 four Se-F bonds are formed. We have:

—850 kJ/mol = 227 k¥/mol + 2x159kJ/mol + X
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And
X =850 kJ/mol - 227kJ/mol — 2x159kJ/mol = —1359 kJ/mol

And the bond dissociation energy B(Se — F) in SeF, is (-1359 kJ/mol x —1)/4 = 348.7 kJ/mol.

Comparing the Se-F bond strength in SeF,4 and S-F bond strength in SF, we see that the Se —F bond is slightly
stronger (for about 8 kJ/mol) than the S-F bond. However, the Se—F bends in SeFs are significantly weaker in
comparison to the S—F bonds in SFg. This reflects the general periodic trend according to which the E-X bond
decreases in strength on going down the group.

Guidelines for Selected Tutorial Problems

T9.4

A good starting reference for this exploration is Eric R. Scerri. (1998). “The Evolution of the Periodic System.”
Scientific American, 279, 78-83 and references provided at the end of this article. The website “The Internet
Database of Periodic Tables” (http://www. meta-synthesis.com/webbook/35 pt/pt_database.php) is also useful.
From the modem designs (post-Mendeleev), interesting ones to consider are Hinrichs’ spiral periodic table,
Benfey’s oval table, Janet’s left-step periodic table, and Dufour’s tree.



http://www.meta-svnthesis.com/webbook/35

Chapter 10 Hydrogen

Self-Test Exercises

S10.1

510.2

§10.3

$10.4

A good guide as to whether a compound EH, will act as 2 proton donor or hydride donor is provided by the
electronegativity difference between H and E. If E is more electronegative than H, clcavage of an E-H bond
releases a proton, H™. If E is less electronegative than H, cleavage results in transfer of a hydride, H. Given the
following compounds, CHj, SiHs, and GeHs, carbon is the only E that is more electronegative than H, thus it
would be the strongest Brensted acid. In other words, CH, would be more likely to release protons than SiH4 and
GeH.. Ge has the least electronegative E, thus GeH, would be the best hydride donor of the three.

(a) Ca(s) + Ha(g) — CaHa(s). This is the reaction of a reactive s-block metal with hydrogen, which is the way that
saline metal hydrides are prepared.

(b) NH;(g) + BFs(g) - HsN-BF;(g). This is the reaction of a Lewis base (NH;) and a Lewis acid (BF;). The
product is a Lewis acid—base complex. (Review Sections 4.6 and 4.7(b})).

{c) LiOH(s) + Hx(g) = NR. Although dihydrogen can behave as an oxidant (e.g., with Li to form LiH) or as a
reductant (e.g., with O, to form H,0), it does not behave as a Brensted or Lewis acid or base. It does not react with
strong bases, like LiOH, or with strong acids.

The given reaction,
[PAH(PNP),]" + [PH{PNP),]** =—=[Pd(PNP),)** + [PtH(PNP),]" ArG

can be broken into two separate processes:

[PAH(PNP),]* ===[Pd(PNP),]** + H™ AuG(Pd)
and

[Pt{PNP),J** + H™ === [PtH(PNP),{" —AyG(Pt)
According to Hess’ law:

AG = AyG(Pd) + (~AuG(PL))
where A.G is the Gibbs energy of the total reaction. A,G can be calculated from the equilibrium constant that is
given and the temperature of 298 K
AG =-23RTlogK = -2.3x8.314 K I"! mel™ x 298 K x log(450) =-15.1 kJ mol™’
From here:
AyG(Pd) = A,G - (-AyG(PY))
= —15.1 kI mol™ + 232 kJ mol™'
AyG(Pd) = 227 kJ mol™

(Note: The value for AyG(Pt) has been taken from Example 10.3.)

A possible procedure is as follows:
Et;SnH{ + 2Na — 2Na" Et;Sn™ + H,

2Na* Et;Sn~ + CH;Br — MeEt;Sn + NaBr

End-of-Chapter Exercises

E10.1

(a) Hydrogen in Group 1: Hydrogen has one valence electron like the group 1 metals and is stable as H',
especially in aqueous media. The other group 1 metals have one valence electron and are stable as M" cations in
solution and in the solid state as simple ionic salts. In most periodic charts, hydrogen is generally put with this
group, given the above information.

{b) Hydrogen in Group 17: Hydrogen can fill its s orbital and make a hydride H'. Hydrides are isoelectronic
with He, a noble gas configuration, thus are relatively stable. Group 1 and Group 2 metals, as well as transition
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E10.2

E10.3

metals, stabilize hydrides. The halogens form stable X~ anions, obtaining a noble gas configuration, both in
solution and in the solid state as simple ionic salts. Some periodic charts put hydrogen both in Group | and in
Group 17 for the reasons stated above. The halogens are diatomic gases just like hydrogen, so physically
hydrogen would fit well in Group 17.

(¢} Hydrogen in Group 14: All elements in Group 14, however, have four valence electrons and thus are half way
to obtaining the octet of a corresponding noble gas (i.e., neon for carbon, Ar for Si etc.). Hydrogen has only one
electron and thus is half way toward obtaining a stable electronic configuration of its corresponding noble gas, He.
Looking at the physical properties, the addition of hydrogen to Group 14 would add a gaseous non-metal to the
group producing a gradual change of the properties to non-metallic (but solid) carbon, then somewhat more
metallic solid silicon all the way to purely metallic lead. However, none of these reasons are compelling enough to
warrant placing hydrogen in Group 14.

(a) HS: When hydrogen is less electronegative than the other element in a binary compound (H is 2.20, S is 2.58;
see Table [.7), its oxidation number is +1, Therefore, the oxidation number of sulfur in hydrogen sulfide (sulfane)
is-2.

(b} KH:In this case, hydrogen (2.20) is more electronegative than potassium (0.82), so its oxidation number is -1.
Therefore, the oxidation number of potassium in potassium hydride is +1.

(¢) [ReH,]*: The electronegativity of rhenjum is not given in Table 1.7. However, since it is a metal (a member of
the d-block), it is reasonable to conclude that it is less electronegative than hydrogen. Therefore, if hydrogen is —1
and taking into account the overall 2— charge of this species, then the rhenium atom in the [ReHo]* ion has an
oxidation number of +7.

(d) H;804: The structure of sulfuric acid is shown below. Since the hydrogen atoms are bound to very
electronegative oxygen atoms, their oxidation number is +1. Furthermore, since oxygen is always assigned an
oxidation number of -2 (except for O, and peroxides, as well as relatively rare superoxides and ozonides), sulfur
has an oxidation number of +6.

0
H \“ mlfl\
.‘n\ \ ¥ /
ASIRA
H,504 H,PO(CH)

{e) H,PO(OH): The structure of hypophosphorous acid (also called phosphinic acid) is shown above. There are
two types of hydrogen atoms. The one that is bonded to an oxygen atom has an oxidation number of +1. The two
that are bonded to the phosphorus atom present a problem because phosphorus (2.19) and hydrogen (2.20) have
nearly equal electronegativities. Considering that P atom is less electronegative than H atom (although not for very
much) the two hydrogen atoms have an oxidation number of +1, and oxygen, as above, is assigned an oxidation
number of -2, then the phosphorus atom in H,PO(OH) has an oxidation number of +1.

As discussed in Section 10.4 Production of dilydrogen the three industrial methods of preparing H; are (i) steam
{or hydrocarbon) reforming, (ii) coal gasification, and (iii) the water-gas shift reaction (also called the water-gas
shift reaction). The balanced equations are:
(i) CHig) + HyO — CO(g) + 3Ha(g) (1000°C)
(i) C(s) + HO — CO(g) + Ha(g) (1000°C)
(i) CO(g) + H:0.— COi(g) + Hilg)

Note that in the countries where electricity is cheap, the electrolysis of water may be an important process for the
preduction of H; gas.
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These large-scale reactions are not very convenient for the preparation of small quantities of hydrogen in the
laboratory. Instead, (iv) treatment of an acid with an active metal (such as zinc) or (v} treatment of a metal hydride
with water would be suitable. The balanced equations are:

(iv) Zn(s) + 2HCl(aq) & Zn**(ag) + 2CU(aq) + Hi(g)

(v) NaH(s) + H,0 — Na'(aq) + OH(aq) + Hy(g)

(a) Position in the periodic table: Your result should look like Figure 10.2.

(b) Trends in AG°: Good guiding principles to keep in mind here are the differences in electronegativity and
atomic and ionic sizes. You can consult Figure 10.3 that shows E-H bond energies as well. Your result should
reflect the data shown in Table 10.1.

(c) Different molecular hydrides: Molecular hydrides are found in Groups 13 through 17. Those in Group 13 are
electron-deficient, those in Group 14 are electron-precise, and those in Groups 15 through 17 are electron-rich,

If water did not have hydrogen bonds, it most likely would be a gas at room temperature like its heavier
homologues H,S, H,Se, and H,Te; see Figure 10.6. Extrapolating the boiling point values, we can estimate a
boiling point of about —50°C or below for H,O without H-bonding. Also, most pure compounds are denser as a
solid then as a liquid. Because of hydrogen bonding, water is actually less dense as a solid and has the structure
shown in Figure 10,7, This is why ice floats. If there were no hydrogen bonds, it would be expected that ice
would be denser than water. Consult Section 10.6(a)iii} Hydrogen bonding and Figure 10.7 if you need to review
this material.

Since S is less electronegative than O, the partial positive charge on the H in O-H is higher than that on the H
atom in S—H; therefore, S-H:+ O has a weaker hydrogen bond than O-H---S because the electrostatic interaction
between the more positive H in H;O and a lone electron pair on S is stronger.

{a) Batl,: This compound is named barium hydride. It is a saline hydride.

(b) SiH,: This compound is named silane. It is an electron-precise molecular hydride.

(c) NH;: This familiar compound is known by its common name, ammonia, rather than by the systematic names
azane or nitrane. Ammonia is an electron-rich molecular hydride.

(d) AsHj: This compound is generally known by its common name, arsine, rather than by its systematic name,
arsane. It is also an electron-rich molecular hydride.

(e) PdHy,: This compound is named palladium hydride. It is a metallic hydride.

(f) HI: This compound is known by its common name, hydrogen iodide, rather than by its systematic name,
iodane. It is an electron-rich molecular hydride.

(a) Hydridic character: Barium hydride from Exercise 10.7 is a good example because it reacts with proton
sources such as H;O to form H,:

BaHa(s) + 2H,0(l) = 2Hx(g) + Ba(OH)(s)
Net reaction: 2H™ + 2H" — 2H,
(b) Brensted acidity: Hydrogen iodide is a good example because it transfers its proton to a variety of bases, and
in water is behaving as a strong Bransted acid:

HI +H,0 — I" + H;0'

(c) Variable composition: The compound PdHy, is a good example. Generally, we can expect hydrides of heavier
d-block and f-block elements to display variable composition.
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(d) Lewis basicity: Ammonia is a good example because it forms acid-base complexes with a variety of Lewis
acids, including BMe;:

NH;(g)} + BMej(g) — H:NBMe;(g)

Note that AsH; could also behave as a Lewis base {As and N are both in Group |5 and both AsH; and NH, are
electron-rich hydrides), however NH; is a better Lewis base.

Of the compounds listed in Exercise 10.7, BaH; and PdH, 4 are solids; none is a liquid; and SiH,, NH,, AsH3, and
HI are gases (see Figure 10.6). Only PdH,, is likely to be a good electrical conductor.

Recall from Sections 1.7 and 3.10(a) that the size of an ion is not really a fixed value; rather it depends largely on
the size of the hole the ion in question fills; in a larger hole the ion will appear bigger than in the smaller one. We
have also to recall periodic trends in cation variation. All hydrides of the Group 1 metals have the rock-salt
structure (see Section 10.6(b) Saline hydrides). This means that in all Group 1 hydrides H™ has a coordination
number 6 and is surrounded by cations in an octzhedral geometry. In other words, H™ occupies an octahedral hole
within the face-centred cubic lattice of M" cations. The sizes of cations increase down the group (i.e., ALi") <
HNa"} < (K< n(Cs™)); as a consequence both the sizes of octahedral holes and the apparent radius of H™ will
increase in the same direction.

If we look at the Group 2 hydrides, we’ll note that there is no clear trend as in the case of Group 1. The reason for
this is that the structures here are different; whereas CaH; and BaH; adopt the fluorite structure, MgH; has a rutile
structure. In the case of CaH; and BaH,, the tetrahedral hole in which H™ resides is increasing in size from CaH, to
BaH; and so is the H™ radius. In the case of MgH,, the H™ is bonded to three Mg in a trigonal planar arrangement.
We can compare briefly the H™ radii in KH and CaH,. Since AK") is larger than (Ca’), and H™ lowers its
coordination from octahedral (in KH) to tetrahedral (in CaH,), the H™ radius drops significantly.

Reactions (a) and (¢) both involve the production of both H and D atoms at the surface of a metal. The
recombination of these atoms will give a statistical distribution of H; (25%), HD (50%), and D, (25%). However,
reaction (b) involves a source of protons that is 100% M’ (i.e., D"} and a source of hydride ions that is 100% 'H™:

D,O + NaH(s) = HD(g) + NaOD(s)
Net reaction: D"+ H"— HD
Thus, reaction (b) will produce 100% HD and no H; or D,.

Of the compounds H,O, NH;, (CH;):SiH, and (CH;);SuH, the tin compound is the most likely to undergo radical
reactions with alkyl halides. This is because the Sn—H bond in (CH;);SnH is weaker than either O-H, N-H, or Si—
H bonds. The formation of radicals involves the homolytic cleavage of the bond between the central element and
hydrogen, and a weak nonpolar bond undergoes homolysis most readily (see Section 10.6(a)(il} Reactions of
molecular hydrides).

Since Al has the lowest electronegativity of the three elements, B (2.04), Al (1.61), and Ga (1.81, see Table 1.7),
the Al-H bonds of AIH,™ are more hydridic than the B-H bonds of BH, or the Ga-H bonds of GaHy". Therefore,
since AIH,™ is more “hydride-like,” it is the strongest reducing agent. The reaction of GaH,~ with aqueous HCl is
as follows:

~

GaH,™ + 4HCl(aq) > GaCly (aq) + 4Hi(g)

One important difference between period 2 and period 3 hydrogen compounds is their relative stabilities. The
period 2 hydrides, except for BeH, and B,Hj, are all exergonic (see Tabte 10.1). Their period 3 homologues either
are much less exergonic or are endergonic (c¢f. HF and HCI, for which AG® =-273.2 and -95.3 kJ mol™, and NH;
and PH,, for which A,G°® = —16.5 and +13.4 kJ mol™). Another important chemical difference is that period 2
compounds tend to be weaker Brensted acids and stronger Brensted bases than their period 3 homologues.
Diborane, B,Hg, is a gas whereas AlH; is a solid. Methane, CH,, is inert to oxygen and water, whereas silane,
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SiH,, reacts vigorously with both. The bond angles in period 2 hydrogen compounds reflect a greater degree of
sp>-hybridization than the homologous period 3 compounds (compare the H-O-H and H-N-H bond angles of
water and ammonia, which are 104.5° and 106.6°, respectively, with the H-S-H and H-P-H bond angles of
hydrogen sulfide and phosphane, which are 92° and 93.8°, respectively). Several period 2 compounds exhibit
strong hydrogen bonding, namely, HF, H.O, and NHj, whereas their period 3 homologues do not (see Figure
10.6). As a consequence of hydrogen bonding, the boiling peints of HF, H,O, and NH; are all higher than their
respective period 3 homologues.

As the data in Table 10.1 illustrate, the thermodynamic stability of hydrides decreases down the group. This fact is
reflected in the A values for SbH; and BiH; provided in the problem. As a consequence it is expected that it
would be very difficult to prepare a sample of BiH;, even more difficult than SbHj. The direct combination of
elements (i.e., Bi + Hj;) is not a practical approach because the reaction is thermodynamically strongly
unfavourable. A good synthetic procedure could be a reaction of Bi;Mg; with water:

Bi:Mgs(s) + 3H,O(1) — 2BiH;(g) + 3Mg(OH):(aq)

However, the current method for the synthesis of bismuthine, BiHs, is by the redistribution of methylbismuthine,
BiH,Me.

3B1H2MC—) 281]‘[3 + BiMe;

The starting material BiHsMe can be prepared by the reduction of BiCL,Me with LiAlH,. The precursor, BiH,Me,
is unstable as well. The difficulty in synthesizing BiH; is because it involves a multi-step process, all of which
deal with extremely reactive and unstable compounds.

BiH; is unstable above —45 °C, yielding hydrogen gas and elemental bismuth. The original preparation was
reported in 1961, but it was not until 2002 that this procedure was repeated and yielded enough BiH; to do
spectroscopy on!

The reaction product is called a clathrate hydrate. Clathrate hydrate consists of cages of water molecules found in
ice, all hydrogen bonded together, each surrounding a single krypton atom. Strong dipole-dipole forces (hydrogen
bonds) hold the cages together, whereas weaker van der Waals forces hold the krypton atoms in the centres of their
respective cages.

Potential energy surfaces for hydrogen bonds, see Figure 10.9: There are two important differences between
the potential energy surfaces for the hydrogen bond between H,O and CI ion and for the hydrogen bond in
bifluoride ion, HF;". The first difference is that the surface for the H,O, CI” system has a double minimum (as do
most hydrogen bonds, see the potential energy surface for [CIHCI] ~on Figure 10.9) because it is an unsymmetrical
H bond, whereas the surface for the bifluoride ion has a single minimum (characteristic of only the symmetrical
hydrogen bonds). The second difference is that the surface for the H;O, CI™ system is not symmetric because the
proton is bonded to two different atoms (oxygen and chlorine), whereas the surface for bifluoride ion is symmetric.
The two surfaces are shown below.

{
|

Energy

H/O-*—H--~- CI= F—H —F
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Dihydrogen can behave both as a reducing and oxidising agent because hydrogen can have two oxidation states in
its compounds: +1 and —1, When the hydrogen in the product has oxidation state —1, the dihydrogen gas behaves
as an oxidising agent. The classic example of H; as an oxidizing agent js its reaction with an active s-block metal
such as sodium. In the reaction below, elemental sodium gets oxidized, whereas elemental hydrogen gets reduced.
Thus Hj; is an oxidizing agent in this case.

2Na(s) + Hy(g) — 2NaH(s)

When hydrogen has an oxidation state +1 in the final product, dihydrogen behaves as a reducing agent in the
reaction. The most common example of H, as a reducing agent is its reaction with dioxygen (an oXidising agent) to
produce water:

2Hs(g) + Oy(g) — 2H,0 (1 or g)

The overall reaction is shown below:

The starting material frans-fW(CO);(PCy3),] initially adds H, molecule to produce a dihydrogen complex
mer trans-[ W(CO);(HXPCys)s] (1). In this complex tungsten is still formally in oxidation state 0. Complex (1) is
in equilibrium with complex (2) which is a seven coordinate dihydride W(II) complex. Note the important
difference between dihydrogen and dihydride complexes: dihydrogen complexes contain an H; molecule bonded
to the metal as a ligand with the electron pair coming from the o, molecular orbital of H; molecule and with H-H
bond still present. On the other hand. dihydride complexes contain two hydride, H”, ligands. Hence, the oxidation
state of W in complex (1) is 0 whereas in complex (2) it is +2. The formation of (2) is also an excellent example of
oxidative addition reactions (a very common type of reaction in organometallic chemistry): the oxidation state of
W has increased (i.e., it was oxidised) and the coordination number increased by two (from five in the starting
material to seven in (2)); that is, two ligands have been added—overall an oxidative addition.

Going statement by statement:
“Hydrogen, the lightest element, forms thermodynamically stable compounds with all of the nonmetals and most

metals.”
Incorrect: “all of the nonmetals”—recall that some p-block hydrides are not thermodynamically stable (e.g.,

example HI).
In statement (b), the isotope of mass number 3 is radioactive, not of mass number 2.

“The structurcs of the hydnides of the Group 1 and 2 elements are typical of ionic compounds because the H ion is

compact and has a well-defined radius.”

Incorrect: almost everything—not all hydrides of Group 2 are ionic (BeHj, is covalent and even MgH, has a high
degree of covalent character); H™ is not compact (there is no such thing as 2 compact atom or ion
because the electronic clouds in them do not have “edges™) and as a consequence it does not have a
well-defined radius.

“The structures of the hydrogen compounds of the nonmetals are adequately described by VSEPR theory.”
Incorrect: not all structures can be predicted by VSEPR theory, only those of electron-precise and electron-rich
hydrides; this theory cannot explain B,Hg, an electron-poor hydride.
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“The compound NaBH, is a versatile reagent because it has greater hydridic character than the simple Group 1

hydrides such as NaH.”

Incorrect: while NaBH, is a common reagent, it does not have greater hydridic character (hydridicity) than a
saline hydride such as NaH.

“The boron hydrides are called electron-deficient compounds because they are easily reduced by hydrogen.”
Incorrect: boron hydrides are electron-deficient because they lack the elcctrons required to fill the bonding and
non-bonding molecular orbitals.

E10.21 Recall from Chapter 8 that the energy of a molecular vibration is determined by (Equation 8.4a in your textbook):

E10.22
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We can make a few reasonable assumptions that will help us to calculate the expected wavenumber for *H->CI
stretch from a known 'H-"*Cl stretch. First, we can assume that the force constants, &, are approximately equal in
the two cases. The second approximation is that m('H) + m(**Cl) = m(*H) + m(*>C1) = m(**Cl). Thus, keeping in
mind these assumptions and all constant values, we can show that, after cancelling, the ratio of vibrational energies
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And from the above ratio:

Considering that the energies and wavenumber are related through £ = heir, we finally have:

*H>a
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The two NMR spectra are outlined below:
'H NMR .
s

P NMR

Recall that both 'H and *'P have a nuclear spin of 4. The PH; molecule has one P atom. The resonance for this
phosphorus nucleus is split into a quartet with relative intensities of about 1 : 3 : 3 :1 by three equivalent H atoms
(following the splitting formula n + | where n is the number of coupling spin % nuclei). The three equivalent H
atoms are appearing as a doublet with relative intensities 1 : 1 due to the coupling to one P nucleus. Note that the
coupling constants should be rather large (because it is a one bond coupling) and identical in two spectra.
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E16.23 (a) The molecular orbital diagram is shown below. The orbital energies provided help us determine relative
energies of the two orbitals. The assigned species is a cation. Considering that the 1s atomic orbital of an H atom is
higher in energy than the 1s orbital of a He atom, it is reasonable to expect that the electron is going to be removed
from the Is orbital in H atom. The two electrons fill the bonding, 1o, molecular orbital whilc the antibonding
molecular orbital, 20, remains empty. Thus, the bond order is 1.

oV
10 20

]

]
.15 418
20 -
25 1s

lo
H* [HHe]" He

(b) Looking at the molecuiar orbital diagram we can see that the 16 molecular orbital is closer in energy to the is
orbital of He atom; thus the major contributor to lo is the 1s He orbital. Similarly we can conclude that the 1s
orbital of H is the major contributor to the antibonding 26 molecular orbital. Considering that the common
electron pair occupies the 1o molecular orbital, the partial positive charge must be located on the H atom. This can
also be deduced by looking at the periodic trends. Although He strictly does not have experimental data for a
Pauling electronegativity value, considering its position in the periodic table we can assume that it has a very high
electronegativity, significantly higher than H. Thus the [H — He]" bond should be polarized with a partial negative
charge on He and a partial positive charge on H.

(c) Despite its bond order of 1, this molecule cannot be stable. Most common solvents (such as water, alcohols,
and alike) would easily deprotonate this species. Other surfaces would also heterolytically cleave this species into
H" and He.
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Self-Test Exercises

§11.1

S11.2

S11.3

(a) We would expect the lattice to expand slightly upon heating before it melts at approximately 650 °C. The
lattice type of the CsCl structure type is primitive, and the lattice parameter can be calculated by using the ionic
radii of Cs* and CI in eightfold coordination (174 and 183 pm, respectively) as 412 pm (from 2(». + r_}/3')). At
445°C the CsCl structure changes to rock-salt and assumes the face-centred cubic structure type. The new lattice
parameter can be calculated as 784 pm (from 2r_ + 2r,). The observed major peak in the Bragg pattern would
therefore shift to lower two theta values upon heating through the phase transition according to the Bragg relation
(Section 8.1).
(b) The ionic radii of Fr™ and [~ are 196 pm and 220 pm respectively. We can use 2(r, + r_)/3'? to calculate the
length of the unit cell expected from these radii:

d=2(196 +220)/3"” pm = 481 pm
This value is reasonably close to the observed 490 pm, thus the data are consistent with the prediction.

The Kapustinskii equation, given in Section 3.14, is:

N

a0 = Ml (a0

d d
We can approximate the interionic distances, 4, with the sum of ionic radii for the two compounds in question.
Both LiF and CsF have the rock-salt type structure with (6,6) coordination; thus we have to look for radii in this

specific coordination environment.
For LiF we have:

ape,(LiFy= ZCEDXCDI () 345pm ) o6k pmmol =
(76 +133)pm\ _ (76+133)pm

= 966.8kJ mol™

For CsF we have

A+ x (-1
are(CsFy = ZEDXC () 345pm ) o) 105 ks pmmol- =
(167 +133)pm| (167 +133)pm

=713.9kJ mot™

As expected, the lattice enthalpy for LiF is higher than for CsF. LiF is insoluble, because the hydration enthalpy
for Li” (956 kJ mol™') is insufficient to compensate for the lattice enthalpy of LiF. On the other hand, hydration
enthalpy for Cs™ (710 kJ mol™) is about the lattice enthalpy for CsF, and it is expected that CsF should be more
soluble than LiF. Note that both LiF and CsF contain the same anion, F~, and that the hydration of this anion
should also be taken into account. However, the hydration enthalpy for F~ is insignificant (particularly when
compared to the error produced by the Kapustinskii equation) and constant for both compounds, thus it can be
ignored for a qualitative analysis like this one.

Ozonides decompose to oxygen and superoxides (MO;(s) — MOy(s) + ¥ Ox(g)). All simple ozonides are known
except for Li. We can expect a similar trend for ozonides like the one observed for peroxides and superoxides. For
example, going down the group the lattice energies for oxides, peroxides, and superoxides decrease; the difference
in lattice energies also decreases down the group. Because of this decrease in the difference, the heavy superoxides
have less tendency to decompose. By extension, we can expect that the difference between the ozonide and
superoxide lattice energies decreases going down the group; consequently, the stability of ozonides would increase

119
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in the same direction. Thus, we would expect that, on warming, NaQO; would decompose first and CsOj; last. This
indeed is the case: NaQO; decomposes at 37°C while CsO; does so at about 53°C,

S11.4  One way to show the thermochemical cycle is shown below:

S11.5

S11.6

M2C03(S) L MZO(S) + COZ(g)
A

4
MY () +CO (g ——» 2M'(g) + O (g) + COg)

KNO; has two different decomposition temperatures, 350°C and 950°C. These correspond to the following
changes in the composition:

KNOx(s) — KNOy(s) + '504(g)
2KNO(s) = KoO(s) + 2NOx(g) + 'h0x(g)

Whereas LiNO; deconmposes in one step at the temperature of 600°C:
LiNOy(s) — '/ Li,0(s) + NO«(g) + /0:(g)

Both end-products are the binary oxides of lithium and potassium. It is important to remember herc that large
cations can stabilize large anions wheras small cations can stabilize small anions. Since K is larger than Li", the
nitrate is more stable in the lattice with K" than with Li", hence the final decomposition temperature for KNO; is
higher. Larger size of K" is also responsible for the stabilization of the nitrite intermediate (without this added
stability, we probably would not be able to observe this intermediate). On the side of the products, Li,O is more
stable, has higher lattice energy, than K,O. (Recall that the lattice energies dictate the oxidation products: Li with
O; produces Li,O, whereas K produces KO- with larger superoxide O anion). Therefore, LiNO; goes straight to
Li,O in one step at lower temperature whereas the decomposition of KNO; requires higher temperature and
includes an intermediate.

Li;N has an unusual crystal structure (Figure 11.11), that consists of two types of layers. The first layer has the
composition Li;N, containing six-coordinate Li* centres. The second layer consists only of lithium cations. As a
consequence the I_.i+ ions are in two different chemical and magnetic environments. Therefore, one would expect
two peaks in the 'Li NMR spectrum. However, the lithinm ion is highly mobiie (as discussed in Section 11.12)
and, because there are vacant sites in the structure, Li” can hop from one site to another. So at higher
temperatures, all the lithium ions will be fluxional, giving only one averaged resonance in the 'Li NMR. At lower
temperatures, the structure would freeze, and two resonances due to the two different environments in the structure
would be observed.

End-of-Chapter Exercises

Ell1.1

(a) All Group 1 metals have one valence electron in the ns' subshell. They also have relatively low first
ionization energies; therefore foss of one electron to form a closed-shell electronic configuration is favourable.

{b) The Group 1 metals are large, electropositive metals and have ittle tendency to act as Lewis acids. They also
lack empty orbitals to which the ligand lone electron pair could be donated. However, they do complex well with
hard Lewis bases, such as oxides, hydroxides, and many other oxygen-containing ligands.
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Caesium metal is exiracted from silicate minerals, such as pollucite Cs;A1,81,0,,7H;0. The caesium-bearing
silicate minerals are digested with sulfuric acid and Cs and Al are precipitated as alum Cs;SO4AlL{S0,4),24H,0.
The simple sulfate, obtained after roasting with carbon, is then converted to chloride using anion exchange. The
isolated CsCl is then reduced with Ca or Ba.

From the given value for A(H™} and ionic radii for the Group 1 metals (Resource Section 1) we can obtain the
following y values and corresponding structures (recall equation 3.1: Y = Fmat/Prarge):

LiH: ALi)/r(H™) = (76 pm)/(146 pm) = 0.521; within 0.414 — 0.732 range with stoichiometry 1 : 1, hence NaCl
structure type;

NaH: n(Na"Y/r(H ™) = (102 pm)/(146 pm) = 0.699; within 0.414 — 0.732 range with stoichiometry 1 : 1, hence NaCl
structure type;

KH: {K")/r(H") = (138 pm)/(146 pm) = 0.945; within 0.732 — | range with stoichiometry 1 : 1, hence CsCl
structure type;

RbH: (H")/®{(Rb"} = (146 pm)/(148 pm) = 0.986; within 0.732 — ! range with stoichiometry 1 : 1, hence CsCl
structure type;

CsH: AH)/H(Cs") = (146 pm)/(167 pm) = 0.874; within 0.732 — | range with stoichiometry 1 : 1, hence CsCl
structure type;

FrH: {H™)/AFr ) = (146 pm)/(196 pm) = 0.745; within 0.732 — 1 range with stoichiometry I : 1, hence CsCl
structure type.

Note however, that all hydrides of the Group 1 elements actually adopt NaCl structure type.

The results are shown in the table below. The values have been calculated using Equation 11.1 and the data
provided iu the tables in the textbook.

—AH° /(k) mol™") —AFH® [(kJ mol™")
LiF 625 LiCl 470
NaF 535 NaCl 411
KF 564 KCl 466
RbF 548 RbCI 458
| CsF 537 CsCl 456

Your plot should look like a part of Figure 11.6, which plots the enthalpy of formation of the Group 1 metal
halides. Fluoride is a hard Lewis base and will form strong complexes with hard Lewis acids. The lithium cation
is the hardest Lewis acid of the Group 1 metals, so it makes sense that it has the largest enthalpy of formation with
fluoride compared to the rest of the Group 1 metals. However, the trends reverse for the chloride ion; since it is a
softer Lewis base than the fluoride ion, it will form stronger bonds with the heavier Group 1 metals.

(2) Edta®" is expected to give a more stable complex with Cs” compared to acctate. In general the Group 1 cations
form stable complexes with polydentate ligands like edta®. This ligand has 6 potential donor atoms all of which
are hard (four oxygen and two nitrogen donor atoms). On the other hand, acetate has two hard oxygen donor atoms
and can act only as a bidentate ligand resulting in a much lower formation constant. The acetate complex is further
destabilized due to acetate’s small bite angle—the four-member chelating ring formed with relatively large Cs"
would be rather unstable.

(b) K" is more likely to form a complex with the cryptate ligand C2.2.2 than Li*. The difference has to do with the
match between the interior size of the cryptate and the ionic radius of the alkali metal ion. According to Figure
11.4, bigger K™ forms a stronger complex, by about two orders of magnitude, with C2.2.2 than does smaller Li".

(i) A = LiOH; B = Li;0; C = none (Li,O does not decompose); D = LiNH;
(ii) A = CsOH; B = Cs0,; = Cs,0; D= CsNH,



122

E1L.7

E11.8

El11.9

E11.10

El11.11

Part 2: The Elements and Thetr Compounds

In LiF and Csl the cation and anion have similar radii. Solubility is lower if cation and anion have similar radii.
On the other hand, there is a large difference between radii of cation and anion in CsF and Lil, and these two salts
are soluble in water.

It is very likely that Frl would have low solubility in water; similar radii for Fr* and I” (196 pm and 220 pm
respectively) would reduce the solubility of this salt. Another possibility is FrBr because Fr* and Br™ have almost
identical radiz.

Hydrides decompose to elements. The MH lattice energy decreases down the group as the radius of cation
increases; thus LiH has the highest lattice energy and requires the highest decomposition temperature. Carbonates
decompose to oxides. The difference in lattice energy between metal carbonate and metal oxide decreases down
the group, which results in increased stability.

Your NaCl structure should look like the one shown in Figure 11.4 and CsCli like the one shown in 11.5. Na' is
six-coordinate, whereas Cs' is eight-coordinate. The compounds have different structures because Na® is smaller
than Cs” resulting in a different r./r_ for the same anion. Cesium is so large that it can fill a cubic hole formed in

simple cubic packing of CI” ions.

(a) The driving force behind this reaction is the formation of lithium bromide (very large lattice energy and
inscluble in organic solvents in which the reaction is performed). The same reasoning applies to reaction (b). For
reaction (¢), the driving force is the loss of ethane gas and higher acidity of CsHg compared to C,H,.

(a) CH;Br + Li - Li(CH;) + LiBr
(b) MgCl, = LiC;Hg - Mg(C,Hs)Br + LiCl
(¢) C;HsLi + CeHg— LiCgHs + C,H;

Guidelines for Selected Tutorial Problems

TiL1

T1L.3

It would be a good idea to review Section 9.2(d) Diagonal relationship. Look at the reasons why diagonal
relationships between elements occur within the Periodic Table. Then look for the relevant values of atomic
properties for Li and Mg (Chapter 12 or resource sections) and compare and contrast them—you will find
significant similarities.

Review Section 11.17 Organometallic compounds. Whether a molecule is monomeric or polymeric is based on the
streric size of the alkyl group. Less bulky alkyl groups lead to polymerization; methyl groups are tetrameric or
hexameric (depending on solvent used), whereas a bulkier 'Bu group yields tetramers as the largest possible species.
The larger aggregates can be broken down into dimmers and monomers using strong Lewis bases such as TMEDA.
Considering the importance of organolithium reagents, it would be a good idea to do some research beyond the
material provided in the textbook. There are many good sources devoted to the organic chemistry of this element,
for example, Z.Z. Rappoport (ed.). (2004). Organolithium Chemistry. John Wiley & Sons.
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Self-Test Exercises

S12.1

$12.2

S12.3

S12.4

S12.5

The electronegativities of elements are provided in Table 1.7, and consult the Ketalaar triangle (Fig. 2.38). The
Pauling electronegativities for Be, Ba, Cl, and F are 1.57, 0.89, 3.16, and 3.98 respectively. The average
electronegativity for BeCly is (1.57+3.16)/2 = 2.36, and the electronegativity difference is 3.16 — 1.57 = 1.59.
These values on the Ketalaar triangle correspond to the covalent bonding. For BaF, the average electronegativity is
(3.98+0.89)/2 = 2.43 and the difference is (3.98 - 0.89) = 3.09, corresponding to the ionic bond on the Ketalaar
triangle.

Considering the bonding type in BeCl, and Lewis acid character of Be®, we can predict that BeCl, will have a
polymeric, molecular structure. On the other hand, BeF, with its ionic bonding is very likely to adopt CaF,-type
ionic structure.

Since Ca is below Mg and above Ba in Group 2 we should expect, based on the periodic trends, that the difference
in lattice enthalpies for CaO and CaO, lies between that of Mg and Ba oxides and peroxides and that the CaQ,
lattice is less stable than the CaQ lattice. Using the Kapustinskii equation (Equation 3.4), the ionic radii from Table
12.1, and the appropriate consiants—which are k= 1.2} x 10° kJ pm mol™, Nign = 2, Z'ca =42, =2 —the
sum of the thermochemical radii, dp, 140 pm + 100 pm = 240 pm, and 4¥ = 34.5 pm, find the lattice enthalpy of
Ca0. For calcium peroxide use Nign = 2, 2°c, = +2, z'o2 = -2, and dp = 180 pm + 100 pm = 280 pm. The lattice
enthalpies of calcium oxide and calcium peroxide are 3465 kJ mol™ and 3040 kJ mol™, respectively. The trend
that the thermal stability of peroxides decreases down Group 2 and that peroxides are less thermally stable than the
oxides is confirmed.

The ionic radius of Be™" is 45 pm (consult Resource Section | in your textbook) and the ionic radius of Se* is 198
pm. The radius ratio is 45 pm/198 pm = 0.23, which according to Table 3.6 should be close to ZnS-like structure.

Heating BeSO, " 4H,0, the product of reaction (i), would likely result in the formation of anhydrous BeSO, with
loss of all four water molecules. On the other hand, heating SrBe(OH),, the product of reaction (ii), would produce

Sr0 and BeO with elimination of two equivalents of HO:

SrBe(OH)i(s) — 25— SrO(s) + BeO(s) + 2H;0(g)

Using the Kapustinskii equation (Equation 3.4) and the values of k = 1.21 x 10° kJ pm mol™', N, = 3, 2 Mg = 42,
z¢= -1, the sum of the thermochemical radii, dy, 133 pm + 72 pm = 205 pm and J* = 34.5 pm, the calculated
lattice enthalpy of MgF, is 2945 kJ mol™'. Similarly, for MgBr,, using 196 pm as the ionic radius for Br, we can
calculate the lattice enthalpy to be 2360 kJ mol™, whereas for Mgl, (with 220 pm as [” radius) we have 2193 k)
mol™ as calculated lattice enthalpy.

Comparing the three calculated values, we see that, as expected, the lattice enthalpies decrease with an increase in
the ionic radius of the halide anion; we can expect the increase in solubility in the same direction (i.e., from MgF,
to Mg[z).

Engd-of-Chapter Exercises

E12.1

El12.2

Be®* has large polarizing power and a high charge density due to its small radius. Also, beryllium has the highest
electronegativity among Group 2 elements. Descending Group 2 the atoms of elements increase in size, they are
more electropositive (electronegativity drops), and predominantly ionic character of bonds resuits.

The similarity between Be and Al is arising from their similar atomic and ionic radii (note that the two display
diagonal similarity). They also have similar Pauling electronegativities. The similarity between zinc and beryllium

123
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E12.3

E124

El12.5

E12.6

E12.7

E12.8

E129

E12.10

E12.11

is less pronounced than between aluminium and beryllium and it lies also in similar radii and the same charge
(Be** and Zn*").

The mean electronegativity for Be and Cs is (1.57 ~ 0.79)/2 = 1.18, whereas the electronegativity difference is
1.57 — 6.79 = 0.78. These two values correspond to the point in the metallic bond area.

Ba +2H;0 — Ba(OH), + Hy;, A = Ba(OH),
Ba(OH)g + C02 — BaCO;; B= BaCO;
2BaC0; + 5C — 2BaC, + 3COy; C =BaGC,

BaC, + 2H,0 — Ba{OH), (= compound A)~ C;H,

Ba(OH), + 2HCI| — BaCl, + 2H,;0; D = BaCl,

Unlike the other alkaline earth metal fluorides, MF; (M = Mg, Ca, Sr, Ba) which crystallises with CaF,-like
structure, BeF, adopts Si0.-like arrangement. As with $i0;, which forms vitreous matter when melted because of
the strength of the Si-O bonds (460 kJ mol™') that are not fully broken in the vitreous phase, BeF,, with strong B-F
bonds (~600 kJ mol™) also forms a glass (a disordered arrangement of molecular fragments) when cooled.

The weight percents of hydrogen in BeH, and MgH, are:

__2><M(H}x100%_ 2x1

O (H)pus, = - X 100% = 18.2%
+ = M(BeH,) 9.01+2x1
2x M(H) 2x1
H)pp, = ) 100% = —=<1— x100% = 7.6%
Wt = Vvten,) < T = Zaz oy 0% =T6%

Although BeH; has a higher percentage of H in its composition, it is not investigated as a possible hydrogen
storage material because BeH, cannot be prepared direcily from the elements (unlike MgH;) but rather from alkyl-
beryllium compounds—the fact that complicates its potential use.

The hydroxides of Group 1 metals have higher solubilities in water; in fact, they all are strong bases completely
dissociating in water. In contrast, Be(OH), is amphoteric; Mg(OH), is weakly soluble in water; and Ca(OH),,
while being more soluble than Mg(OH),, still cannot compare to any Group 1 hydroxide. The increase in OH™
concentration, due to higher solubility, increases the corrosiveness of Group 1 hydroxides. Only Sr(OH), and
Ba(OH), match Group 1 hydroxides in their solubility and thus basicity.

Recall from Chapter 3 that the closer cation and anion are in size, the lower the solubility. Since Mg”" has a higher
ionic radius than Ba?*, MgSeQ, is expected to have higher solubility in water than BaSeO, (Table 3.10 lists
thermochemical radius for Se0,” to be 243 pm, whereas Mg®* and Ba®* radii are 72 pm and 135 respectively).

Ra” could be selectively precipitated by addition of a large anion. Large anions, such as [0, (249 pm) or TeQs
(254 pm), could form insoluble slats with Ra™ (170 pm).

Anhydrous Mg and Ca sulphates are preferred as drying agents over the other alkaline earth sulphates. This is
because of the higher affinity of Mg and Ca sulphates for water compared to the other alkaline earth sulphates,
which are nearly insoluble in water. It may be interesting to note here that BeSO,, although expected to be more
hydrophilic, it is not considered as a desiccant because of its higher cost and toxicity. Anhydrous calcium chloride
is also a useful drying agent, it is very hygroscopic due to the high hydration energy of Ca”".

The ionic radius of Be?** is 45 pm (Resource Section 1} and the ionic radius of Te™ is 207 pm. The radius ratio is
45 pm/207 pm = 0.22. According to Table 3.6, this should be close to ZnS-like structure. The ionic radius of Ba®*
is 135 pm and the radius ratio is 135 pm/207 pm = 0.65, and BaTe should have NaCl-like structure.
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E12.12 The Pauling electronegativity values of Be, Mg, Ba, and Br are 1.57, 1.31, 0.89, and 2.96 respectively.
The average electronegativity of BeBr, is therefore 2.27 and the difference is 1.39. The values on the Ketelaar
triangle indicate that BeBr, should be covatent.
The average electronegativity of MgBr; is 2.13 and the difference is 1.65. The vaiues on the Ketelaar triangle
indicate that MgBr, should be ionic.
The average electronegativity of BaBr; is therefore 1.93 and the difference is 2.07. The values on the Ketelaar
triangle indicate that BaBr, should be ionic.

E12.13 In solution, C,;HsMgBr will be tetrahedral with two molecules of solvent coordinated to Mg®*. The bulky organic
group in 2,4,6-(CH3);C¢H,MgBr leads to a coordination number of two:

Q CH3
B\ HaC —Br
HSCi-Izc o.:> :jcua

E12.14 (a) The products depend on stoichiometry chosen:
MgC}, + LiC;Hs — LiCl + (C,H;5)MgCl
or
MgCly + 2LiC,Hs — 2LiCl + Mg(C,Hs)»
(b) Mg+ (CoHs)Hg —» Mg(CzHs), + Hg
(¢} Mg+ C,HsHgCl > C,HsMgCl+ Hg

Gudilenies for Selected Tutrial Problems

T12 3 BeF, is in many ways similar to SiO,. A good starting point for the discussion of BeF, glasses is structural and
chemical similarity between BeF, and SiO,. A good reading on the topic is Greenwood and Eamshaw. (1997).
Chemistry of the Elements, 2nd ed. Elsevier (Chapter 5).

T12.7 When discussing these structures, it is useful to consider simple properties, such as ionic radii of Be**, AI**, Si**
and P** for coordination number 4. If these are not similar to each other, then there is limited possibility for
exchange (i.e., formation of beryllophosphates). There is an abundance of information on alumosilicates, including
your textbook. For specific minerals, a good starting point is www.webmineral.com website, a trusted source on
mineral data, which can be searched by element. A well-characterized beryllophosphate mineral is pahasapaite,
with zeolite-like framework composed of BeO; and PO, tetrahedra. This structure is also a good starting peint for
comparison between beryllophosphates and alumosilicates,


http://www.webmineral.com

Chapter 13 The Group 13 Elements

Self-Test Exercises

S13.1

S13.2

$13.3

S13.4

VSEPR theory predicts that a species with four bonding pairs of electrons should be tetrahedral.

H 1~

\_oH
B
~
H
\H

All protons are in equal environment and without coupling to the NMR active ''B nucleus would produce only a
singlet. However, coupling to one ''B nucleus splits this singlet in 2nJ + 1 lines or 2x1x3/2 + 1 = 4 lines. Due to
this coupling a quartet is produced with four lines of equal intensity (1:1:1:1}.

Look first at the rcaction between B,Hg and propene (CH3;CH=CHS,) in ether. B,Hg is a dimer which can easily be
cleaved. Since the solvent is ether, the first reaction would involve the cleavage of B,H, with R;O (ether
molecules) to produce symmetric monomers H;B — OR,:

B>Hs + 2R,0O — 2H;B - OR;
in the presence of propene, and with heating, the monomer is going to add across C=C bond (hydroboration

reaction);
H;B — OR; + H,C=CHCH; — H,BCH, - CH,CH; + OR;

In the second reaction, between B-Hg and NH,Cl, THF solvent is also ether. So the first step is the same like above
with OR,; replaced with THF:
B;Hg + 2THF — 2H;B — THF
NH,CI contains a protic (acidic) hydride cation (NH,"), whereas H;B — THF is a hydridic hydride. Thus the
reaction between NH," and H;B — THF is going to produce hydrogen gas and:
H;B — THF + NH,Cl — H, + H,B - NH; + HCI

(a) BCl; and ethanol: As mentioned in the example, boron trichloride is vigorously hydrolyzed by water.
Therefore, a good assumption is that it will also react with protic solvents such as alcohols, forming HCl and B-O

bonds:
BCly(g) + 3 EtOH(l}) — B(OEt);(1} + 3 HCl(g)

(b) BCly and pyridine in hydrocarbon solution: Neither pyridine nor hydrocarbons can cause the protolysis of
the B-CI bonds of boron trichloride, so the only reaction that will occur is a complex formation reaction, such as
the one shown below. Note that pyridine with a lone electron pair on N atom is a good Lewis base, whereas
hydrocarbons with no lone electron pairs are very weak Lewis bases. Thus, pyridine, and not hydrocarbon, is
going to react with BCl;as Lewis acid:

BCly(g) + py() — CI;B - py(s)

(¢} BBr; and F;BN(CHj);: Since boron tribromide is a stronger Lewis acid than boron trifluoride, it will displace
BF; from its complex with N(CHj3);:

BBry(1) + F3BN(CHa)s(s) — BFi(g) + BrsBN(CH;)s(s)

NN’ N"-trimethyl-5,8',B"-trimethylborazine is hexamethylborazine. The reaction of ammonium chloride with
boron trichloride yields B,B’,B"-trichloroborazine, whereas the reaction of a primary ammonium chloride with
boron trichloride yields N-alkyl substituted B,B’,B"-trichloroborazine, as shown below:

127
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S13.5

Heat

3[CH;NH;]Cl + 3BCl; 9HC! + CI;BNCH;

Therefore, if you use methylammonium chloride you will produce C13BN(CH3); (i.e., R = CHjs). This product can
be converted to the desired one by treating it with an organometallic methyl compound of a metal that is more
electropositive than boron. Either methyllithium or methymagnesium bromide could be used, as shown below:

CLBNCH; + 3CH;MgBr (CH3);B3N3(CH3); + 3Mg(Br, Cl),

The structure of N,N',N"-trimethyl-B,B".8"-trimethylborazine:

CH;

(a) The formula B4H o belongs to a class of borohydrides having the formula ByH,.¢, which is characteristic of a
arachno species. Assume one B-H bond per B atorn, there are 4 BH units, which contribute 4x2 = § electrons, and
the six additional H atoms, which contribute a further 6 electrons, giving 14 elecirons, or seven electron pairs per
cluster structure, which is n+3 with n = 4; this is characteristic of arachno clusters. The resulting seven pairs are
distributed—two are used for the additional terminal B—H bonds, four are used for the four BHB bridges, and one
is used for the central B-B bond.

The structure of ByH)y:

\ LN
H—" N
Sy
H/

(b) [BsHg]™ has 5 B-H units contributing 5x2 = 10 electrons to the skeleton. There are three additional H atoms;
each contributes one electron, for a total of three electrons. Finally, there is one negative charge on the cluster
providing an additional electron. In total there are 10 ~ 3 + 1 = 14 skeletal electrons or seven skeletal electron
pairs. This gives » + 2 (for » = 5) and a nido structure type. The structure is based on octahedron with one missing
vertex:
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H Bexde #ido-BS vtructure Fim] [B,H,J strocatre
Parcnt cJoso-B6 strociure {afer remova] of one (with 3 briiging H end
vertex from dloso-B6) duster cherge added to

mido-BS strochone)

General equation for hydrolysis of borohydrides is:
B,H,, + 3nH,0 — nB(OH); + (3n+m)/2 H,

In our case, five moles of B(OH); have been produced, meaning that » in above equation is 5. From this value and
the fact that 12 moles of H, have been liberated, we can find m:

(3n+m)/2 =12, hence 3x53+m=12x2,andm=9
thus the formula is BsHo.

This borohydride has 14 skeleta] electrons (10 from five BH units, and four from additional four H atoms) or
seven electron pairs. This means the cluster is nido and is based on closo-B6 octahedral cage:

H H H
& 8 g
\H “H ‘\H
Hig cB” H""B -——-\\-B H"'B .B\
N ¥ HZ H g—H
WS “H T A"
I
H Basic nido-BS structre 12021 Byt strocutre (with 4
Parent dlaso-B6 strocture {after removal of one bridging H atems added 1o
vertex from clovo-B6) mido-B5 strochme)

By analogy with the reaction of [ByH;5]* with Al (CHj)s, the plausible product would be [BoH,, (AICH3)],
which would be formed as follows:

2[BioHi3]” + AlL(CH;)s — 2[BjoH (AICH;)]” + 4CH,

C,B4Hg has (6 x 2) + 2 = 14 skeletal electrons or seven skeletal electron pairs. This corresponds to # + 1, or a closo
structure (octahedral).

You should consider attaching the -Si(CH,),Cl substituents to the carbon atoms of this carborane using the
dilithium derivative 1,7-BgH ¢C,Lis. You can first prepare 1,2-B1oC;H,; from decaborane as in the example.

Then, this compound is thermally converted to a mixture of the 1,7- and 1,12-isomers, which can be separated by
chromatography:

1,2-B1oCaH); —25 1,7-B1gCoHiz (90%) + 1,12-B,6C;H; (10%)

The pure 1,7-isomer is lithiated with RLi and then treated with Si(CH;),Cl;:
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1,7-B1oCoH oLi; + 2Si(CH;),Cl, — 1,7 - BgCaH1o(Si{CH3), + 2LiCl

813.10 (a) (CH.);SAIC); and GaBr;: GaBr; is the softer Lewis acid, so the reaction is (Me):SAICI; + GaBr; —

Me,SGaBr; + AICk; (Soft Lewis acid migrates from 2 hard Lewis acid to a soft one).
(b) TIC; and formaldehyde (HCHO) in acidic aqueous solution: Thallium trihalides are very unstable and are

easily reduced, as shown below:

2 TICl; + H,CO + HyO —2TICL + CO, + 4H" + 4CI

End-of-Chapter Exercises

E131

E13.2

E13.3

E134

Give a balanced chemical equation and conditions for the recovery of boron:
Boron is recovered from the mineral borax, Na,B,0s(OH) 8H,0. Borax is hydrolized in the presence of a strong
acid to boric acid, B{OH):

Na:B,O5(OH)s(aq) + 2H;0™(aq) + H,O(l) — 2Na™(aq) + 4B(OH)(s)

Boric acid precipitates from cold solution. This acid is then converted to B,O; under heat:

2B(OH)y(s) —2— B,0s(s) + 3H,0(g)
Finally, the oxide is reacted with magnesium to liberate elemental boron:
B.0O; + 3Mg — 2B + 3Mg0

(a) BF3: Both elements are non-metalic so a2 polar covalent bond can be expected with a strong © component of the
B—F bond.

(b) AICl;: In this case ionic bond between metallic Al and non-metallic Cl is predicted (you can confirm this using
the Ketalaar triangle and electronegativity values for Al and Cl). In the solid state, AICl; has a layered structure.
At melting point, AICl; converts to dimeric form, Al,Cls, with 2¢, 2¢ bridging bonds (i.e., electron-precise
structure).

(¢) BHg: Again, two non-metallic elements and covalent bond is expected. Further, structure 1 shows that B,Hg is
an electron-deficient dimer with 3¢, 2e bridging bonds.

For a given halogen, the order of acidity for Group 13 halides toward hard Lewis bases like dimethylether or
trimethylamine is BX3 > AlX; > GaX;, whereas the order toward soft Lewis bases such as dimethylsulfide or
trimethylphosphine is BX; < AlX; < GaX;. For boron halides, the order of acidity is BF; < BCl; < BBr;, exactly
opposite to the order expected from electronegativity trends. This fact establishes the order of Lewis acidity is
BCl;> BF; > AIC); toward hard Lewis bases:

{a) BF;N(CH,); + BCl; — BCI;N(CH;); + BF; (BCl; > BF3)
{b) BH;CC + BBr; — ¥R (BHj; is softer than BBr;, and CO is a soft base)

You should start by determining the number of moles for each reactant. The equivalent number of moles (2.5
mmol) is used. You should also recall from the discussion in Section 13.14 that although thatlium(III) halides are

unstable, they can be stabilized in the presence of excess of halide by the complex formation. Thus, NaBr and
TIBr; react to make Na[TIBx,4], which is the forraula of A.

TIBr; + NaBr — Na[TIBry]

From this formula, Na™ as a cation and [TIBr,]" as the anion are easily recognized.
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4 BF; +3 LiAIH;— 2 BsHg + 3 LiBF,; A = Byl
B,H¢ + 6 H,O — 2 B(OH); + 6 Hy; B = B(OH);
2 B(OH); + heat — BgO; +3 Hzo; C= B‘_yOJ
B,0; +3 CaF, — 2 BF, +3 CaO

B,H¢ does not survive in air; instead it reacts spontaneously with the oxygen in air and forms the solid oxide, as
shown below:

BZHG +3 01 - B;03 +3 Hzo
or boric acid:
B3H5 +3 02 - 2B(OH)3

If the air is moist, B,Hg can react with HO(g) as well.

(a) The structure of BsH,;:

This cluster would have three different environments in the proton-decoupled "B-NMR: the apical B atom
{marked as /.), two basal B atoms bonded to two bridging hydrides each (B atoms 2.), and two B atoms bonded to
one bridging H each (B atoms 3.).

(b) The structure of B4H,q:
H H
\

Two different boron environments are present in the proton-decoupled "'B-NMR of this compound: there are
two equivalent B atoms in the middle of the structure (bonded to only one terminal H atom) and two B atoms
on each side (bonded to two terminal H atoms).

(a) BH; + 3(CH3),C=CH, — B[CH,-CH(CHj).];
(b) BH; + 3CH=CH — B(CH=CH,});

Give combustion reaction as:
B:He(g) + 30:(g) — B:0y(s} + 3H,0(g)

In the first step, we will calculate the A,/ using the relationship:

AH = zAprmducu — ZAH eactants
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E13.10

El13.11

E13.12

The eathalpies of formation of B,Hg, H,0, and B,O; are given and the enthalpy of formation for O, is zero as per
the definition. Thus: \

AH = [3(-242 kI mol™) + (~1264 kJ mol™)] — [31 kJ mol™]
= —2021 kJ mol™

To calculate the heat released, when 1 kg (1000 g) of BsH, is used, we use the following procedure (using 27.62
g/mol as molecular weight of B;Hg):

a0t s -2 ) 17200
27.62g mol mol

Diborane is extremely toxic. It is an extremely reactive gas and hence should be handled in a special apparatus,
Moreover, a serious drawback to using diborane is that the boron-containing product of combustion is a solid,
B,0;. If an intemmal combustion engine is used, the solid will eventually coat the internal surfaces, increasing
friction, and will clog the exhaust valves.

The chelating agent, F,B—-C;H,—BF», can be prepared by adding B;F, to ethene. Starting with BCl;, the first step is
to prepare B;Cly and then convert it to B.F, with a double replacement reagent such as AgF or HgF>, as follows:

2BCl, + 2lig —Sewonimpat 5 5. 0), + 2HgCl,
B,Cly + 4AgF — BoF4+4AgCl
B'_vF4 + C3H4 — FzBH)CHgBFz

(a) NaBH, can be converted to BCl; using a solution of HCI in ether (with hydrogen gas and solid NaCl as by-

products);
NaBH, + 4HCl(ether sol.) — BCl; + NaCl(s) + 4H(g)

After NaCl is removed by filtration, the remaining filtrate (which is solution of BCI, in ether) is reacted with ethyl

Grignard reagent:
BC!3 + 3C2H5MgBr —)B(C2H5)3 + 3MgBl’Ci

(b) Starting from NaBH, and [HN(C,H;);]Cl, we should expect NaCl, with its high lattice enthalpy, o be a likely
product. If this is the case we shall be left with BH4™ and [HN(C,H;)]". The interaction of the hydndic BH, ion
with the protic [HN(C;H3)s]™ ion will evolve dihydrogen gas to produce triethylamine and BH;. In the absence of
other Lewis bases, the BH; molecule would coordinate to THF; however, the stronger Lewis base triethylamine is
produced in the initial reactions, so the overall reaction will be :

[HN(C;H;);]C! + NaBH;~— H, + H3BN(C;Hs); + NaCl

C»-Axis viewpoint of Ba is




Chapter 13: The Group 13 Elements 133

E13.13 In general, boron hydrides with more hydrogen atoms are thermally unstable. The compounds B¢H;o and B¢H,»
belong to two different classes of boranes, B,H,.4 and B,H,.¢, respectively. The first class has less H atoms per
boron. In this case, # ts six for both compounds; hence we expect BgH ) to be stable relative to BgH,,.

E13.14 The formula BsHy belongs to a class of borohydrides having the formula B,H,.,, which is characteristic of a nido
species. There are five BH units, which contribute 5x2 = 10 electrons {assuming one B-H bond per B atom), and
the four additional H atoms, which contribute a further four electrons, giving 14 skeleton electrons in total, or
seven skeletan electron pairs, which is #+2 with # = 5. This is characteristic of nido clusters.

E13.15 (a) The balanced chemical equation for the air oxidation of pentaborane (9) is:
2BsH(l) + 1205(g) — 5B,04(s) + 9HO(1)

(b) A serious drawback to using pentaborane is that the boron-containing product of combustion is a solid, B;O;.
If an internal combustion engine is used, the solid will eventually coat the internal surfaces, increasing friction,
and will clog the exhaust valves. Another disadvantage for the use of pentaborane as a fuel is the incomplete
combustion to B,O;. Because of this the exhaust nozzles of the rocket become partly blocked with an involatile

BO polymer.

E13.16 (a) The formula B,,H,; belongs to a class of borohydrides having the formula B,H,..4, which is characteristic of a
nido species.
(b) There are 10 BH units, which contribute 10x2 = 20 electrons (assuming one B—H bond per B atom), and the
four additional H atoms, which contribute four additional electrons, giving a total of 24 electrons, or 12 electron
pairs, which is #+2 for n = 10. This 1s characteristic of #ido clusters.
(c) The total number of valence electrons for BjoH,s is (10%3)+(14x1) = 44. Since there are ten 2¢-2¢ B-H bonds,
which account for 20 of the total number of valence electrons, the number of cluster electrons is the remainder of

44-20=24.

E13.17 (a) For BsH;;: 5%2 = 10 electrons from 5 B-H units, 6x1 = 6 electrons from additional H atoms; in total there are
16 skeletal electrons, or 8 electron pairs. This corresponds to #+3 (for # = 5) or arachno-type structure.

/H\ _3_/_:\ "Vf
4@& N\

Bavic nido-B6 stroetare Bewke arrcleo-B5 shcotre  Final BUH,, straculre (efler theee
(abter removel of coe {affer removal of mnother vertex  bridging and three fexyminal B
Perent closa-B7 strocture  vertex from olose-B7) from mide-B& structure) atams have been added)

(b) For B4H; : 4x2 = 8 electrons from four B-H units, 3x1 = 3 electrons from additional H atoms and one extra
electron from a minus charge; in total there are 12 skeletal electrons, or six electron pairs. This corresponds to #+2

(for n = 4) or nido-type structure:
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E13.18

E13.19

E13.20

/\ -

- -l
H Besic #do-BA strocture Final B H," strocutre {after chargps,
(afler vemoval of one thres bridging end one terminal H
Parent cfoso-B3 stroctire vertex from close-BS5) atums have been added)

General equation for hydrolysis of borohydrides is:
BnHm + 3)‘?1‘{20 el MB{OH)3 + (3n+m)f2 H),

In our case, six moles of B(OH); have been produced, meaning that # in above equation is 6. From this value and
the fact that 15 moles of H; have been liberated, we can find m:

(3n+m)/2 =15, hence 3x6 + m=15%2, and m = 12

thus the formula is BsH,,.
This borohydride has 18 skeletal electrons (12 from six BH units, and six from additional six H atoms) or nine
electron pairs. This means the cluster is arachno and is based on closo-B8 structure cage.

Simple polybedral boranes come in three basic types: B,H,” closo structures, B,H,.., nido structures, and B,H, . ¢
arachno structures.

The first compound given in this exercise, B,H;q, is an example of a B,H,:¢ compound with # = 4, s0 it is an
arachno borane. Its name is tetraborane(10) and its structure is shown in Structure 10: two B-H units are joined by
2 (2¢,2e) B-B bond; this B-H- unit is flanked by four hydride bridges to two BH; units (the B-H-B bridge bonds
are (3c¢,2e) bonds).

The second compound, BsHs, is an example of a B,H,.; compound with » = 5, so it is a nido borane. Its name is
pentaborane(9) and its structure is also shown in Structure 4: four B-H units are joined by four hydride bridges;
the resulting B,H; unit, in which the four boron atoms are coplanar, is capped by an apical B-H unit that is bonded
to all four of the coplanar boron atoms.

The third compound is an example of a carborane in which two C—H units substitute for two B-H™ units in
ByaH;2", resulting in 1,2-B;oC>H,» that retains the closo structure of the parent B)sH ,> ion. Its name is 1.2-closo-
dodecaborane(12): a BsHs pentagonal plane is joined to a B;CH; pentagonal plane that is offset from the first plane
by 36°; the first plane is capped by a B~H unit, whereas the second is capped by a C—H unit.

The target molecule, {Fe{nido-B4C gH.,)Z]Z', can be prepared in five steps as follows:

(1) BgH;s +2SEty — BjoH;»(SEt); + H,

(2) BioH12(SEt), + CHy — BCsHy, + 2SEt, +H,

(3)2BpCaHpy + 2E10° = 4EtOH — 2 ByC-H~ + 2B(OEf) + 2Hs
(4) Na[Bqule] + NaH — Nﬂ:[B9C3H]|] + Hg

{5) 2Nay[B,C;H;] + FeCly — 2NaCl + Nao[Fe(BsCyHy )]

The structure of the anion is shown below with H atoms omitted for clarity:
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A plausible structure can be determined when we note that the nitrogen atom in the structure provides two more
skeletal electrons than the B atom would on its place. Thus, if the compound had only B atoms, we would have 24
skeletal electrons (from 12 B-H units) or 12 skeletal electron pairs. To this we have to add two more electrons (or
one more electron pair) to account for two extra valence electrons on the nitrogen atom. This gives 26 skeletal
electrons or 13 pairs. This is »+1 (for » = 12), and the structure is closo and it corresponds to the icosahedral
structure with one BH unit replaced with an NH unit.

(a) The structures. Both of these substances have layered structures. The planar sheets in boron nitride and in
graphite consist of edge-shared hexagons such that each B or N atom in BN has three nearest neighbors that are
the other type of atom, and each C atom in graphite has three nearest neighbor C atoms. The structure of graphite
is shown in Figure 14.2. The B-N and C-C distances within the sheets, 1.45 A and 1.42 A, respectively, are much
shorter than the perpendicular interplanar spacing, 3.33 A and 3.35 A, respectively. In BN, the B;N; hexagonal
rings are stacked directly over one another so that B and N atoms from alternating planes are 3.33 A apart,
whereas in graphite the C4 hexagons are staggered (see Section 13.9) so that C atoms from alternating planes are
either 3.35 A or 3.64 A apart (you should determine this yourself using trigonometry).

(b) Their reactivity with Na and Br,? Graphite reacts with alkali metals and with halogens. In contrast, boron
nitride is quite unreactive.

(c) Explain the differences? The large HOMO-LUMO gap in BN, which causes it to be an insulator, suggests an
explanation for the lack of reactivity: since the HOMO of BN is a relatively low-energy orbital, it is more difficult
to remove an electron from it than from the HOMO of graphite, and since the LUMO of BN is a relatively high
energy orbital, it is more difficult to add an electron to it than to the LUMO of graphite.

(2) PhaN;B;Ch?  The reaction of a primary ammonium salt with boron trichloride yields N-substituted B-
trichloroborazines:

3 [PhNH;]Cl + 3 BCl; — Ph;N3B4Cly + 9 HCI

(b) Me;N3;B:H;?  You first prepare Me;N;B;Cl; using [MeNH;]C1™ and the method described above, and then
perform a CI/H™ metathesis reaction using LiH (or LiBH,) as the hydride source:

3 MeNH, CI™ + 3 BCly — Me;N;B3Cly + 9 HC
Me;N;BiCl; + 3 LiH — MesN;B;H; + 3 LiCl

The structures of PhyN3;B;Cl; and MesN1B;H; are shown below:
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E13.24

E13.25

E13.26

E13.27

In a series of boranes, the acidity increases as the size of the borane increases. This is because the negative charge,
formed upon deprotonation, can be better delocalized over a large anion with many boron atoms than over a small
one. Therefore, the Brensted acidity increases in the order B,Hg < BsHy < BigHys.

Since B(CH3;); is a monomer we can conclude that the B-CH;-B bridges are unlikely to be found in the series
given in the problem. It is very likely that all the structures are indeed dimers with B-H-B 3¢ 2e bonds. The
reason why B-CH;-B are not observed might be both electronic and steric. Methyl group is a better electron donor
than hydrogen atom. As a result monomeric B(CHj;); is less Lewis acidic than monomeric BH;. In terms of steric
effects, methyl group is larger than hydride. Thus, placing four CH; groups around one B atom is sterically more
demanding than placing four hydrides or even two hydrides and two methyl groups (as is in the last structure
below). Consequently, we can say that all of the structures in the given series are dimeric and have B-H-B
bridges:

Note that the second structure can have two more isomers (the one above can be called frans while the second
below can be called cis; the ¢is and frans two could be in a rapid exchange):

%, st My A
0 N M He”

(a) The "B NMR spectrum of BH;CO would show one quartet resonance due to ''B being coupled to three
equivalent H nuclei.

(b) [Bnle}z' has two distinct ''B environments in its structure; two apical B atoms and 10 equivaient B atoms in
two five-membered rings. Thus the ''B NMR should show two signals in relative intensity 1 : 5 both of which
should be, if we assume no B-B coupling, doublets because each B atom in [By;H),]% is bonded to only one H
atom.

Statement (a) is incorrect—in fact only boron has some non-metallic properties, all other elements are metallic.
Statement (b) is also incorrect—the hardness is decreasing down the group; in fact, of Group 13 elements only
boron and alyminium {top of the group) show pronounced oxophilicity and boron fluorophilicity.

Statement (¢) is only partially correct—while Lewis acidity of BX; does increase from F to Br, it is not due to
stronger B-Br nt bonding (as stated) but exactly due to the opposite trend: the n bonding is decreasing in the same
order Lewis acidity is increasing, that is, = bonding in B—Br is weaker than in B-F (the latter explains the former).
Statement (d) is incorrect—arachno boron hydrides are less stable than nido-borohydrides, also, their skeletal
electron count 1s #7+3 not 2(n+3).

Statement (e) is correct.

Statement (f) is partially incorrect—while layered BN and graphite have similar structures, layered BN has a very
large (not small as stated) HOMO-LUMO gap and is in fact an insulator (not a conductor as stated).
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Self-Test Exercises

Si4.1

S14.2

S14.3

S14.4

(a) The extended n system for each of the planes of graphite results in a band of n orbitals. The band is half filled
in pure graphite; that is, all of the bonding MOs are filled and all of the antibonding MOs are empty. The HOMO-
LUMO gap is ~0 eV, giving rise to the observed electrical conductivity of graphite. Chemical reductants, like
potassium, can donate their electrons to the LUMOs (graphite n* MOs), resulting in a material with a higher

conductivity.
(b) Chemical oxidants, like bromine, can remove electrons from the HOMOs (n MOs) of graphite. This also

results in a material with a higher conductivity.

The enthalpy of formation is calculated as the difference between the bonds broken and the bonds formed in the
reaction.

Four C-H bonds are formed in the formation of methane from graphite and hydrogen gas:
C(graphite) + 2 Hx(g) — CHi(g)

AH (CH.,g) = (bonds broken) — (bonds formed) = [715+2(436)]kJ mol™ — [4(412)] kJ mol™
AdH = -61kJ mol™

Four Si—H bonds are formed in the synthesis of silane from silicon with hydrogen gas:
Si(s) + 2 Hy(g) — SiH, (g)

AH (SiH4,g) = (bonds broken) — (bonds formed) = [439+2(436)]k] mol™' - [4(318)) kJ moi™
AgH=+39 kJ mol™!

The first step of synthesis would be the oxidation of >CO to *CO,. Carbon dioxide is Lewis acidic and can react
with strong Lewis bases. Thus, we can treat *CO, with a source of deuteride ion, D", a good Lewis base. A
convenient source would be LiD (or NaD). The entire synthesis would be:

CO(g) + 2 MnO,(s) — CO(g) + Mn,Ox(s)
2 Li(s) + D, — 2 LiD(s)
13CO,(g) + LiD(ether) — Li'D>CO; (ether)

Oxidation of C,” to C,” would result in removal of one of the electrons found in 2o, molecular orbital. This
molecular orbital is bonding in character, and removal of one of the electrons from this orbital would give the Io,
lo,” 1n,* 20, electronic configuration resulting in a decrease in bond order—from 310 2.5:5=1% (2-2+4 +1)
= 2.5. As a consequence C~C bond length in C;~ would be longer than in .

End-of-Chapter Exercises

El4.1

Statement (a) is incorrect—tin and lead are metallic elements,

Statement (b) is correct.

Statement (c) is partially correct—whereas it is true that both CO, and CS; are weak Lewis acids, CS; is softer
(not harder) than CO,.

Statement (d) is incorrect—zeolites are framework alumosilicates (not layered like mica) and they do contain
metal cations in their composition to balance the negative charge of the alumosilicate framework.

Statement (&) is correct—hydrolysis of CaC,, a ionic compound, produces HC=CH and Ca(OH),.

137
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E14.2

E14.3

El4.4

Ei4.8

{a) Although two major allotropes of carbon are graphite and diamond, it makes sense to compare diamond with
silicon because one of the silicon’s solid phases shares the same structure with diamond. In the diamond-type
structure, each atom forms singlte bonds with four neighbouring atoms located at the corners of tetrahedron. Each
atom in this structure can be seen as having sp’-hybridization and a full octet achieved through electron sharing in
covalent bonds. This structure results in & wide energy gap between filled and empty bands—a gap that is,
however, smaller for Si{(diamond) than for C(diamond). As a consequence, C(diamond) is generally considered an
insulator, whereas Si(diamond) is a semiconductor.

{b) Really striking differences between C and the rest of the elements of the Group 14 are the properties and
structures of the oxides. Carbon forms a rather stable monoxide, but silicon monoxide is an unstable species. Both
carbon and silicon form very stable dioxides but the two compounds could hardly be more different. While CO; is
gas and a linear molecule, SiQ, forms a network solid with Si—O-Si bridges, with each Si atom tetrahedrally
surrounded with four O atoms throughout the structure. As a consequence of this rigid structure, $iO; has high
melting and boiling points.

(c) Silicon tetrahalides are mild Lewis acids whereas analogous carbon compounds are not Lewis acidic. The
reason for this difference in acidic properties is in the fact that silicon, unlike carbon, can extend its octet (i.e., it
can form hypervalent compounds) allowing for formation of more than four bonds and thus bonding with Lewis
bases.

SiCLiF, SiCl,F,, and SiCIF; have tetrahedral structures as shown below. Each Si has an octet and each molecule
conforms with VSEPR theory:

F F F
] | |
ClmS; . ClwinSj N Clunt St N
7 7/ °F /7 F
Ci Cl F
SiChF SiCl, F, SiCIF3
The bond enthalpy of a C-F bond is higher than the bond enthalpy of a C—H bond, making C-F bond more
difficult to break. Further, the combustion produces not only CO, but H,0 as well that is thermodynamically a

very stable compound. Formation of both CO, and H,0 thermodynamically drive the combustion of CHy. There is
no equivalent to the formation of H,O in the combustion of CF,.

The chemical equation for reaction of SiF, with (CH;),NF:
SiFs + (CH;JINF ———  [(CH;)NJ[SiFs]"
(&) The cation is [(CH3).N]"
The number of valence electrons present on central N atom = 8
The number of valence electron pairs = 4

Therefore, VSEPR theory predicts that a species with four bonding pairs of electrons should be tetrahedral.

H;C +
\N ) W CH 3
Hye” \CH

3
The anion is SiFs .

The number of valence electrons present on central Si atom = 4 (valence electrons of central Si atom) + 5 (five
electrons from 5 F atom) + 1 (negative charge) = 10.
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The number of valence electron pairs = 5.

Therefore, VSEPR theory predicts that a species with five bonding pairs of electrons should be trigonal
bipyramidal.

{(b) The ’F NMR shows two fluorine environments because in the structure of the anion there are two different
fluorine environments: axial and equatorial.

The structure of cyclic anion [Si40q2]™:
T.
s o

- O/ \o
Q
oh-—éi/ \S'i—---O'
O\ o
"‘T'/
(0]

Q

The charge of this anion can be determined if we consider the number of Si*" cations and the number of O
anions. There are four Si*" cations giving a total charge of 4 x (+4) = +16. There are 12 Q7 anions with total
negative charge 12 x (—2) = =24. Thus, the total charge of the anion is the sum of total positive and total negative
charges: +16 + (—24) =-8.

196n-NMR spectrum of Sn(CHj)s would show a single environment for ""Sn (/ = %) nucleus in a tetrahedral
geometry. The signal would be split into 13 lines due to ¢coupling of 1981 nucleus with 12 equivalent protons from
four -CH; groups. The number of lines can be calculated using the formula 2n/ + 1 given in Section 8.5(c). The n
is the number of equivalent nuclei that ''°Sn nucleus couples to and / is their spin, in this case 12 equivalent nuclei
with 7=, We get: 2x12 x %+ 1 =13,

'H-NMR spectrum of Sn(CHs), contains doublet peak for 'H ( / = %) nucleus. This doublet is due to coupling of
'H (I =1/2) with ""”Sn (I = 1/2) nucleus.

The enthalpy of hydrolysis of a compound can be calculated as the difference in energy between the bonds broken
and the bonds formed in the hydrotysis reaction. The relevant equations for the hydrolysis of CCl, and CBr, are:

CCL(D + ZH0() ————= COy(g) + 4HCNaq)

J

AH e = [(2 X 743 kJ mol™) + (4 x 431 kJ mol™")] - [(4 x 322 kJ mol™) + 2(2 x 463 kJ mol™)]
=[1526 kJ mol™ + 1724 kJ mol™'] - {1288 kJ mol™" + 2 x 926 kJ mol™|
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El4.10

El4.11

E14.12

E14.13

= 3250 kJ mol™' — [1288 kJ mol™ +1852 kJ mol '}
= 3250 kJ mol™' — 3140 kJ mo!™
=110 kJ mol™

CBry (1) + 2H,0 () ——— CO,(g) + 4HBr (aq)

A i = [(2 X 743 kI mol™") + (4 X 366 kJ mol™)] — [(4 X 288 kJ mol™) +2(2 x 463 kJ mol™)]
= [1526 kJ mol™ + 1464 kJ mol™'] - [1152 kJ mol™ + 2 x 926 kJ mol™]
= 3090 kJ mol™'— [1152 kJ mol' +1852 kJ mol™")
= 3090 kJ moi™ — 3004 kJ moi™

=86 kJ mol™
Si+2 ChL — SiCl, A =SiCl,
SiCl, + RLi — SiRCl; + LiCl B =SiRCl,
SiRC}; + 3 H,O — RSi(OH); + 3 HCI C =RSi(OH);
2 RSi(OH), — RSiOSiR +H,0 D =RSIOSiR
SiCl, + 4 RMgBr — SiR, +4 MgBrCl  E=SiR,
SiCly+ 2 HyO — Si0, +4 HCI F =510,

Note that in the reaction with RLi the products can be RSiCly, R;SiCl;, RsSiCl, and RySi depending on the
stoichiometry used; thus product B has more than one possibility considering that the stoichiometry is not clearly
given. For the reaction with water, however, your product must contain Si—Cl bonds; this excludes R,Si as a
possible product. Considering that product B has more than one possibility, products C and D vary. For example,
if B is R3SiCl,, then reaction with water would give R,Si{OH), as C that would further condense to cyclic
(R,Si0); product D. Consult Section 14.16 for further details.

(a) +4 is the most stable oxidation state for the lighter elements, but +2 is the most stable oxidation state for Pb,
the heaviest element in Group 14. Recall from Section 9.5 that the inert-pair effect is the relative stability of an
oxidation state in which the oxidation number is 2 less than the group oxidation number. Pb therefore displays the

inert-pair effect.
(b) Table 14.1 shows that the most stable oxidation state for Sn is +4 and the most stable oxidation state for Pb is
+2. Reactions (i) and (ii) illustrate Pb and Sn attaining their respective most stable oxidation states and are

therefore both favourable reactions.

(i) Sn** + PbO, +4 H' > Sn*" +Pb¥* +2 H,0
This reaction produces Pb**, which is more stable than starting Pb*", and Sn**, which is more stable than Sn®".
Thus, the reaction fits the trend.

(ii) 2 Sn?* + O, + 4 H" > 2 Sn*" + 2 H,0.
Sn”" is less stable than Sn*", thus Sn®* should be easily oxidized. Again the terned is observed.

Reaction (i) is Sn** + PbO, + 4 H* - Sn* + Pb* + 2H,0. In this reaction Sn is oxidized from +2 to +4 and Pb is
reduced from +4 to +2. The standard reduction potential for the Sn oxidation is -0.15V and +1.46V for the Pb
reduction. The standard reaction potential is +1.46 V—(—0.15 V)=+1.31 V.

Reaction (ii) is 2 Sn** + O, + 4 H* & Sn* + 2 H,0. In this reaction Sn is oxidized to +4 from a +2 oxidation state
and oxygen is reduced to -2 oxidation state. The standard potential is therefore 1,229 V-0.15V=1.08 V,
Reaction (i) is therefore more favourable because it has a higher (more positive) standard potential. Both reactions
agree with the predictions made in Exercise 14.5 because lead and tin are going to their most stable oxidation
states. Keep in mind that a positive reaction potential indicates a spontaneous reaction.

Silicon is recovered from silica (Si0,) by reduction with carbon:

Si0y(s) + C(s) — Si(s) + COxg) AH <0
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The reaction takes place in an electric arc furnace because it has high activation energy due to the strong Si-O
bonds.

Germanium is recovered from its oxide by reduction with hydrogen:

GeOs(s) + 2 Hy(g) — Ge(s) + 2 H,0(g)  AH<O0

GeO; can also be reduced by CO:
GeO4(s) + 2CO(g) — Ge(s) + 2C0A(g)

E14.14 (a) There is a decrease in band gap energy from carbon (diamond) to grey tin (See Section 14.1) as the metallic
character of the elements is increasing.
{b) Silicon is a semiconductror. This type of material always experiences an increase in conductivity as the
temperature is 1aised. Therefore, the conductivity of Si will be greater at 40°C than at 20°C.

E14.15 Consult Figure 14.12 and Section 14.13.

Ionic Metallic carbides. Metalloid

carbides carbides
Group I Li,Na, K, Rb, Cs
elements
Group II Be, Mg, Ca, Sr,
elements Ba
Group 13 Al B
elements
Group 14 Si
elements
3d-Block Sc, Ti, V, Cr, Mn, Fe,
elements Co, Ni
4d-Block Zr, Nb, Mo, Tc, Ru
clements
5d-Block La, Hf, Ta, W, Re, Os
elements
6d-Block Ac
elements
Lanthanides Ce, Pr, Nd, Pm, Sm,

Eu, Gd, Tb, Dy, Ho,
Er, Tm, Yb, Lu

E14.16 (a) KC3? This compound is formed by heating graphite with potassium vapour or by treating graphite with a
solution of potassium in liquid ammonia. The potassium atoms are oxidized to K* ions; their electrons are added to
the LUMO nt* orbitals of graphite. The K" ions intercalate between the planes of the reduced graphite so that there
is a layered structure of altemating sp® carbon atoms and potassium ions. The structure of KCs, which is an
example of a saline carbide, is shown in Figures 14.4 and 14.13.

(b) CaC,;? There are two ways of preparing calcium carbide, and both require very high temperatures
(2 2000°C). The first is the direct reaction of the elements, and the second is the reaction of calcium oxide with
carbon:

Ca(l) + 2 C(s) — CaCy(s)
Ca0(s) + 3 C(s) = CaCy(s) + CO(g)

The structure is quite different from that of KCs. Instead of every carbon atom bonded to three other carbon atoms,
as in graphite and KC;, calcium carbide contains discrete C,>~ ions with carbon—carbon triple bonds. The structure
of CaC,; is similar to the NaCl structure, but because C,>" is a linear anion (not spherical like CI") the unit cell of
CaCl, is efongated in one direction making the unit cell tetragonal (see Figure 14.14). This carbide is, hence, ionic.
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E14.17

E14.18

E14.19

E14.20

E14.21

E14.22

(c) KsCq? A solution of Cg, in a high boiling point solvent (such as toluene), can be treated with elemental
potassium to form this compound. It is also ionic, and it contains discrete K" ions and Cep’™ ions (see Section
14.6(a) Carbon clusters). The ionic unit cell is based on a face-centred packing of Ceo’~ anions with K* cations
occupying every tetrahedral and octahedral hole (see Figure 14.5). i

Both of these compounds react with acid to produce the oxide, which for carbon ts CO, and for silicon is SiO;.
The balanced equations are:

K;COs(aq) + 2HCKaq) — 2KCl(aq) + CO(g) + H,0(1)
Na,SiO4(aq) + 4HClaq) — 4NaCl(aq) + SiO(s) + 2H,0(l)

The second equation represents one of the ways that silica gel is produced. Note that in the second reaction the
first product is silicic acid, H,Si0,. However, this acid rapidly polymerizes and looses H;O, forming a network of
very strong Si—O bonds.

In contrast with the extended three-dimensional structure of SiQ,, the structures of jadeite and kaolinite consist of
extended one- and two-dimensional structures, respectively. The [Si057], ions in jadeite are a linear polymer of
8iQ, tetrahedra, each one sharing a bridging oxygen atom with the tetrahedron before it and the tetrahedron after it
in the chain {see Structure 16). Each silicon atom has two bridging oxygen atoms and two terminal oxygen atoms.
The two-dimensional aluminosilicate layers in kaolinite represent another way of connecting SiQy tetrahedra (see
Figure 14.15). Each silicon atom has three oxygen atoms that bridge to other silicon atoms in the plane, and one
oxygen atom that bridges to an aluminum atom.

(a) A sodalite cage is based on a truncated octahedron (see Figure 14.19 and Structure 18). Each of the heavy lines
in the drawing of an octahedron truncated along one of its C; axes represents an M—O—M linkage (M = Si or Al).
There are eight such lines in the drawing, and because the truncation procedure is carried out six times to produce
a sodalite cage, there are 8 x 6 = 48 bridging oxygen atoms,

(b) As shown in Figure 14.3, sodalite cages are linked together to form the supercage in zeolite A. The polyhedron
at the centre has six octagonal faces (the one in the front of the diagram is the most obvious) and eight smaller
square faces. If you look at Structure 19, you will see that a truncated octahedron has eight hexagonal faces and
four smaller square faces. Thus the fusing together of eight truncated octahedra produces a central cavity that is

different than a truncated octahedron.

Both pyrophyilite, Al;Si,0,o(OH),, and muscovite, KAly(Si;Al)0,6(OH),, belong to the phyllosilicate subclass of
silicate class. The phyllosilicates are characterised with two-dimensional sheets composed of vertex-sharing SiO;-
tetrahedra; each SiO;-tetrahedron is connected to three neighbouring SiO,-tetrahedra via bridging O atoms. These
sheets are negatively charged and held together via electrostatic interactions with cations sandwiched between the
sheets. Because of this layered structure, both pyrophyllite and muscovite have excellent cleavage parallel to the
layers (just like graphite). The hardness of two minerals is, however, somewhat different—muscovite is harder
than pyrophyllite (although both are very soft and can be scratched with a nail). The reason for this is in the
chemical composition. Pyrophyllite layers are composed of exclusively SiO, tetrahedra held together with
sandwiched A" cations [ocated in octahedral holes. In muscovite structure, however, every fourth $i** in the layer
is replaced with AP (see the formula—Si;Al). The replacement of one +4 charge with +3 decreases the overall
charge of layers and an additional cation is required to balance the charge. Strictly speaking one Si*" is replaced
with the AI’'/K” pair. Lower charge on layers and more cations in between layers hold the muscovite structure
tighter than pyrophyllite, and the result is higher hardness in muscovite.

Glasses are amorphous silicon-oxygen compounds. Starting from sand (which is mostly pure SiO,) and other
oxide additives, a wide variety of glasses with different properties can be obtained, used and seen every day.
Activated carbon (used as adsorbent), carbon fibres (used as additives in plastic to increase the strength), and
carbon black (used as pigment) are three examples of amorphous and partially crystalline carbon.

The silicate sheets are represented on Figures 14.17 and 14.18. An edge view of these sheets is sketched below
where every tetrahedron represents one SiO, unit. There is a rather extensive substitution of Si** with AP (every
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second Si*" has been substituted with AI>*, as can be seen from the mineral formula) in these sheets. Note that two
tetrahedral AlSi sheets are oriented with respect to each other, in such a way that unshared oxygen atoms on each
sheet are facing each other. It is within this space between the sheets that octahedral holes are formed—they are
defined by six unshared oxygen atoms, three from the top and three from the bottom SiAl-sheet. The rest of AP*
cations (those that are not substituted for Si‘) occupy these holes. Ca®* cations are, however, too large for the
octahedral holes, and it is more likely that they will be found in larger holes with coordination number 12.

Guidelines for Selected Tutorial Problems

T14.1

T14.2

Ti4.3

You can use any mineralogy textbook as a source for this problem. Suggested text would be a classic mineralogy
textbook Dana’s Manual of Mineralogy by C. Klein and B. Dutrow, published by Wiley and Sons, currently in its
23rd editon.

The obvious choice for silicon is, of course, the fact that it is in the same group as carbon. They also share the
common highest (and most stable) valence and preferred geometry (tetrahedral), The fact that silicon is the second
most abundant element in Earth’s crust (as well as in crust’s of the other rocky planets—at least as much as we
know currently) also goes in favour of silicon-based life.

The major part of your arguments against should focus on explaining the reasons behind different catenation
preferences for the two elements, lack of Si=Si bonds (or better said, their low stability), and silicon’s high affinity
toward oxygen (the most abundant element in Eart’s crust—explain how this is an issue using thermodynamic
parameters provided in the tables within this chapter).

The text suggested for T14.1 also discusses the synthetic diamonds and provides further sources on this topic, thus
it is a good starting point for this tutorial problem as well.
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Self-Test Exercises

S15.1

S15.2

515.3

(a) Yes, the structure is consistent with the VSEPR model. Considering the three nearest neighbours only, the
structure around each Bi atom is trigonal pyramidal, like NH;, VSEPR theory predicts this geometry for an atom
that has a Lewis structure with three bonding pairs and a lone pair. A side view of the structure of bismuth is
shown below.

{b) Two nitrogen atoms in N, molecule have 10 valence electrons (each contributing five electrons). If we make
only one bond between N atoms, then we have a sextet around each N atom (as shown in Figure S15.1(A)).
Making the double bond gives each N atom an additional electron pair and a septed at each N (Figure S15.1{B)).
Only if we make a triple bond between two N atoms (Figure S15.1(C)) each nitrogen can achieve octet giving also
a final Lewis structure for N,.

A—l NN NN
S13.1¢A} 515.1(B) S15.1¢C)

Nitrogen is a gas under standard contitions as can be expected from the final structure: non-polar, low- molocular
weight molecule. It is also diamagnetic as can be expected from the fact that all electrons are paired with an octet.

N; conld aiso react as a Lewis base: each N atom still has a lone electron pair, but it is likely to be a weak one due
to the fact that N atoms have high electronegativity and the electrons have low energy. N, is also a very unreactive
gas as can be expected from a triple bond between its atoms.

Dimehylhydrazine ignites spontaneously; unlike H; and low hydrocarbons, it is not a gas and does not need to be
liquified making its handling easier and more energy efficient. In comparison to hydrocarbons, it produces less
CO,.

Sulfur is on the right-hand side of phosphorus in the same period (period 3) in the periodic table. Two trends are
important for this pair: 1) moving from left to right the non-metallic character of the elements is increasing, and 2)
the electronegativity vaiues are increasing. High electronegativity and strong non-metailic character are typical of
good oxidizing agents. Thus, because sulfur is on the right side, it is more non-metallic than phosphorus and has
higher electronegativity, making it a better oxidizing agent than phosphorus. This becomes more qualitative if we
look at the reduction potentials for phosphorus and sulfur. From the table of standard reduction potentiais in
Resource Section 3 you can obtain the following information:

P(s) + 3¢ + 3H'(aq) — PH;s(aq) E°=-0063V
' S(s) + 2¢” + 2H'(aq) — H,S(aq) E°=0.144V

Since AG = —vFE®, sulphur is more readily reduced and is therefore the better oxidizing agent. This is in harmony
with the higher electronegativity of sulphur (x = 2.58) than phosphorus (% = 2.19).

145
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S15.4

$15.5

(a) Brown, gaseous NO, is not easily oxidized. Since it contains N in an intermediate oxidation state {(+4), it is
prone to disproportionation in aqueous solutions. Unlike NO,, the colourless NO is rapidly oxidized by O, in air
producing NO,;. N,O is unreactive for purely kinetic reasons.

(b) The reactions that are employed to synthesize hydrazine are as follows: ;

NH; + CIO™ + H" — [H;N—CI-0]" + H" — H,NCl + H,0
H,NCl + NH; — H,NNH; + HCI

Both of these can be thought of as redox reactions because the formal oxidation state of the N atoms changes
(from -3 to —1 in the first reaction and from —1 and -3 to -2 and -2 in the second reaction). Mechanistically, both
reactions appear to involve nucleophilic attack by NH; (a Lewis base) on either C10™ or NH,Cl (acting as Lewis
acids).

The reaction employed to synthesize hydroxylamine, which produces the intermediate N(OH)SO;),, probably
involves the attack of HSO;™ (acting as a Lewis base) on NO, (acting as a Lewis acid), although, because the
formal oxidation state of the N atom changes from +3 in NO, to +1 in N(OH)(SO3),, this can also be seen as a
redox reaction. Whether one considers reactions such as these to be redox reactions or nucieophilic substitutions
may depend on the context in which the reactions are being discussed. It is easy to see that these reactions do not
involve simple electron transfer, such as in 2 Cu* (aq) — Cu® (s) + Cu™ (aq).

The strongly acidic OH groups are titrated by the first 30.4 cm® and the two terminal OH groups are titrated by the
remaining 45.6 cm® - 30.4 cm’ = 15.2 cm’. The concentrations of analyte and titrant are such that each OH group
requires 15.2 cm® /2 =7.6 cm’ of NaOH. There are therefore (30.4 cm)/(7.6 cm®) = 4 strongly acidic OH groups
per molecule. A molecule with two terminal OH groups and four further OH groups is a tetrapolyphosphate.

End-of-Chapter Exercises

Ei15.1

15.2

The answers are summarized in the table below:

Type of | Diatomic | Achieves Displays
elemnent gas? maximum inert pair
oxidation state? effect?
N nonmetal | yes yes no
P nonmetal | no yes no
As | nonmetal | no yes no
Sb | metalloid | no yes no
Bi metalloid | no yes yes

(a) High-purity phosphoric acid. The starting point is hydroxyapatite, Cas(PQ,);OH, which is converted 1o crude
Ca3(PQ,),. This compound is treated with carbon to reduce phosphorus from P(V) in PO,* to P(0) in P, and with
silica, $i0,, to keep the calcium-containing products molten for easy removal from the furnace. The impure Py is
purified by sublimation and then oxidized with O, to form P40, which is hydrated to form pure H;PO,.
2Caz(POy)y + 10C + 6Si0y — Py + 10CO + 6CaSiO;
P, (pure) + 50, — POy
P40||) + 6H,O0 — 4H3PO4 (pure)

(b) Fertilizer-grade H;PO,. In this case, hydroxyapatite is treated with sulfuric acid, producing phosphoric acid
that contains small amounts of impurities.
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E15.4

E15.5

E15.6

E15.7
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Cas(P04)30H + SHzSO.q - 3H3P04 (lmpnre) + 5C3$04 + H20

(c) Account for the difference in cost. The synthesis of fertilizer-grade (i.e., impure) phosphoric acid involves a
single step and gives a product that requires little or no purification for further use. In contrast, the synthesis of
pure phosphoric acid involves several synthetic steps and a time-consuming and expensive purification step, the
sublimation of white phosphorus, P,.

() Hydrolysis of Li;N. Lithium nitride can be prepared directly from the elements. Since it contains N* ions,
which are very basic, LizN can be hydrolyzed with water to produce ammonia:

6Li(s) + Na(g) — 2LisN(s)
Li;N(s) + 3H;0(1) — NH(g) + 3LiOH(aq)

{b) Reduction of N; by H,, This reaction requires high temperatures and pressures as well as a presence of the
solid-state catalyst to both proceed at an appreciable rate and provide sufficient conversion:

Na(g) + 3HaAg) — 2NHs(g)

(¢) Account for the difference in cost. The second process is considerably cheaper than the first, although the
second process must be carried out at high temperature and pressure. This is because the cost of using lithium
metal is higher than using N,(g) from the air and it is a recyclable (reusable) catalyst.

NH4NQ; in water dissociates to give ammonium cation and nitrate anion:
NH,NOjy(s) + HyO(1) — NH,'(aq) + NO; (aq)

The ammonium ion is the conjugate acid of the weak base, ammonia, and hence expected to be moderately acidic
(relative to water). Accordingly, the equation below explains the observed acidity of ammonium ions.

NH,"(aq) + H;O(l) — NHs(ag) + H;0"(aq)
Note that NO;™ is the conjugate base of the strong acid HNO; and therefore itself is an extremely weak base.

CO is a strong ligand and is toxic because it forms a complex with haemoglobin in the blood, and this complex is
more stable than oxy-haemoglobin, This prevents the haemoglobin in the red blood corpuscles from carrying
oxygen around the body. This causes an oxygen deficiency, leading to unconsciousness and then death. CO is a
polar molecule and binds to iron in haemoglobin through a lone pair on C atom.

N; itself, with a triple bond between the two atoms, is strikingly unreactive. In comparison to CO, N is a non-
polar molecule that has fone electron pairs on nitrogen atoms. The general unreactivity of N, molecule, its non-
polarity, and lone pairs on more electronegative nitrogen (in comparison to carbon of CO) make N; a very weak
ligand that does not bind to haemoglobin. Consequently N, molecule is not toxic.

The only isolable nitrogen chloride is NCls, and it is thermodynamically unstable with respect to its constituent
elements (i.e., it is endoergic). The compound NCl; is unknown. In contrast, both PCl; and PCls are stable and can
be prepared directly from phosphorus and chlorine.

(a) PCL,": The Lewis structure is shown in the table below. Four bonding pairs of electrons around the central
phosphorus atom, and no lone electron pairs, suggest tetrahedral molecular geometry.

{b) PCl,": The Lewis structure is shown in the tablc below. With four bonding pairs of electrons and one lone pair
of electrons around the central phosphorus atom, the molecular structure is a see-saw (trigonal bipyramidat
electron pair geometry with the lone pair in the equatorial plane).

(¢) AsCls: The Lewis structure is shown in the table below. With five bonding pairs of electrons around the central
arsenic atom, the structure is a trigonal bipyramid (both the electron pair and molecular geometries).
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E15.8

E15.9

PCL’ PCL, AsCls.
:Cl: " 1+ :C]l: - :('Tl:
Lewis 1) I e ot a2 I AN
structure :gl—ll)__(.:"l: 0917!3_910 091 /AS\\ .C.l-
:Cl: :Cls iCl: <l

geometry

Molecular a /CI_I " » /CI Cl—Ag
> N
o g

(a) Oxidation of P, with excess Q. The balanced equation is:
P, + 50, — POy
(b) Reaction of the product from part (a) with excess H,O. The balanced equation is:
P,Oy + 6H.O — 4H;P0O,

(c) Reaction of the product from part (b) with solution of CaCl,. The products of this reaction would be
calcium phosphate and a solution of hydrochloric acid. The balanced equation is:

2H;PO4(1) + 3CaCly(aq) — Cax(PO,)s(s) + 6HCl(aq)

(a) Synthesis of HNO;. The synthesis of nitric acid, an example of the most oxidized form of nitrogen, starts with
ammonia, the most reduced form:

4NHs(aq) + 70xg) — 6H:0(g} + 4NOy(g)
High temperatures are obviously necessary for this reaction to proceed at a reasonable rate: ammonia is a
flammable gas, but at room temperature it does not react rapidly with air. The second step in the formation of
nitric acid is the high-temperature disproportionation of NO, in water:

3NO(aq) + H;O(I) — 2HNOs(agq) + NO(g)

(b) Synthesis of NO; . Whereas the disproportionation of NO, in acidic solution yields NO;™ and NO (see part
(a)), in basic solution nitrite ion is formed:

2NOs(aq) + 20H(aq) — NO;(ag) + NO;(aq) + H,0()

(c) Synthesis of NH,OH. The protonated form of hydroxylamine is formed in a very unusual reaction between
nitrite ion and bisulfite ion in cold aqueous acidic solution (the NH;OH" ion can be deprotonated with base):

NO»(aq) + 2HSO; (aq) + H,0(l) — NH;0H'(aq) + 280.*(aq)

(d) Synthesis of N;~. The azide ion can be prepared from anhydrous molten sodium amide (m.p. ~200°C) and
either nitrate ion or nitrous oxide at elevated temperatures:
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E15.13

E15.14

Chapter 15: The Group 15 Elements 149

3NaNHy(l) + NaNO; — NaN; + 3NaOH + NHj(g)
2NaNHy(1) + N,O — NaN; + NaQOH + NH;
Phosphorus( V) oxide, P,Oq, is formed by the complete combustion of white phosphorus:
Py(s) + 50x(g) — PsOiofs)

The structure of P, is a tetrahedron of phosphorus atoms with six P-P o bonds. As discussed in Section 15.1, white
phosphorus (Py) is adopted as the reference phase for thermodynamic calculations although it is not the most stable
phase of elemental phosphorus — in this sense using P, as a reference state differs from the usual practice.

The main points you will want to remember are (i} Bi(IlI) is much more stable than Bi(V), and (ii) P(III} and P(V)
are both about equally stable (i.e., Bi(V) is a strong oxidant but P(V) is not). This suggests that the point for Bi(IlI)
on the Frost diagram lies below the line connecting Bi(0) and Bi(V), whereas the point for P(III) lies very close to
the line connecting P(0) and P(V). The essential parts of the Frost diagrams for these two elements are shown
below (see Figure 14.6 for the complete Frost diagrams).
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Oxidation Number, ¥

The rates of reactions in which nitrite ion is reduced (i.e., in which it acts as an oxidizing agent) are increased as
the pH is lowered. That is, acid enhances the rate of oxidations by NO,". The reason is that NO," is converted to
the nitrosonium ion, NO", in strong acid:

HNOx(aq) + H'(ag) — NO"(aq) + H0(D)

This cationic Lewis acid can form complexes with the Lewis bases undergoing oxidation (species that are
oxidizable are frequently electron rich and hence are Lewis basic). Therefore, at low pH the oxidant (NO™) is a
different chemical species than at higher pH (NO;") (see Section 15.13(b) Nitrogen(IV} and nitrogen(ili) oxides

and oxoanions),

The given observations suggest that more than one NO molecule is involved in the slow step of the reaction
mechanism because the rate of reaction is dependent on the concentration of NO. Therefore, the rate law must be
more than first order in NO concentration. It turns out to be second order; an equilibrium between NO and its
wdimer N,O; precedes the rate-determining reaction with oxygen. At high concentrations of NO, the concentration
of the dimer is higher (see Section 15.13(c) Nitrogen(ll) oxide).

The problem provides us with A.G =—26.5 kJ mal™ for the following reaction:
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E15.15

E15.16

E15.17

Y2 Na(g) + 3/2H,(g) — NHj(aq)
This is a redox reaction, which can be broken into two half-reactions:

Reduction half-reaction: Y Nx(g) + 3¢” + 3H" — NHj(aq) Ered=?

Oxidation half-reaction: 3/2 H, —» H'(aq) + 3¢~ E,.= -0.059VxpH !

We are looking for the standard reduction potential in basic aqueous solution, so the potential of standard
hydrogen electrode has to be modified for the pH of the solution (pH = 14).

From the thermodynamic data we can calculate the potential of the overall reaction from A,G = vFE®:

45,6 -26.5K) mol™

- =+0.09V
va 3%96.48kCmol™

E°=

At pH = 14 the potential of H'/H, electrode is:
E, =-0.059V x 14 =—0.826 V

Finally, the unknown potential is:
E=+0.09V =E,_,; - (-0.826V)
Erq=-0.736V

(a) H,O (1:1). In this case, water will form a strong P=0 double bond, releasing two equivalents of HCI and
forming tetrahedral POCl;.

PCls + HyO — POCI; + 2HCI

(b) H;O in excess. When water is in excess, all of the P-C] bonds will be hydrolyzed, and phosphoric acid will
result:

PCIi(g) + 4H;0(l) — H;PO4(aq) + SHCI(aq)

(c) AICl;. By analogy to the reaction with BCly, a Group 13 Lewis acid, PCls will donate a chloride ion and a salt
will result. Both the cation and the anion are tetrahedral.

PCls + AICl — [PCLITAICL)

(d) NH,Cl. A phosphazene, either cyclic or linear chain polymers of (=P(Cl), N=P(CI}, N=P(Cl); N=) bonds
will be formed:

#PCls + nNH,Cl — —[(N=P(Cl),),)" + 4nHCI

In both PF; and POF; there is only one P environment and we can expect only one signal in *'P NMR. For both
compounds this signal is going to appear as a guartet because in each case P atom is bonded to three F atoms with
I=" . Thus, splitting pattern will not be helpful. In POF;, however, P atom is in higher oxidation state (+5) and is
bonded to one more electronegative atom {(oxygen) in comparison to PF; (P oxidation state +3). As a consequence
P atom in POF; is more deshielded and its resonance will appear downfield in comparison to the P resonance in

PF;.

From the standard potentials for the following two half-reactions, the standard potential for the net reaction can be
calculated:

H3;PO,(aq) + H,O(l) — H3;POs(aq) + 2e” + 2H'(aq) E°=0.499V

Cu®(aq) + 2¢- — Cu¥(s) E° =0.340V
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Therefore the net reaction is:
H;POx(aq) + HO() + Cu**(aq) — HiPOs(aq) + Cu’(s) + 2H'(aq)

and the net standard potential is £° = +0.839 V. To determine whether HPO;* and H,PQ,™ are useful as oxidizing
or reducing agents, you must compare £ values for their oxidations and reductions at pH 14 (these potentials are
listed in Resource Section 3):

HPO,*"(aq) + 30H (aq) — PO’ (aq) + 2¢” +2H,0(1)  E(pH14)=1.12V
HPO;*(aq) + 2¢~ +2H,0(l) — H,PO,(aq) + 30H (aq) E(pHI4)=-1.57V
H;PO;(aq) + € — P(s) + 20H(aq)  E(pH14)=-2.05V

Since a positive potential will give a negative value of AG, the oxidations of HPO,*~ and H,PQ; are much more
favourable than their reductions, so these ions will be much better reducing agents than oxidizing agents.

E15.18 In P, structure, each P atom contributes three valence electrons to the skeletal valence electron count. Since there
are four P atoms, there are 12 valence skeletal electrons or six skeletal electron pairs. So P4 would be 2 + 2 cluster
(7 = 4) making the structure nido type. Formaily, its structure then should be derived from a trigonal bipyramid.
This is indeed a reasonable solution because removal of one vertex from a trigonal bipyramid leaves tetrahedral

structure.
E15.19
As + 3/2Cl, — AsCl, A = AsCl,
AsCl3+ Cly/hv — AsClg B = AsCls
AsCl; + 3RMgBr — AsRjy + 3MgClBr C = AsR; (see Section 14.12)
AsCl; + LiAlH, — AsH; D = AsH;

E15.20 The two possible isomers of [AsF,Cl;]” are shown below. The chlorines are adjacent in the c¢is form and are
opposite in the frans form, leading to two flucrine environments in the cis form and one in the frans. The cis
isomer gives two g signals (both will appear as doublets) and the frans isomer gives one signal (a singlet).

E15.21 (a)NO+0,— NO, A=NO,
{b) H:0 + 3NO, — 2HNO, + NO B = HNO;; C = NO
(¢) 2NO, — N3O, D = N,0,

(d) 2HNO, + Cu + 2H" — 2NO, + Cv™ +2H,0  E=NO,
/(&) HNO; +4Zn+9H" — NH," + 3H,0+4Zn™  F=NH,'

Note: The reaction (b) initially produces HNQ; and HNO, as first products of NO, disproportionation in water.
However, HNO; further disproportionates to produce HNQO; and NO. Thus, the final products of reaction
between NO, and water are HNG; and NO,
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E15.22 Recall that if the potential to the right is more positive than the potential to the left, the species is
thermodynamically unstable and likely to disproportionate. However, no kinetic information (i.e., how fast a
species would disproportionate) can be deduced. The species of N and P that disproportionate are N,Q4, NO, N,O,
NH,OH", H4P;04, and P.

Guidelines for Selected Tutorial Problems v

T15.3 Note that traditionally phosphates have been removed from sewage waters by precipitation. Recently, however,
new methods have been developed, including biological treatment of waters. Try to analyse the chemical
precipitation reactions, look at the metals used and issues related to each (including cost and potential side-
effects). Any textbook covering water treatment and analysis will have both chemical and engineering sides of the
process covered.
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Self-Test Exercises

S16.1 In order to behave as a catalyst, Br™ must react with H,O, (reaction 1, below) and then be regenerated (reaction 2}:

1) 2 Br™ (aq} + HyO, (aq) + 2 H' (aq) — Bry + 2 HyO(1)
2) Br; (aq) + Hy0; (aq) — 2 Br™ (aq) + O2(g) + 2 H' (aq)

So the net reaction is simply the decomposition of H,O,.
3)2H0,— 02 (g) +2H0 ()

The first reaction is the difference between the half-reactions:
H,0,(aq) +2 H' (aq) +2 €= 2 H,O (1) E=+177V
Br,+2e —2Br E=4106V
And therefore £°,; =+ 0.71 V. This reaction is spontaneous because Eg > 0.

The second reaction is the difference between the half-reactions:
Br,+2e —2Br E=+106V
0:(g) +2H +2 & — H,0, E=+070V

And therefore E°.y = +0.36 V. This reaction is also spontaneous.

Because both reactions are spontaneous, the decomposition of H;0, is thermodynamically favoured in the
presence of Br.

Similar analysis applies to CI”, Starting from the analogous reactions 1) and 2) we have:
1) 2 CI” (aq) + Hy0: (aq) + 2 H” (ag) — Cl, + 2 H,0 (1)
2) Cly (aq) + Hy0; (aq) — 2 CI” (aq) + 02 (g) + 2 H' (aq)

So the net reaction is again simply the decomposition of H,0,.
3)2H,0,— 0y (g) +2H,0(1)

The first reaction is the difference between the half-reactions
H,0, (ag) + 2 H (aq) + 2 € — 2 H,O (1) E=+177V
Chh+2e—2CI EP=+1.36V
And therefore £°,, =+ 0.41 V. This reaction is spontaneous.
The second reaction is the difference between the half-reactions
Ch+2e—2CI F=+]136V
O:(g) +2H +2¢ — H,0, E=+070V
And therefore £° =+ 0.66 V. This reaction is spontaneous.
Bgcause both reactions are spontaneous, the decomposition of H;O; is thermodynamically favoured in presence of

Cr.

$16.2 The Lewis structure of gaseous SO; is shown below. Note that SO; is a hybrid structure of three resonance
structures. The SO; molecule is planar and belongs to the Ds;, point group.
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The Lewis structure of SOsF anion is shown below. The molecular geometry is tetrahedral, but the point group is
Civ.

060 F
RO SETy |
£:3108 oF =0
OO. O

1t is reasonable to make the same assumption as in the Example: each S and N have a lone electren pair and form
two bonds in the cyclic S,N, molecule. That leaves four S atoms each still carrying an electron pair available for =
bonding. This gives eight electrons from S atoms that could contribute to the = bonding. Four N atoms have one
electron each, thus N atoms combined contribute four electrons. In total there are 8 + 4 = 12 electrons in the
system that could be used for = bonding. Consequently S4N, is aromatic because the 2n + 2 rule is satisfied for n =
5:2x5+2=12,

End-of-Chapter Exercises

E16.1

E16.2

E16.3

Remember that in general (with some exceptions) the oxides of non-metals are acidic and of metals are basic.
Thus, CO,, SOs, and P,0;, are acidic, ALQ; can react with either acids or bases, so it is considered amphoteric (an
exception). CO is neutral (again an exception); and MgO and K,O are basic. Review Section 4.6 if you had
problems with this exercise.

Refer to the Figures 2.12 and 2.17 for the distribution of molecular orbitals in O, molecule. From four valence
orbitals on each oxygen atom we can form eight molecular orbitals; in order of increasing energy they are: 1o,
lo,, 20, 1m, 1w, 20, (note that alt = molecular orbitals are doubly degenerate). The bonding orbitals are 1a,,
2a,, and 1, whereas the rest are antibonding molecular orbitals. Two oxygen atoms in total have 12 valence
electrons which, in O, molecule, can be distributed in the molecular orbitals as follows (obeying the Hund’s rules
and Pauli’s exclusion principle): 1oy’ 1,2 26,” Im,* 1n,% The bond order in O, molecule is Y(2 —2 +2 + 4 — 2] =
2, and it corresponds to the bond length of 121 pm.

The cation O, is obtained when one electron is removed from the O, molecule. Thus, O, has the electronic
configuration 1¢;” 15, 20> Im,* 1m,'—note that the electron is lost from the Im; antibonding orbital. The bond
order in O," cation is %[2 —2 +2 + 4 — 1] = 2.5, higher than in O, molecule. This higher bond order is reflected in
a shorter bond length of 112 pm.

If we add two electrons to O, molecule we obtain the peroxide anion, 0, with the electronic configuration 1o,
16,7 20,” 1n,* 1m,'—note that this time the electrons are added to the 1m, antibonding orbital. The bond order for
0,” is '4[2 — 2 42 + 4 — 4] = 1. Of the three dioxygen species, O,> has the lowest bond order and the longest
bond: 149 pm.

2

(a) The disproportionation of H;0,. To calculate the standard potential for a disproportionation reaction, you
must sum the potentials for the oxidation and reduction of the species in question. For hydrogen peroxide in acid
solution, the oxidation and reduction are:

HaOxaq) — Oxg) + 2¢” + 2H'(aq) E°=-0.695V

H,05(aq) + 2¢” + 2 H'(aq) — 2 H,0(l) E°=+1.763V
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Therefore, the standard potential for the net reaction 2 H;Ox(aq) — Oi(g) + 2 H,O(1) is (-0.695 V) + (+1.763 V) =
+1.068 V.

(b) Catalysis by Cr**, Cr** can act as a catalyst for the decomposition of hydrogen peroxide if the Cr**/Cr**
reduction potential falis between the values for the reduction of O, to HyO, (+0.695 V) and the reduction of H,O,
to H,O (+1.76 V). Reference to Resource Section 3 reveals that the Cr’*/Cr** reduction potential is —0.424 V, so
Cr*" is not capable of decomposing H,O,. See also Example and Self-Test 16.1.

(c) The disproportionation of HO,, The oxidation and reduction of superoxide ion (O,") in acid solution are:
HOx(aq) — Oi(g) + e + H'(aq) Ee=+0.125V
HOJ(aq) + e + H*(aq) — H,0aq) E°=+]151V

Therefore, the standard potential for the net reaction 2 HOy(aq) — Os(g) + H20,(aq) is (40.125 V) + (+1.51 V) =
+1.63 V. A,G® = VFE . = -1x96500 C mol™'x1.63V = 157 kJ mol™. Similarly we can obtain the Gibbs energy
for the disproportionation of H,0, (part (a)), A.G° = 103 kJ mol™'.

Statement (a) is incorrect—this group exhibits altemnation effect. Selenium, one of the group’s middle elements, is
not easy to oxidize to Se(VI) in contrast to both sulfur and tellurium.
Statement (b) is partially correct — the ground state of O, is a triplet state but it does not react as an electrophile in

Diels-Alder reactions. The triplet ground state is 32; with two unpaired electrons occupying different x* (11,)
molecutar orbitals. The electrophilic O, molecule is one of the singlet states, the one that has two antiparallel
electrons in one =" molecular orbital, ' A ¢ Singlet state. The iriplet state reacts as a radical.

Statement (c) is partially correct—while ozone is considered a pollutant, it is very unlikely that the ozone pollution
is caused by the diffusion of this gas from the stratosphere. Rather, this ozone is formed from other atmospheric
pollutants (such as nitrogen oxides) in pas-phase atmospheric reactions.

Hydrogen bonds are stronger in molecules where hydrogen is bonded directly to a highly electronegative atom

-such as O, N, or F. Since S has smaller electronegativity compared to oxygen, we expect O—H S hydrogen bonds

to be stronger.

Anionic species such as S;°” and Te;"” are intrinsically basic species that cannot be studied in solvents that are
Lewis acids because complex formation (the Lewis acid-base pair) will destroy the independent identity of the
anion. Since the basic solvent ethylenediamine will not react with Na,S, or with K;Te;, it is a better solvent for
them than sulfur dioxide.

The three values of E° for the $,05" 7804, the SO47S0,7, and the SO;* /5,0, couples are +1.96 V, +0.158 V,
and +0.400 V, respectively. Peroxydisulfate, S,05", is very easily reduced, so it is the strongest oxidizing agent.
Sulfate dianion, SO, is neither strongly oxidizing nor strongly reducing. Sulfite dianion, SO.>, on the other
hand, is relatively readily oxidized to sulfate, and hence is a moderate reducing agent.

The reduction potential of sulfite ions in basic solution = —0.576 V. Using the data in Resource Section 3 for Mn
we can construct the following table:

Oxidation Standard reduction potential

states of Mn of Mn coupIE: Eean = E"1ea = E ox
7 +7to +6 = +H).56 V + 1136 V

6 +6to+5=+H).27V +0.847V

5 +5t0+4=4+093 V +1.506 V

4 +4t0+3=H).15V +0.726 V

3 +3t0o+2=-025V +0.326 V

2 +2t00=-1.56 V 0984V
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E16.9

E16.10

El6.11

E16.12

E16.13

E16.14

From the table we can see that except the +2 oxidation state of Mn, all other oxidation states of Mn will be reduced
by sulfite ions in basic solution because in each case we can obtain £, > 0, indicating spontaneous reaction.

(a) The formulas for these ions in acidic solution are H;TeOs and HSO, (the parent acids are HgTeQg, or
Te(OH),, and H,S0,).

(b) Tellurium(VI) is a much larger centre than sulfur(VI) and can readily increase its coordination number
(increase from 4 in S(VI) to 6 in Te(VI)). This trend is found in other groups in the p-block.

If the potential to the right is more positive than the potential to the left, the species is unstable and likely to
disproporticnate. $,06>"and S;0,%"are unstable with respect to disproportionation.

In general, from Latimer diagrams the stability of a given species against disproportionation depends on whether
the right-hand side potential is greater or smaller than the left-hand side potential. If the right-hand side potential is
greater than the left-hand side potential, the species is inherently unstable against disproportionation. Now looking
at the Latimer diagram for Se0,* in both acidic and basic solutions, the right-hand side potential is smaller than
the left-hand side potential indicating that SeO,> is stable both in acidic as well as basic solution. However, if one
wants to estimate the relative stability then it would be instructive to calculate the overall potentials for

disproportionation reaction.
Standard Electrode potential () = Cathodic reduction potential (£°.) — Anodic reduction potential (£°,)

ForpH > 7,
the cathodic reduction potential of SeQ;”” =—0.36V
the anodic reduction potential of SeQ;”” =+0.03V
E® crenste ion = —0.36V — (+0.03V)
=039V
ForpH <7,
the cathodic reduction potential of SeOs> = +0.74 V
the cathodic reduction potential of SeOs> = +1.15 V
E? renateion = 10.74V — (+1.15V)
=-041V

From this it can be concluded that the SeO,* is marginally more stable in acid solutions.

The half-potentials for the reduction of VO¥, Fe**, and Co®" are +1.00V, +0.771V, and +1.92 V, respectively. All
will be reduced as their potentials are greater than the potential of thiosulfate.

SF;" has a trigonal pyramidal molecular geometry with tetrahedral electron pair geometry, BF,~ tetrahedral (both
molecular and electron pair geometry).

(a) SF4 + (CH;):NF — {(CH;3)oN]"[SFs]”

The above reaction is balanced once the stoichiometry of the reaction is determined: convert the masses of the
reagents to moles and see that they react in 1 ; 1 molar ratio.

(b) Square pyramidal structure {see structure below)

(¢) Two F environments (basal and axial, Fy, and F, respectively on the structure below) would result in two signals
in the ’F-NMR. The F, resonance, with intensity 1, would show as a quintet due to the coupling to four equivalent
basal F atoms. The F, resonance, with intensity 4, would appear as a doublet due to the coupling to one axial F
atom.
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E16.15 Identify the sulfur-containing compounds A, B, C, D, E, and F.

exCcess
0, Cl, NH; Ag/heat
B

A= SzClz, B= S4N4, C= SzNz, D= KzSzO;, E= 52062—, F= SOz

Note: Sulfur reacts with Cl, to produce both S,Cl, and SCl,. However, of the two possibie chlorides, only S,Cl,
can be taken in further reactions with NH; (to give SiN,) and Ag (to produce S;N, from S;N,). Thus, the
acceptable product A is S,Cl,.

E16.16 (a) $;N; has three electron pairs from S atoms, three electrons from N atoms, and one electron from the negative
charge available for & bonding. In total there are 10 electrons available for n bonding, and this anion is conforming
to the 2n + 2 rule with n=4 (2 x 4 + 2 = 10) and it is expected to exhibit inorganic aromaticity.

(b) The S,;N;" cation has, in total, 10 electrons available for n bonding: eight from electron pairs on four S atoms,
three electrons from three N atoms, and minus one for positive charge. It is expected to be aromatic because it
obeys the 2»n + 2 rule with n =4,

(c) SsN; has 15 electrons available for nt bonding: 10 from five suifur atoms and five from five N atoms. It is not
expected to be aromatic because it does not obey the 2# + 2 rule.

E16.17 Sulfuric and selenic acids are rather similar. When pure, both are hygroscopic, very viscous liquids. Both form

crystalline hydrates, Sulfuric and selenic acids react with their anhydrides, SO; and SeQs, to produce trisulfuric
and trisclenic acids respectively. Much like sulfuric acid, selenic acid is a strong acid in the first dissociation step,
and the acids have the same order of magnitude for Ka, (~107). Both produce two types of salts:
hydrogensulfates/sulfates and hydrogenselentates/selenates. The salts also have similar solubilities. The most
important difference between the two acids is their oxidizing power: H,SeOy is a very strong oxidizing agent
capable even of oxidizing gold and palladium.
Telluric acid is remarkably different from sulfuric and selenic acid. When pure, it is a solid composed of discrete
Te(OH)s octahedra. This structure is retained in the solution as well. As it can be expected, it forms more than two
types of salts: HsTeOy, H TeO, H,TeO,", and TeOQ". It is a weak acid even in the first dissociation step. At
elevated temperatures it loses water molecules to produce varous polytelluric acids. What is similar to sulfuric and
selenic acid is that Te(OH)s can produce well-defined, crystalline hydrates. Teiluric acid is a weaker oxidizing
agent than selenic acid in both acidic and alkaline medium, but is a stronger oxidant than suifuric acid in either
medium.
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Self-Test Exercises

S17.1

S17.2

S17.3

Since the 0571, standard reduction potential is +1.19 V (see Resource Section 3), many species can be used as
reducing agents, including SOx(aq) and Sn**(aq): the HSO,/H,SO; and Sn**/Sn* reduction potentials are +0.158
V and +0.15 V, respectively. The balanced equations would be as follows:

2 IOS_ + 5 HQSOE; — I; + 5 HSO,” + H,O + 3H"
210, + 5S80™ + 12H" — I, + 580 + 6 H,0

The reduction of iodate with aqueous sulfur dioxide would be far cheaper than reduction with Sn** because sulfur
dioxide costs less than tin. One reason this is so is because suifuric acid, for which SO, is an intermediate, is
prepared worldwide on an enormous scale.

Iodine is the central atom in the molecule. Seven valence electrons form bonds with seven fluorine atoms, giving a
total of seven bonding electron pairs, and structure is pentagonal bipyramid.

The F-NMR spectrum of [F; contains two resonances. One is sextet for two axial F atoms (coupled to five
equatorial F atoms), and another one is a triplet due to the five equatorial F atoms (coupled to two axial F atoms).
The intensity ratios of the two resonances is | : 5.

The reaction is:
CIF; + SbFs — [CIF;][SbF¢]

The shape of the reactants:

CIF;: This is an XY interhalogen. The central Cl atom is surrounded by five electron pairs: two are lone electron
pairs and three are boding pairs resulting in a trigonal bipyramidal shape and a distorted T-shaped molecular
geometry.

SbFs: There are five electron pairs around the central atom, Sb, all of which are bonding pairs resulting in a
trigonal bipyramidal geometry.

The shape of the products:

[CIF,]": After the removal of one F~ during the reaction, the central C! atom is now surrounded by four electron
pairs: two bonding and two lone electron pairs. This results in a tetrahedral electron group geometry and a
bent molecular shape.

(SbFs]": After bonding to one F~ the central Sb now has six electron pairs around it, all of which are bonding. This
results in an octahedral molecular shape.

The structures of all four are shown below:
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$i7.4 Examples include Iy, IBr,, IC1,", and IF; . In all cases, consider that the central " species has a vacant orbital that
interacts with two electron pair donors: py in the case of {py-I-py]" in the example and I” in the case of ;. The
three centres contribute four electrons to three molecular orbitals, one bonding, one nonbonding, and one anti-
bonding.
JT /n
/ ’ ' v
o
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- - +
21 13 I
$17.5 (a) Bromine species that will disproportionate in a basic solution are Br; and BrO™
Br, + 20H™ — Br” ~ BrO™ + H,0
BrO~+ 20H™ — Br + BrO;~ +H,O
Note that the disproportionation of Bry is likely going to produce Br™ and BrO3~ because BrO™, the initial product,
is also prone to disproportionation.
(b) Iodine species that will disproportionate in a basic solution are: I, and 107
L+20H — I +10" +H,0
[0 +20H — I" +10;” +H,0
with the similar note pertaining to the I, disproportionation product as in (a) for bromine above.
End-of-Chapter Exercises
E17.1 The table summarizes the facts:
Physical state | Electronegativity | Hardness of | Color
halide ion
Fluorine | F, | gas highest (4.0) hardest light yellow
Chlorine { Cl, | gas lower softer yellow-green
Bromine | Br, | liquid lower softer dark red-brown
Iodine I solid lowest softest dark violet

E17.2 Since chlorine and fluorine have strongly positive reduction potentials, the oxidation of the chloride and fluoride

anions require very strong oxidizing agents. As a result only electrolytic oxidation of CI” and F~ is commercially

reasonable.
The principal source of fluorine is CaF,. It is converted to HF by treating it with a strong acid such as sulfuric acid.
Liquid HF is electrolyzed to H; and F5 in an anhydrous cell, with KF as the electrolyte:

CaF, + H,80, — CaSO, + 2 HF
2HF + 2KF — 2K'HF,”

2 K'HF,” + electricity — F; + H, + 2KF
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The principal source of the other halides is seawater (natural brines). Chlorine is liberated by the electrolysis of
aqueous NaCl] (the chloralkali process):

2CI" +2H,0 + electricity — Cl; + H, + 20H

Bromine and iodine are prepared by ireating aqueous solutions of the halides with chlorine:
2X +Clh = X, + 2CI (X =Br,I)
Cly is a stronger oxidizing reagent than Br; and [, so it can be used as an oxidant to oxidize Br and I".

A drawing of the cell is shown in Figure 17.3. Note that Cl, is liberated at the anode and Hj, is liberated at the
cathode, according to the following half-reactions:

anode: 2Cl(aq) — Cly(g) + 2 ¢
cathode: 2 H;O(1) + 2e¢” — 2 OH (aq) + Hix(g)
To maintain electroneutrality, Na” ions diffuse through the membrane. Because of the chemical properties of the
membrane, anions such as CI” and OH™ cannot diffuse through it. If OH ions did diffuse through the membrane,

they would react with Cl, and spoil the yield of the electrolysis because Cl, easily disproportionates in a basic
medium:

20H (aq) + Cli{aq) — ClO7(aq) + Cl(aq) + H,O(l)

According to Figure 17.5, the vacant anti-bonding orbital of a halogen molecule is 2,* and is composed primarily
of halogen atomic p orbitals; recall that the ns—np gap is larger toward the right-hand side of the periodic table, and

.the larger the gap, the smaller the amount of s—p mixing. A sketch of the empty 26,* anti-bonding orbital is shown

below:

000 =

Since the 2¢,* anti-bonding orbital is empty (hence it is LUMO for an X, molecule), it is the orbital that accepts
the pair of electrons from a Lewis base B when a dative B:—»X; bond is formed. From the shape of the LUMO, we
can conclude that the B-X—X unit should be linear.

The standard reduction potentials for different dihalogens and H,O are:

L(s)+2e — 21 (aq) E° =+053V
Bryl)+2e —2Br (aqQ) EP=+106V
Cly(g) +2e" -2 Cl (aq) E=+136V
Fxg)+2¢ — 2F (aq) E°=4285V
0:(g) +2H +4 ¢ — 2H0(1) E=1123V

For a halogen to be thermodynamically capable of oxidizing water, the following reaction
X, + HyO(l) = 2 HX{aq) + % 05 (g)

should have E° = £°. — E° > 0. From the abave given data, the reduction potentials of I; and Br; are lower
than the reduction potential of H,O; thus for these two halogens E°.y < 0. The reduction potentials of Cl; and F,
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E17.6

E17.7

E17.8

are higher than the reduction potential of H,O, and for them £° > 0. Therefore, Cl, and F, are
thermodynamically capable of oxidizing H,O to O,.

(a) The difference in volatility. Ammonia is one of a number of substances that exhibit very strong hydrogen
bonding. The very strong N — H®N®* intermolecular interactions lead to a relatively large enthalpy of
vaporization and a relatively high boiling point for NH; (=33°C). In contrast, the intermolecular forces in liquid
NF; are relatively weak dipole-dipole forces. In comparison to hydrogen bonding, dipole-dipole forces require
less energy to be broken, resulting in a smaller enthalpy of vaporization and a low boiling point (—129°C) for NF;.
(b) Explain the difference in basicity. The strong electron-withdrawing effect of the three fluorine atoms in NF;
lowers the energy of the nitrogen atom lone pair. This lowering of energy has the effect of reducing the electron-
donating ability of the nitrogen atom in NFj3, reducing the basicity.

(a) The reaction of (CN), with NaOH. When a halogen such as chlorine is treated with an aqueous base, it
undergoes disproportionation to yield chloride ion and hypochlorite ion, as follows:

Cliaq) + 20H (aq) — Cl(aq) + ClO7(aq) + H;0O(1)
The analogous reaction of cyanogen with base is:
(CN)x(aq) + 2 OH (aq) — CN7(aq) + NCO™(aq) + HyO(l)
The linear NCO™ ion is called cyanate.

(b) The reaction of SCN™ with MnO, in aqueous acid. If MnO; is an oxidizing agent, then the probable
reaction is oxidation of thiocyanate ion to thiocyanogen, (SCN),, coupled with reduction of MnO, to Mn** (if you
do not recall that Mn* is unstable to disproportionation, you will discover it when you refer to the Latimer
diagram for manganese in Resource Section 3). The balanced equation is:

2SCN7(aq) + MnOs(s} + 4 H'(aq) -» (SCN),(aq) + an*(aq) + 2 H,Ol)

(c) The structure of trimethylsilyl cyanide. Just as halides form Si—X single bonds, trimethylsil)‘zl cyanide
contains an Si—CN single bond. Its structure is shown below:

(a) IF, * ((CH3)eN]F —  (N(CH;)4][IF4]
(1.84 g, 10 mmol) (0.93 g, 10 mmol) (10 mmol)

Note that IF; and [(CH;)4N]F react in 1 : 1 ratio and that only one product X is formed; therefore the product X is
[N(CH3)4][IF¢].

{b) A reliable way to predict the structure of IF; is to draw its Lewis structure and then apply VSEPR theory. In the
Lewis structure for IF;, iodine is the central atom. Three bonding pairs and two lone pairs on the iodine yield
trigonal bipyramidal electron geometry and T-shaped molecular geometry, as shown below.

ol
S

geometry of IF,: F

Lewis structure of IF;:
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The shape of anion IF,;” is square planar (see the structure below).The iodine atom is at the centre of the ion. Four
electron pairs form bonds to F atoms, and two electron pairs do not take part in bonding.

The shape of cation (CH3)sN~ is tetrahedral. The nitrogen atom is at the centre of the cation. Nitrogen has five
valence electrons. Three electrons form bonds to CHa, plus one lone pair forms coordinate covalent bond with
CH;".

() The "F-NMR spectrum of IF; contains two resonances: one doublet is for axial F atoms and another friplet is
for an equatorial F atom.
The '’F-NMR spectrum of 1F” contains one resonance, a singlet.

E17.9  SbCl; is trigonal bipyramidal, FCIQ; is tetrahedral, and [CIF4]" is octahedral.

Cl O F
- l/,////SIb F IICII “ I N
—_ nill
| Ci \0 PANG
cl g Y |F FF
SbCls FCIO; [C lFﬁ]+

E17.10 SbF, is a strong Lewis acid and extracts a fluoride ion from the interhalogen compound CiFs, leading to the
formation of [CIF,]"[SbFg] ™.
The structures are shown below:

E17.11 The complex MCIF» can have two isomers: cis and #ans (see below). Both isomers have one resonance in ME.
NMR. MCI;F; also has two isomers: fac and mer. The fac isomer has one resonance and the mer isomer has two
resonances—one will appear as a doublet for two mutuaily frans F atoms coupled to the cis F atom, and one triplet
for the cis F atom coupled to two mutually trans F atoms.
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17.12

17.13

17.14
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(a) The structures of {IFg]" and IF;. The structures are shown below. The structures actuaily represent the
Lewis structures as well, except that the three lone pairs of electrons on each fluorine atom have been omitted.
VSEPR theory predicts that a species with six bonding paits of electrons, such as IFs", should be octahedral.
Possible structures of species with seven bonding pairs of electrons, like IF,, were not covered in Section 2.3, but a
reasonable and a symmetrical structure would be a pentagonal bipyramid.

(b) The preparation of {IFg] [SbF). Judging from the structures shown above, it should be possible to abstract
an F~ ion from IF; to produce IFg". The strong Lewis acid SbFs should be used for the fluoride abstraction so that
the salt {IF¢] [SbFs] will result:

[F; + SbFs — {IF][SbFe]

[,Cls is the dimer of ICl; with two Cl atoms acting as bridges. Therefore each iodine atom contains 12 valence
electrons, or four bonding pairs and two non-bonding pairs. VSEPR theory predicts that the electron geometry
around each iodine atom with six pairs of electrons should be octahedral, and with four bonding and two non-
bonding electron pairs, the molecular geometry should be square planar for each iodine atom. In this structure four
Cl atoms occupy the corners of square plane. In the solid state the compound is a planar dimer (I,Clg) with
bridging Cl atoms.

CI clc
\I/ \I/
/% 7

CICl Cl

The point group of [,Clg is Dy,

The Lewis structure for CIO,F is shown below. (Note that chlorine is the central atom, not oxygen or fluorine. The
heavier, less electronegative element is always the central atom in interhalogen compounds and in compounds
containing two differeni halogens and oxygen). Three bonding pairs and one lone pair yield a trigonal pyramidal
molecular geometry, also shown below. This structure possesses only a single symmetry element, a mirror plane
that bisects the O—C1-O angle and contains the Cl and F atoms; therefore, CIO,F has a C; symmetry.

The Lewis structure of ClO-F:
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The trigonal pyramidal structure of CIO,F:

(a) SbFs? The acid/base properties of liquid BrF; result from the following autoionization reaction:
2 BrF; — BI‘F2+ + BrF4-

The acidic species is the cation BrF," and the basic species is the anion BrF,”. Adding the powerful Lewis acid
SbFs will increase the concentration of BrF,", thus increasing the acidity of BrF; by the following reaction:

BrF; + SbFs — BrF," + SbFs

(b) SF:? Adding SF¢ will have no effect on the acidity or basicity of BrF; because SF; is neither Lewis acidic nor

Lewis basic.
{c) CsF? Adding CsF, which contains the strong Lewis base F, will increase the concentration of BrF,", thus

increasing the basicity of BrF;, by the following reaction:
BrFy + F~ — BrF;”

The structure of Is* cation reveals two different I-1 bond lengths: longer central 1-I distances (290 pm) and shorter
terminal I-I distances (268 pm). The difference in bond lengths can be explained by different bond order — recall
that shorter bond lengths correspond to higher bond orders. You can also note that the shorter bond distances in Is"
are identical to I-I distances in I3 (structure 4) and that the bond angles are about the same. This gives us one
description of Is™ structure as a hybrid of two structures:

This description uses two-centre bonding with the overall hybrid structure having bond order lower than one for
the three central I atoms thus accounting for the longer bond length between these atoms. Also note that in each
structure the positively charged central | atom has four electron pairs—two bonding and two lone pairs—which
results in overall bent geometry at those I atoms. This, combined with the relatively large size of an iodine atom,
explains the fact that the bond angles are around 90°.

A bit more rigorous bonding analysis can be derived using simplified molecular orbital approach. If we place the z
axis along I-1-1 bonds then we can consider the overlap of three p, atomic orbitals on three I atoms. In this case we
are going to place a positive charge on the middle | atom and make the empty p orbital on this 1" a p, atomic
orbital, Two I atomns on either side have filled p, atomic orbitals. Starting from these three atomic orbitals we can
produce three molecular orbitals: a bonding, a non-bonding, and an anti-bonding molecular orbital. The bonding
molecular orbital is going to be filled and will have electron density between all three I nuclei giving a three-centre
bonding description. Non-bonding orbital will also be filled but wounld be mostly located on I atoms on either side
of the central cation, thus contributing little to bonding {(a more rigorous computational analysis can reveal that this
orbital is actually slightly bonding in character). The non-bonding molecular orbital is empty. The central I-I
bonds are longer because the bonding orbital contains only two electrons but spans three nuclei. The terminal I-]
bonds are shorter because they are typical two-centre, two-electron bonds. This simplified MO diagram looks the
same as the MO diagram for Self-test 17.4 with the only difference being that the two 1™ on the left side of the
diagram in Self-Test 17.4 are replaced by two I atoms.
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Iodine is the central atom in IF;. Five unpaired electrons form bonds with five fluorine atoms, plus one lone
electron, giving a total of six electron pairs. Therefore, the electronic geometry is octahedral with one position
occupied by a lone pair giving a square pyramidal arrangement of atoms.

F

7 | I\
2 7. N

/|\

F

The structure of the cation IF;" is similar—removal of one electron from IFs converts a lone electron pair into an
unpaired electron. There will be less repulsion between a lone electron and bonding electron pairs in [-F bonds but
the arrangement of atoms would remain square pyramidal. Thus, the "F-NMR spectrum of IFs" contains two
resonances—one is doublet for four basal F atoms coupled to the axial F, and another one is quintet for the axial F
atom coupled to the four basal F atoms.

(a) SbFs.  All interhalogens, including BrF;, are strong oxidizing agents. The antimony atom in SbF; is already in
its highest oxidation state, and the fluorine cannot be chemically oxidized (fiuorine is the most electronegative
element). Since SbF; cannot be oxidized, it will not form an explosive mixture with BrF;.

(b) CH;,0H. Methanol, being an organic compound, is readily oxidized by strong oxidants. Therefore, you
should expect it to form an explosive mixture with BrFs.

(¢) F;. Both F, and BrF; are strong oxidizing agents. However, F; can oxidize Br from +3 in BrF, and produce
BrFs with Br in oxidation state +5. The two will not form an explosive mixture but will react.

(d) S;Cl;. In this compound, sulfur is in the +1 oxidation state, Recall that SF4 and SF, are stable compounds.
Therefore, you should expect S,Cl; to be oxidized to higher valent sulfur fluorides. The mixture S,Cl, + BrF, will
be an explosion hazard.

Since Bry” is only moderately stable it is likely going to produce Br, and Br™ in solunon IBr is, however, fairly
stable. Hence, the probable reaction will be:

BI';- + 12 — 21Br + Br
The IBr may associate to some extent with Br™ to produce IBr,".

This is an example of an important principle of inorganic chemistry: large cations stabilize large anions. This trend
appears to have a simple electrostatic origin. A detailed analysis of this particular situation is as follows. The
enthalpy change for the reaction

Naly(s) — Nal(s) + Iy(s)

is negative, which is just another way of stating that Nalj is not stable. This enthalpy change for the above reaction
is composed of four terms, as shown here:

Boaf! = Aol (Naly) + D([I- L] ) — AunH (1(5)) — AiunFi{Nal(s))

The fourth term, the lattice enthalpy for Nal(s), is larger than the first term, the lattice enthalpy for Naly(s) because
I" is smaller than [;". This difference provides the driving force for the reaction to occur as written. If you
substitute Cs* for Na , the two middle terms will remain constant. Now, the fourth term is still larger than the first
term, but by a significantly smaller amount. The net result is that A,/ for Csl; is positive. In the limit where the
cation becomes infinitely large, the difference between the first and fourth terms becomes negligible.

(a) C1O,. The Lewis structure and the predicted shape of ClO, are shown below. The angular shape is a
consequence of repulsions between the bonding and non-bonding electrons. With three non-bonding electrons, the
0O-C1-0 angle in ClO, is 118°. With four non-bonding electrons, as in ClO,, the repulsions are greater and the O-
Cl-O angle is only 111°. The point group is Cy,.
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{b) Oq. The easiest way to determine this structure is to bond one more oxygen atom to any iodine atoms in the
structure of 1,0 (structure 15 in this chapter). This derived Lewis structure and the predicted molecular geometry
of I,0¢ are shown below. The central O atom has two bonding pairs of electrons and two lone pairs, like H,O, so it
should be no surprise that the I-O-I bond angle is less than 180°. One iodine atom is trigonal pyramidal because it
has three bonding pairs and one lone pair; while the other iodine atom, with four bonding pairs, is tetrahedral. The
point group is C; for the geometry shown.

(a) Formuias and acidities. The formulas are HBrO,4 and H;IQs. The difference lies in iodine’s ability to expand
its coordination shell, a direct consequence of its large size. Recall from Section 4.4 that the relative strength of an
oxoacid can be estimated from the ¢/p ratio (p is the number of oxo groups and g is the number of OH groups
attached to the central atom). A high value of p/g correlates with strong acidity, whereas a low value correlates
with weak acidity. For HBrO,, p/g = 3/1, so it is a strong acid. For HsIOg, p/g = 1/5, so it is a weak acid.

(b) Relative stabilities. Periodic acid is thermodynamically more stable with respect to reduction than perbromic
acid. Bromine, like its period 4 neighbours arsenic and selenium, is more oxidizing in its highest oxidation state
than the members of the group immediately above and below.

(a) The expected trend. Looking at Figure 17.14, we observe that E decreases as the pH increases.
(b) E at pH 0 and pH 7 for C10;", The balanced equation for the reduction of CIO,™ is:

Cl0s(aq) + 2H'(aq) + 2¢” — ClO3(aq) + H,O(l)
The value of E° for this reaction at pH = 0 is +1.201 V. The potential at any [H'], given by the Nernst equation, is
E = E° — (0.059 V/2)(log([CIO5 V[CIO {H' )

At pH 7, [H"] = 107 M and assuming that both perchlorate and chlorate ions are present at unit activity, the
reduction potential is

E = +1.201 V- (0.0295 V)(log 10'") = +1.201 V- 0413V = 0.788 V

Thus the potential at pH = 7 is less positive than at pH = 0 resulting in lower oxidizing power of ClO4 as we
would predict from part (a).

Its disproportionation of CIO;", for example, can be broken down into a reduction and an oxidation, as follows:
Reduction: ClO; (aq) + 6 H'(aq) + 6¢ — Cl(aq) + 3 HO())
Oxidation: 3 Cl0; (aq) + 3 H,O(l) — 3 ClO,(aq) + 6 H'(aq) + 6¢”

Any effect that changing the pH has on the potential for the reduction reaction will be counteracted by an equal but
opposite change on the potential for the oxidation reaction. In other words, the net reaction does not include HY, so
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the net potential for the disproportionation cannot be pH dependent. Therefore, the promotion of
disproportionation reactions of some oxoanions at low pH cannot be a thermodynamic promotion. Low pH results
in a kinetic promotion. Protonation of an oxo group that occurs at low pH values aids oxygen—halogen bond
scission (see Section 17,12). The disproporticnation reactions have the same driving force at high pH and at low
pH, but they are much faster at low pH.

Periodic acid is by far the quicker oxidant. Recall that it exists in two forms in agueous solution—H;IQg (the
predominant form) and HIQ,. Although the concentration of HIO, is low, this four-coordinate species can form a
complex with 2 potential reducing agent, providing for an efficient and rapid mechanism by which the redox
reaction can occur {see Sections 17.13 and 17.14).

Recall from Chapter 5 that the reduction potential of a non-adjacent couple in the Latimer diagram can be
calculated using the formula:

(2] (4
Vo XE AV E) +.

EO
V,+ V.

From the Frost diagram the potential can be calculated as a slope of the line connecting the points of the two
species in question.

Since the reduction potential from the Latimer diagrams are easily accessible {i.e., do not require geometrical
constructions), they are a better choice for calculations such as the ones in this exercise.

(a) C10; /C1O™ potential. The relevant part of the Latimer diagram for chlorine is shown below. The numbers
above the arrows connecting two species are the standard reduction potential (as is written per convention) for that
redox couple. The numbers in the brackets represent the number of electrons received (v in the equation above).

CIO; +0.374V (v=2) 5 Clo; +0.295V (v=2) > C]O; +H.681V (v=2) )CIO_

Substituting the values from the diagram into the equation we have:

_ 2x(+0.374V) + 2x (+0.295V) + 2 x(+0.681V) _

Eglo;f(:lo‘ - 24240 +0.45V
The same procedure is used to calculate the potentials in {(b) and (c).
{b) BrO, /BrO potential.
£ _ 2x(+1.025V)+ 4 x (+0.492V) 1067V

BrO;/Br0” 244

(¢) 10, /10 potential.

po L 2X(+0.65V)+4x (+0.15V)

10310- = rd =+0.317V
The Frost diagram for chlorine is shown in Figure 17.14. If you connect the points for CI” and C10,” with a line,
you will see that the intermediate oxidation state species HCIO, HCIO», and CiO;™ lie above that line. Therefore,
they are unstable with respect to disproportionation. As discussed in Section 17.13, the redox reactions of halogen
oxo anions become progressively faster as the oxidation number of the halogen decreases. Therefore, the rates of
disproportionation are probably HCIO > HCIO, > ClO;". Note that ClQ,” cannot undergo disproportionation
because there are no species with a higher oxidation number.

The key to answering this question is to decide if the perchlorate ion, which is a very strong oxidant, is present
along with a species that can be oxidized. If so, the compound does represent an explosion hazard.
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(a) NH,CIO,. Ammonium perchlorate is a dangerous compound because the N atom of the NH," ion is in its
lowest oxidation state (—3) and can be oxidized.

(b) Mg(CY¥O,),- Since Mg? cannot be oxidized to a higher oxidation state, magnesium perchlorate is a stable
compound and s not an explosion hazard.

(¢) NaClO,. The same answer applies here as above for magnesium perchlorate. Sodium has only one common
oxidation state. Even the strongest oxidants, such as F,, FOOF, and CIF;, cannot oxidize Na* to Na®*.

{d) [Fe(H,0)¢][C1O4);- Although the H,O ligands cannot be oxidized, the metal ion can. This compound presents
an explosion hazard because Fe(II) can be oxidized to Fe(I1I) by a strong oxidant such as perchlorate ion.

(a) Cr*". Yes: Cr’*/Cr,0,°" potential is +1.38V; less positive than C1,/CI10™ (+1.659V).
(b) V**. Yes EX(V¥*'/VO," = +0.668V).
(¢) Fe*'. Yes, E°(Fe** /Fe'") =+ 0.77V.
{d) Co*". No. The reduction potential for Co*"/Co" is +1.92 V, which is more positive than CL/ClO™ potential.

A=CIF Fa(g) + Clx(g) — 2CIF(g)

E = CsCIF, CIF + CsF — CsCIF, _

B = OF, 2 Fx(g) + 2 OH (aq) — OF(g) + H;0() + 2 F (aq)

C=HF Fa(g) + H,0 (1) — 2 HF(aq) + %2 OxAg)

D = SiF, Si04(s) + 2 Fa(g) — SiF4(g) + Ox(g)

G =CaF, CaFy(s) + H;S0, — 2 HF(g) + CaSO4(s)

(a) Unlike C]O; and IO;, BirO; is capable of oxidizing water. This makes preparation and isolation of KBrO,

very difficult.

(b) All compounds are kinetically reasonably stable to be isolated.

(¢) Unlike its Cl and Br analogues, [0, ion is too unstable for its salts to be isolated; even the acid HIO; has been
identified only as a transient species.

(d) BrO and IO are disproportionating too rapidly to be isolated.

Statement (a) is correct.

Statement (b) is incorrect—the two anions do not have identical structures.

Statement (c) is incorrect—it is the nucleophilicity of the Cl atom in CIO  that is crucial for the oxidation
mechanism,

Statement (d) is correct.
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Self-Test Exercises

§18.1

As the self-test states, xenate (HXeQO,") decomposes to perxenate (XeOs'), xenon, and oxygen, so the equation
that must be balanced is:

HXeO, — XeOs™ + Xe + O, (not balanced)

Since the reaction occurs in a basic solution, we can use OH™ and H,O to balance the equation, if necessary. You
notice immediately that there is no species containing hydrogen on the right-hand side of the equation, so
obviously H,O should go on the right and OH" should go on the left. The balanced equation is:

2 HXeO,(aq) + 2 OH(aq) — XeOq*(ag) + Xe(g) + Ox(g) + 2 H0()

Since the products are perxenate (an Xe(VIII) species) and elemental xenon, this reaction is a disproportionation of
the Xe(VI) species HXeO,". Oxygen is produced from a thermodynamically unstable intermediate with Xe(IV),
possibly as follows:

HXeOs(aq) — Xe(g) + Ox(g) + OH(aq)

End-of-Chapter Exercises

E18.1

E18.2

E18.3

All of the original He and H; that was present in the Earth’s atmosphere when our planet originally formed has
been lost, Earth’s gravitational field is not strong enough to hold these light gases, and they eventually diffuse
away into space. The small amount of helium that is present in today’s atmosphere is the product of ongoing
radioactive decay.

(a) The lowest-temperature refrigerant. The noble gas with the lowest boiling point would best serve as the
lowest-temperature refrigerant. Helium, with a boiling point of 4.2 K, is the refrigerant of choice for very low-
temnperature applications, such as cooling superconducting magnets in modern NMR spectrometers. The boiling
points of the noble gases are directly related to their atomic volume. The larger atoms Kr and Xe are more
polarizable than He or Ne, so Kr and Xe experience larger van der Waals attractions and have higher boiling
points.

(b) An electric discharge light source requiring a safe gas with the lowest ionization energy. The noble gases
are safe choice due to their low reactivity. Among them, the largest one, Xe, has the lowest ionization potential
(see Table 18.1). Radon is even larger than Xe and has even lower ionization potential, but because it is
radioactive it is not safe.

{¢) The least expensive inert atmosphere. Ar is the choice here because it is, relative to the other noble gases,
very abundant in the atmosphere and is generally cheaper than helium, which is rare in the atmosphere. However,
a great deal of helium is collected as a by-product of natural gas production. In places where large amounts of
natural gas are produced, such as the United States, helium may be marginally less expensive than argon.

(a) Synthesis of XeF,. XeF, can be prepared in two different ways. First, a mixture of Xe and F, that contains an

excess of Xe is heated to 400°C. The excess Xe prevents the formation of XeF, and XeFs. The second way is to

photolyze a mixture of Xe and F, at room temperature. For either method of synthesis, the balanced equation is:
Xe(g) + Fig) — XeFy(s)

At 400°C the product is a gas, but at room temperature it is a solid.

(b) Synthesis of XeF,. For the synthesis of this compound you would want also to use a high temperature, but
unlike the synthesis of XeF,, you want to have a large excess of Fy:
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Xe(g) + 3Fy(g) — XeFqs)

As with XeF,, xenon hexafluoride is a solid at room temperatyre.
(¢) Synthesis of XeQ;. This compound is endergonic, so it cannot

be d directly fr
However, a sample of XeF can be carefully hydrolyzed 1o form the desi prepared directly from the clements.

red product:
XeFs(s)+3 HaO()) — XeOy(s) + 6 HE(g)

If a large excess of water is used, an aqueous solution of Xe0, is formed instead

E18.4 The Lewis structures of XcOF,, XeO,F;, and XeOs* are shown below.

» .b.. ] - :6-
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XeOF, XeOF, [XeOI”
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E18.5 (a) Isostructural with ICl,. The Lewis structure of ICl,~ has four bonding pairs and two lone pairs of electrons
around the central iodine atom. Therefore, the anion has a square-planar geometry. The noble gas compound that
is isostructural is XeF,. Both structures are shown below.

(b) Isostructural with IBr;". The Lewis structure of IBr,” anion has two bonding pairs and three lone pairs of
electrons around the central iodine atom. Therefore, the anion has a linear geometry. The noble gas compound that
is isostructural is XeF,. Both structures are shown below.

(?l —l— II: Br -—}_ T
I
Cl— 11— F — Xe —F 1 Xe
| | | |
Cl F Br F

(c) Isostructural with BrO;~. The Lewis structure of BrO;™ anion has three bonding pairs and one lone pair of
electrons around the central bromine atom. Therefore, the anion has a trigonal pyramidal geometry. The noble gas
compound that is isostructural is XeQ;. Both structures are shown below.

Br j— xe\ P F_I+
/Ao Z\No | |
o 3 SO Cl Xe

(d) Isostructural with CIF. The CIF diatomic molecule does not have a molecular noble gas counterpart (i.e., all
noble gas compounds have three or more atoms). However, it is isostructural with the cation XeF", as shown
above.

E18.6 (a) The Lewis structure for XeF; is shown below.
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(b) The structure of XeFs, with seven pairs of electrons, is based on a pentagonal bipyramidal array of electron
pairs with two stereochemically active lone pairs (see Structure 9) resulting in overall pentagonal planar molecular
geometry. The ion XeFs>, on the other hand, has nine pairs of electrons, but only eight are stereochemically active
(see Structure 10) giving a square-antiprism molecular geometry. It is possible that the structure of XeF;, with
eight pairs, would be a pentagonal bipyramid, with one stereochemically inactive lone pair.

Actually, the real structure of this anion is capped octahedral with a very long *“capping” Xe—F bond, as shown
below, confirming that the lone pair is indeed stereochemicaily inert.

According to molecular orbital theory, the electronic configuration of He," is 16,° 19,'. There are two electrons in
bonding o (1ag) orbital and one electron in an antibonding c* orbital (16,), therefore the bond order is 142 — 1) =
0.5. The electronic configuration of Ne," is 164°15,720,°17, 17, '20,". Recall that the bonding orbitals are 1g,,
2ayg, 1w, and 27,. The bond order is therefore ¥2(8 — 7) = 0.5.

The structures are summarized in the table below. Since the lone pairs on F atoms do not influence the geometry,
they have been omitted for clarity.

(a) XeF3* (b) XeFy~ (c) XeFs" (d) XeFs

Lewis
structures

Electron = 7 ! V—F.'-

pair

geometry SRR . B TS N TN

Trigonal bipyramid “Octahedral Octahedral  Pentagonal bipyramid
R -‘-‘ R B o _
Molecular _ =g 3 . ¢F_ r P

: ) g % é_ ) : N D b

Trigonal planar T-shaped Square pyramidal Pentagonal planar
A = XeFxg) Xe + F, — XeF,

B = [XeF]'[MeBF;]”  XeFy(g) + MeBF; — [XeF] [MeBF;]”
C=XeF; Xe + F; (excess) — XeFg
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E18.10

E18.11

D =XeO; XeFg +H,0O — XeO,
E = XeF,(g) Xe + 2F, — XeFq(g)

The structure of XeOF;" is shown below. The '**Xe-NMR would consist of one resonance split into a 1:3:3:1
quartet due to the coupling to three equivalent ®F nuclei.

The molecular structure of XeOF, is a square pyramid with the O-atom residing at the apical position (see
structure 8). The four fluorine atoms are located at the equatorial positions in a basal plane. Because of the
equivalency of the fluorine atoms, only one resonance is expected. Because of the interactions between fluorine
and the isotopes of Xe ('**Xe (spin = %; abundance 26.4%) and "’'Xe (spin = 3/2; abundance 21.1%)) we do
expect two additional weak features. So the predicted spectra will consist of a central line and two other lines,
called satellites, symmetrically distributed around this central line. One set of satellites is due to the coupling
between *F and '”Xe nuclei and would be a doublet. The other set is due to the coupling between °F and *'Xe
nuclei and would be a non-binomial quartet (four lines of equal intensity).
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Self-Test Exercises

S19.1

519.2

The Latimer diagram for vanadium in basic solution is provided in Resource Section 3. The reduction potential for
0,/H;0 couple in alkaline solution is:

E =+1229 V-0.059V xpH = + 1.229V - 0.059V % 14 = 10,403V

The reduction potential for VO/V,0; couple in the basic solution is —0.486V. The potential difference for
oxidation of VO to V,0; with oxygen is

Ecq = 10403V — (-0.486V) =+0.889V

Thus, VO will be oxidized to V,0; by oxygen in air. The next oxidation step is oxidation from V,0, to
HV,0s™ with reduction potential +0.542V. This reaction has the following potential difference:

By = +0.403V — (+0.542V) = —0.139V

This step has a negative potential and is not a thermodynamically spontaneous process. This means that a basic
solution oxidation of VO to V,0; is a thermodynamically favourable process, and V,0; is more stable than VO in
presence of oxygen.

Re;Clg s a trimer (see Structure 19). When ligands are added, such as PPhs, discrete molecular species such as
Re;Cly(PPh;); are formed (see below). Sterically, the most favourable place for each bulky triphenylphosphine
ligand to go is in the terminal position in the Re; plane.

ca___g/ o
KPZARNY;
F"’P/‘L\c! cl;,\ﬁ'hs

End-of-Chapter Exercises

Ei19.1

The table below summarizes the highest oxidation states of the first-row transition metals, gives examples of oxo
species containing metals in the highest oxidation state, and contrasts them with the second- and third-row
elements.

Group 3 4 5 6 7 8 9 10 11 12

1* row Sc Ti i Cr Mn Fe Co Ni Cu Zn

Max. OS 3 4 5 6 7 6 4 4 2 2
Max. group OS? | Yes Yes Yes Yes Yes No No No No No

Example* Sc,0; | TiO, | VO, | CrO; | MnO,” | FeQ,* | C0,0; | NiQ | CuO | ZnO

2"/3™ row Y/La | Z/Hf | Nb/Ta | Mo/W | To/Re | RwOs | Rivir | Pd/Pt | Ag/Au | Cd/Hg |

Max. OS 3 4 5 6 7 8 6 4/6 3/5 2

Example Y203 ZIOQ szOs M003 TC207 RUO4 RhOQ PdO, AgO CdO

La,O; | HFO, | Ta,0s | WO; | ReO,” | 0sO4 | IrQ, | P1O, | AuyO; | HgO

*Note that the highest oxidation state 0xo species do not exist for all elements, particularly late transition metals. For
example, the highest well-defined oxidation state for Rh and Ir is +6, with representative compound being hexafluoride of two
metals. However, the maximum oxidation state in which oxo species occur is +4 in RhQ; and 1rO,.
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It is clear from the table that the maximum oxidation state of the group increases from lefl to right, peaks at Group
7 for the first row and at Group 8 for the second- and third-row transition metals, and then steadily decreases
toward the end of the transition metal series. Within a group, the heavier elements can achieve higher oxidation
states than first-row members (see, for example, Group 8).

E19.2 Recall that the Frost diagrams can tell us a lot about the thermodynamic stability of an oxidation state but under
strict conditions. In this case we are constructing the diagram from the standard reduction potentials, thus the
diagram below is strictly correct for pH = 0 and unit activity of all species involved. Nevertheless, the conclusions
hold rather generally. Note that a completely correct Frost diagram must clearly indicate chemical species
associated with each data point. In some cases, such as for Cr +5 and +4, the chemical species are not well-
defined. In these instances it is sufficient to indicate the element’s oxidation state (i.e., Co(V) and Cr(I1V)).

Frost Diagram For the Group 6 at pH =0

b Crz07%

Cr(V)

vEVY
+
o
oy

"'--“'t‘-——-ALW%

W,0-
-1.5 -
2
'2 -5 T T T ¥
0 2 3 4 5 6
Oxidation State, N
(a) The most oxidizing state for Cr and Mo is +6. Tungsten has no species with oxidizing properties.

(b) For Cr, Cr(IV) and Cr(V) are susceptible to disproportionation. Other elements do not have species that
would be expected to disproportionate.

E19.3 (a) CryO/7

(&) VO™
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(c) VO

(d) MO}

Note: In structures (a), (b), and (d) the terminal metal-oxygen bond order is higher than 1 but lower than 2 due to
the resonance effects; these given structures depict the geometry rather than exact bond orders.

The oxides FeO,4 and Co,0, contain iron and cobalt in oxidation states +8 and +9 respectively, which are not
stable for either element. The massive amount of energy required to ionize either Fe to +8 or Co to +9 cannot be
offéet by the lattice energy of the oxides, and the two compounds do not exist. Fe(+8) and Co(+9) would be a
sufficiently strong oxidizing agent to oxidize some of the O”” anions back to Os.

Statement (a) is correct,

Statement (b) is also correct.

Statement (c) is incorrect: the atomic volumes of the transition metals decrease steadily from left to right; the
lanthanide contraction also affects the atomic volumes of third-row transition elements so that their
atomic volumes are almost identical to those found for the second-row transition metals directly above.
As a consequence, transition metals are very dense. For example, osmium with density of 22.6 g/em’ is
one of the densest materials known.

Statement (d) is correct.

The data required are summarized in the table below:

Electron gain enthalpy (kJ mol ")* | First ionization energies (kJ mol'')
Cu 119.24 Li 513
Ag 125.86 Na 495
Au 22275 K 419
Rb 403
Cs 375

*Data from Greenwood, N.N. and Ernshaw, A. (1997). Chemistry of the
Elements, 2nd ed. Elsevier. (p. 1176). The first ionization energies of the
Group 1 metals have been taken from Chapter 11 of the textbook.

Analysing the data from the table we can conclude that most likely compounds of general formula MM’ are
rubidium and cesium awrides, RbAu and CsAu, containing Au™. This ts due to the fact that gold has the highest
electron gain enthalpy which is large enough to, in combination with other effects such as lattice energy and ion
solvation energy, offset the energy required for ionization of Group 1 elements. Indeed, the evidence points to the
formation of Au” in ammonia solutions ¢ontaining K, Rb, and Cs. Also, CsAu can be isolated and has a salt-like
character.
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E19.7

E19.8

E19.9

HfO, and ZrO, are isostructural and, because ionic radii of Hf* and Zr** are almost identical, they likely have very
similar unit cell parameters and consequently unit cell volume. Thus, the difference in density can be explained by
difference in atomic mass for Hf and Zr. Since, the atomic mass of Hf (and consequently molecular mass of HfO,)
is higher than Zr (and ZrO; has lower molecular weight than HfO,} more mass is “packed” in about the same
volume. Consider also that the ratio of molecular masses is very similar to the ratio of the densities:
Mr(HfO,)Mr(ZrO,) = 210.49/123.22 = 1.72 vs. p(HfO,)/p(ZrQ,) = 9.68/5.73 = 1.69.

The Frost diagram for mercury is shown below:

ngo

vER]v

0 1 2
Oxidatlon number, N

Considering that the point corresponding to ngz’“. lies below the point oonnectin% Hg and Hg®* (dashed line),
Hg,”" will not disproportionate. Rather, Hg and Hg** would comproportionate to Hg,**.

Pigments should be permanent and stable. They should be as inert as possible to the atmosphere—they, should be
stable toward oxidation with O,, should not react with moisture, and should not be light-sensitive. Considering the
increased atmospheric pollution, they should be as resistant as possible to the effects of gases such as H,S, CO,,
S0,, etc. They should also be non-toxic and have low vapour pressure. A good pigment would have very good
coverage ability; that is, small amount of pigment should cover a large surface area. If the material is natural in
origin, then its extraction and storage should be easy. If the pigment is synthetic, then the manufacturing process
should be cheap.

Gnuidelines for Selected Tutorial Problems

T19.3

T19.4

T19.7

Very good overview of both processes can be found in Greenwood, N.N. and Emshaw, A. (1997). Chemistry of
the Elements, 2nd ed. Elsevier, in chapter on the Group 4 elements.

After the Earth’s atmosphere became oxidizing, the availability of many biologically important elements changed:
Fe and N became very difficult to extract whereas Cu became available. For Fe availability, start by considering in
which compounds iron occurs in nature frequently. Then compare the solubilities, solution properties, and
movability of Fe?* and Fe’* analogues. Also, look up biologically important compounds known as siderophores.
Compare their structures, coordination properties, and stabilities of Fe-siderophore complexes with the man-made
chelating reagents such as edta. Pay attention to the process of Fe release from a siderophore.

A good starting point for this tutorial assignment is the text Schmid, G. (ed.). (2010). Nanoparticles: From Theory
to Application, 2nd ed. Wiley-VCH. The text gives a general overview of nanoparticles, but has a significant part
devoted to gold nanoparticles.
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T19.9 Protiodide was a medical trade name for mercury(I) iodide, Hg,l;. Various sources can be used to summarize the
side-effects and overdose risks, such as MSDS sheets. Sweetman, S.C. (ed.). Martindale: The Complete Drug
Reference, published by Pharmaceutical Press, could also be a good source for the toxicity and effects of inorganic
mercury salts.
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Self-Test Exercises

520.1

S20.2

520.3

5204

$20.5

$520.6

A high-spin d’ configuration is t,.e.”. To calculate the ligand field stabilization energy LFSE we should note that
each electron in the ty, stabilizes the CFSE for ~0.4 units and destabilizes by 0.6 units when placed in the e, level.
Accordingly, for the high spin d’ configuration, we should expect 5x(—0.4A,) + 2 x 0.6A, or —0.8A,. The LFSE of
a low-spin d” with a configuration of t,,°¢,', is expected to have —1.8A,+ P [6 x(—0.4 A,) + 0.6 A, =—1.8A,] where
P is electron-pairing energy. Note that although high-spin d’ configuration has two electron pairs in tyg level, they
do not coniribute to LFSE because they would be paired in a spherical field as well. The low-spin configuration
adds one more electron pair (a pair that did not exist in a spherical field before the orbital splitting), and this pair
has to be accounted for.

Since each isothiocyanate ligand has a single negative charge, the oxidation state of the manganese ion is +2.
Mn(ll) is d°, and there are two possibilities for an octahedral complex, a low-spin {tz¢’), with one unpaired
electron, or a high-spin (ty;’¢,), with five unpaired electrons. The observed magnetic moment of 6.06 pg is close
to the spin-only value for five unpaired electrons, (5 x 7)" = 5.92 pg (see Table 20.3). Therefore, this complex is
high spin and has a t,5’e,” configuration.

If it were not for LFSE, MF, lattice enthalpies would increase from Mn(II) to Zn(Il). This is because the
decreasing ionic radius, which is due to the increasing Z.¢ as you cross through the d-block from left to right, leads
to decreasing M—F separations (straight line on diagram below). Therefore, you expect that AH,; for MnF; (2 780
kJ mol™') would be smaller than AH, for ZnF, (2985 kJ mol™). In addition, as discussed for aqua ions and oxides,
we expect additional LFSE for these compounds. From Table 20.2, you see that LFSE = ¢ for Mn(II), —0.4A, for
Fe(1l), —0.8A, for Co(Il), —1.24, for Ni(li}, and 0 for Zn(II). The deviations of the observed values from the
straight line connecting Mn(II) and Zn(II) are not quite in the ratio 0.4:0.8:1.2, but note that the deviation for Fe(II)
is smaller than that for Ni(Il).

3100
3000 1
2500

2800

Lattice enthalpy (k]/mol)

2700 Y T 1 T T
Mn Fe Co Ni Zn

In the spectrum of [Mo(CO)s) (Fig. 20.17), the ionization energy around 8 €V was attributed to the ty; electrons
that are largely metal-based (see Example 20.4). The biggest difference between the photoelectron spectra of
ferrocene and magnesocene is in the 6-8 eV region. Fe(l]) has six d electrons (like Mo(0)), while Mg(11) has no d
electrons. Therefore, the differences in the 6—8 eV region can be attributed to the lack of d electrons in Mg(II). The
group of energies around 14 ¢V and 18 eV in both compounds can be attributed to0 M-Cp orbitals and ionization of
Cp itself, respectively.

A p'd' configuration will have L = 1 + 2 = 3 (an electron in a p orbital has /= 1, whereas an electron in a d orbital
has / = 2). This value of L comresponds to an F term. Since the electrons may have antiparallel (S=-% + %2 =0,
multiplicity 25+ 1 =2 x 0+ | = 1) or parallel spins (S = + % + % = 1, multiplicity 25+ 1 =2 x 1 + 1 = 3), both 'F
and °F terms are possibte.

(a) 2p’ ground term. Two electrons in a p subshell can occupy separate p orbitals and have parallel spins (S=+ 4
+ % = 1), so the maximum multiplicity 25 + | =2 x 1 + 1 = 3. The maximum value of M is 1 + 0 = 1, which

181
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$20.7

$20.8

$20.9

corresponds to a P term {(according to the Pauli principle, m; cannot be +1 for both electrons if the spins are
parallel, thus one electron has #1,= +1 and the other m; = 0). Thus, the ground term is P (called a “triplet P” term).

Pl

(b) 3d’ ground term. The largest value of M; for nine electrons in a d subshell is 1/2 (eight electrons are paired
in four of the five orbitals, while the ninth electron has m; = +1/2). Thus S = 1/2 and the multiplicity 25+ 1 = 2.
Notice that the largest value of Mj is the same for one electron in a d subshell. Similarly, the largest value of AM; is
2, which results from the following nine values of my +2, 42, +1, +1, 0, 0, -1, -1, —2. Notice also that M, = 2
corresponds to one electron in a d subshell. Thus the ground term for a & or a 4" configuration is D (called a

“doublet D” term).
AR

An F term arising from a d” configuration correlates with T, + ng + A, terms in an Op complex. The mu[tlpllClty
is unchanged by the correlation, so the terms in Oy symmetry are T;g, T, and Azg Similarly, a D term arising
from a d" configuration correlates w1th ng + E; terms in an O, complex. The Oy, terms retain the singlet character
of the 'D free ion term, and so are 'Ty, and 'E,.

The two transitions in question are *T, < *A, and *T, + *A, (the first one has a lower energy and hence a lower
wave number). Since A= 17 600 cm™ and 8= 700 cm™, you must find the point 17 600/700 = 25.1 on the x axis
of the Tanabe-Sugano diagram. Then, the ratios £/B for the two bands are the y values of the points on the *T, and
T, lines, 25 and 32, respectively, as shown below on a partial Tanabe Sugano diagram for the d* configuration.
Therefore the two ]owest-energy spin- allowed bands in the spectrum of [Cr(H,0)]>" will be found at
(700 cm™)(25) = 17 500 em™ and (700 cmi™')(32) = 22 400 cm

This six-coordinate d* complex undoubtedly has an O, symmetry, so the general features of its spectrum w1lI
resemble the spectrum of [Cr(NH;)s)’*, shown in Figure 20.23. The very low intensity of the band at 16 000 cm™
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is 2 clue that it is a spin-forbidden transition, probably *E, < *A,. The spin-allowed but Laporte-forbidden bands
typically have £ ~ 100 M™' cm™, so it is likely that the bands at 17 700 ¢cm™ and 23 800 cm™ are of this type (they
correspond to the *Ty, + *Ay and *T), — *A,, transitions, respectively). The band at 32 400 cm™ is probably a
charge transfer band because its intensity is too high to be a ligand field (d—d) band. Since you are provided with
the hint that the NCS™ ligands have low-lying n* orbitals, it is reasonable to conclude that this band corresponds to
a MLCT transition. Notice that the two spin-allowed ligand field transitions of [Cr(NCS)s]*" are at lower energy
than those of [CI’(NH;)G]3+, showing that NCS™ induces a smaller A, on Cr'* than does NHs. Also notice that
[Cr(NH;3)¢]** lacks an intense MLCT band at ~30 000—40 000 cm™', showing that NH, does not have low-lying
empty molecular orbitals.

End-of-Chapter Exercises

E20.1

E20.2

E20.3

(a) [Co(NH3)¢]*". Since the NH; ligands are neutral, the cobalt ion in this octahedral complex is Co®", which is a
d® metal ion. Ammonia is in the middle of the spectrochemical series but because the cobalt ion has a 3+ charge,
this is a strong field complex and hence is a low spinfgmplex, with § = 0 and has no unpaired electrons (the
configuration is t;,"). The LFSE is 6(-0.4A,) = —2.44,+2P.

(b) [Fe(OH,)s]*". The iron ion in this octahedral complex, which contains only neutral water molecules as
ligands, is Fe*", which is a d®-nietal ion. Since water is lower in the spectrochemical series than NH; (i.e., it is a
weaker field ligand than NH;) and since the charge on the metal ion is only 2+, this is a weak field complex and
hence is high spin, with S = 2 and four unpaired d electrons (the configuration is tzg"cgz)‘ The LFSE is 4(~0.44,) +
2(0.6As) = —0.4A,. Compare this small value to the large value for the low spin d° complex in part (a) above.

" (¢) [Fe(CN)¢]>™. The iron ion in this octahedral complex, which contains six negatively charged CN™ ligands, is

Fe', which is a d° metal ion. Cyanide ion is a very strong field ligand, so this is a strong-field complex and hence
is a low spin complex, with S = 1/2 and one unpaired electron. The configuration is t;;’> and the LFSE is ~2.04, +
2P

{(d) [Cr(NH;)¢]"". The complex contains six neutral NH; ligands, so chromium is Cr**, a d® mezal ion. The
configuration is t2g3, and so there are three unpaired electrons and § = 3/2. Note that, for octahedral complexes,
only d*~d’ metal ions have the possibility of being either high spin or low spin. For [Cq(NH;)eJ**, the LFSE =
3(=0.4A.) = —1.2A,,. (For d’—d’, d*, and d’ metal ions in octahedral complexes, only one spin state is possible.)

(e) [W(CO)s). Carbon monoxide (i.e., the carbonyl ligand) is neutral, so this is a complex of W(0). The W atom
in this octahedral complex is d°. Since CO is such a strong field ligand (it is even higher in the spectrochemical
series than CN7), W(CO)s is a strong-field complex and hence is low spin, with no unpaired electrons (the
configuration is ty"). The LFSE = 6(-0.4A,) + 2P = -2.4A, + 2P,

(f) Tetrahedral [FeCly)*". The iron ion in this complex, which contains four negatively charged CI” ion ligands, is
Fe®, which is a d® metal ion. All tetrahedral complexes are high spin because At is much smaller than A, (Ay =
(4/9)A, if the metal ion, the ligands, and the metal-ligand distances are kept constant), so for this complex § =2
and there are four unpaired electrons. The configuration is e’t,>. The LFSE is 3(-0.6A7) + 3(0.4A7) = 0.6 A,.

(g) Tetrahedral [Ni(CO)]? The neutral CO ligands require that the metal centre in this complex is Ni’, which
is a d'%-metal atom. Regardless of geometry, complexes of d'®-metal atoms or ions will never have any unpaired
electrons and will always have LFSE = (), and this complex is no exception.

It is clear that m-acidity cannot be a requirement for a high position in the spectrochemical series, since H is a very
strong field ligand but is not a w-acid (it has no fow-energy acceptor orbitals of local n-symmetry). However,
ligands that are very strong c-bases will increase the energy of the e, orbitals in an octahedral complex relative to
the ty, orbitals. Thus, there are two ways for a complex to develop a large value of A,, by possessing ligands that
are w-acids or by possessing ligands that are strong o-bases {(of course some ligands, like CN™, exhibit both n-
acidity and moderately strong c-basicity). A class of ligands that are also very high in the spectrochemical series
are alkyl anions, R™ (e.g., CHy ). These are not n-acids but, like H", are very strong bases.

The formula for the spin-only moment is wps = {(M)(N + 2)]'” where N is the number of unpaired electrons.
Therefore, the spin-only contributions are:
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E20.4

E20.5

E20.6

Complex N wps=[MWV+2)1"”
[Co(NH3))** ¢ 0

|Fe(OH,)]* 4 49

[Fe(CN)s]>~ 1 1.7

[Cr(NH;))** 339

[W(CO)s] 0 0

[FeCl 4 49

[Ni(CO)4] 0 0

The colours of metal complexes are frequently caused by ligand-field transitions involving electron promotion
from one subset of d orbitals to another (e.g., from ty, to €, for octahedral complexes or from e to t, for tetrahedral
complexes). Of the three complexes given, the lowest energy transition probably occurs for [CoCl]*™ because it is
tetrahedral (Ar = (4/9)(A,)) and because CI™ is a weak-field ligand. This complex is blue because a solution of it
will absorb low-energy red light and reflect blue- that is, the complement of red. Of the two complexes that are
left, [Co(NHa)s]*" probably has a higher energy transition than [Co(OHz)G]z" because NH; is a stronger field ligand
than H;0 (see Table 20.1). The complex [Co(NH;)s]2+ is yellow because only a small amount of visible light, at
the blue end of the spectrum, is absorbed by a solution of this complex. By default, you should conclude that
[Co(OHa))*" is pink.

(a) {Cr(OH,)¢l*" or [Mn(OH,)|*". The chromium complex is expected to have a larger crystal field stabilization
because of the tzg3 eg] configuration [3 x (-.4A,) + (1 x 0.64,) = —0.6A,] compared to the manganese complex
with an electronic configuration ty e, [3 x (-0.44,) + (2 % 0.6A,) = 0).

(b) [Mn(OH,)s]** or [Fe(OH,)s)*". Although Fe’' and Mn®" are iso-electronic, the higher charge on the Fe ion
leads to larger LFSE.

(¢) [Fe(OH,)** or [Fe(CN)¢J*". Since water is a weak-field ligand compared to CN-, the electronic
configurations of these two complexes differ. For [Fe(CN)]>” the configuration will be tre egrj [5 x {-0.4A,) =
~2.0A,), whereas the corresponding configuration for the aquo complex will be ta,* ;7 [3 x (—0.4A,) + (2x0.6A,) =
0] . Hence [Fe(CN)s]*~ will have higher LFSE.

(d) | Fe(CN)ﬁ]z’" or [Ru(CN)G}J'. The LFSE increases down the group and hence the ruthenium complex will have
higher LFSE,

(e) Tetrahedral [FeCl,]* or tetrahedral [CoCl]|*". In general, tetrahedral complexes form high-spin complexes.
Fe** with an electronic configuration of €* t,* will have smaller stabilization [3 x (~0.6A7) + (3 X 0.4A;) = 0]
compared to Co™ with a configuration of &* t;° [4 x (<0.6A1) + (3 X 0.4A1) =—1.2 Ay].

As in the answer to $20.3, there are two factors that lead to the values given in this question and plotted below:
decreasing ionic radius from left to right across the d block, leading to a general increase in AH from CaO to
NiO, and LFSE, which varies in a more complicated way for high-spin metal ions in an octahedral environment,
increasing from d° to d°, then decreasing from d’ to d°, then increasing from d° to d®, then decreasing again from d®
to ¢'°, The straight line through the black squares is the trend expected for the first factor, the decrease in ionic
radius (the last black square is not a data point, but simply the extrapolation of the line between AH),, values for
CaQ and MnO, both of which have LFSE = 0). The deviations of AH,,, values for TiO, VQ, FeQ, Co0, and NiO
from the straight line are a manifestation of the second factor, the non-zero values of LFSE for Ti*", V¥, Fe®',
Co®, and Ni**. TiO and VO have considerable metal-metal bonding, and this factor also conributes to their
stability.
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E20.7 (a) The plot is shown below:
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(b) The following table lists LFSE in kJ mol™:

Ton Ca~ [ V¥ cr [ Mn* [Fe [ Co* [N [ [Zn”
A, (in cm™) 0 12600 | 13900 | 7800 10400 | 9300 | 8300 | 12600 | O
A, (in kJ mol™ 0 150.5 166.1 | 93.2 124.2 | 111.1 | 99.2 1505 | O

| tee; configuration | tr e, |t €, | Lo € | by € | b € | b €0 | bp e | boor | be ey
LFSE (kJ mol™) 0 —180.6 1 -99.6 | 0O —49.7 | -889 | -119 | -903 |0

(c) After the correction for LFSE is applied (add LFSE to Ayy4H) the following plot is obtained. The dashed line,
which shows almost linear relationship between d electron count and hydration enthalpies, is for LFSE-corrected

AnyeH values:
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The straight line now shows the expected trend in AyyeH as a function of cationic radius only without electronic
effects. As we move from Ca®* to Zn**, Ay,eH steadily increases because the cation radii decrease. A decrease in
the ionic radii results in an increase in charge density and strenger electrostatic interaction between cations and
partially negative oxygen atom on water molecules. As expected, Ca®* without d electrons has no LFSE and there
is no effect on its AyysH value. With V>* we have a t,’¢,” electronic configuration and three electrons in low-energy
t2¢ level contribute —0.4A, each (—1.24, in total) to LFSE, which further stabilize the hydrated cation over Vz’(g).
Moving to Cr** we have to add one electron in high-energy e, levei, and LFSE is increased for 0.6A,—as a result
we see a decrease in corrected Apyof. Mn®* has a t,’e,? configuration with both ty, and e, half filled and thus no
LFSE and no correction to Apyefl. As we move from Mn?* we keep adding electrons in tag level. This results in an
increase in stability of hydrated cations for Fe?, Co® and Ni**. With Cu™ we again add an electron into e level.

Zn® with completely filled t, and e; levels has zero LFSE.

Perchlorate, Cl0O4, is a very weak basic anion (consider that HCIO; is a very strong Brensted acid). Therefore, in
the compound containing Ni(il), the neutral macrocyclic ligand, and two ClO4 anions, there are probably a four-
coordinate square-planar Ni(I[) (d®) complex and two non-coordinated perchlorate anions. Square-planar d®
complexes are diamagnetic because they have a configuration (xz, yz)* (2)(xy)* with all electrons paired. When
SCN" ligands are added, they coordinate to the nickel ion, producing an essentially octahedral complex that has
two unpaired electrons (configuration ty’e,’).

'S

C

—|2+ N
)

N

-

S

The main consequence of the Jahn-Teller theorem is that a nonlinear molecule or ion with a degenerate ground
state is not as stable as a distorted version of the molecule or ion if the distortion removes the degeneracy. The
high-spin d* complex [Cr(OH,)]** has the configuration ts;’e,', which is orbitally degenerate because the single ¢,
electron can be in either the d,» or the de- 4 orbital. Therefore, by the Jahn-Teller theorem, the complex should not
have O, symmetry. A tetragonal distortion, whereby two frans metal-ligand bonds are elongated and the other
four are shortened, removes the degeneracy. This is the most common distortion observed for octahedral
complexes of high-spin d*, low-spin d’, and d® metal ions, all of which possess e, degeneracies and exhibit
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measurable Jahn-Teller distortions. The predicted structure of the [Cr{OH,)s)*" ion, with the elongation of the two
trans Cr—O bonds greatly exaggerated, is shown below.

OH, |2+

- o,

H,0

H,0

OH,

E20.10 The ground state of [Ti(OH,)s)>*, which is a d' complex, is not one of the configurations that usually leads to an
observable Jahn-Teller distortion (the three main cases are listed in the answer E20.8, above). However, the
electronic excited state of [Ti(OH2)6]3“ has the configuration tzg"eg', and so the excited state of this complex
possesses an e; degeneracy. Therefore, the “single” electronic transition is really the superposition of two
transitions, one from an O, ground-state ion to an O, excited-state ion, and a lower energy transition from an O,
ground-state ion to a lower energy distorted excited-state ion (probably Dy,). Since these two transitions have
slightly different energies, the unresolved superimposed bands result in an asymmetric absorption peak.

E20.11 (a) L =0,5=5/2. For L =0, the term symbol is S. The multiplicity of state with S=5/2is 2S+1 =2 x 512+ 1=
8. Thus, the term symbol is °S.
(b) L = 3, 8 = 3/2. The term symbol is *F.
(¢) L =2, § =1/2. This set of quantum numbers is described by the term symbol *D.
(d) L =1, 8 =1, This set of quantum numbers is described by the term symbol >P.

E20.12 (a) °F, °P, 'P, 'G? Recall Hund’s rules: (1) the term with the greatest multiplicity lies lowest in energy; (2) for a
given multiplicity, the greater the value of L of a term, the lower the energy. Therefore, the ground term in this
case will be a triplet, not a singlet (rule 1). Of the two triplet terms, °F lies lower in energy than *P: L =3 for °F, L
=] for °P (rule 2). Therefore, the ground term is ’F.
(b)°D, *H,°P, 'G, '1? The ground term is °D because this term has the highest multiplicity.
(c) °S, “G, ‘P, *I? The ground term is S because this term has the highest multiplicity.

E20.13 (a) 4 s'. You can approach this exerci¥e in the way described in Section 20.2 for the d° configuration (see Table
20.6). You first write down all possible microstates for the s! configuration, then write down the M; and M values
for each microstate, then infer the values of L and S to which the microstates belong. In this case, the procedure is
not lengthy because there are only two possible microstates, (07) and (07). The only possible values of M, and M;
are 0 and 1/2, respectively. If M; can only be 0, then L must be 0, which gives an S term (remember that L c¢an take
on all values M, (M;-1), ..., 0, ... =M}). Similarly, if Mg can only be +1/2 or —1/2, then S must be 1/2, which
gives a multiplicity 25 + 1 = 2. Therefore, the one and only term that arises from a 4s' configuration is *S.

(b) 3p. This case is more complicated because there are 15 possible microstates:

M3=—l M5=0 ;Mg:]
M =2 {1+, 1)
M, = (1,00 (15,0),(1,0) (1,07
M,=0 (15,-17)  (1%,-1),¢0,0), 151 (1%, -1H
My==1 (-1,0) (-17,0),(-17,09 1%, 0%
M, ==2 -17,-17)

A term that contains a microstate with M; = 2 must be a D term (£ = 2). This term can only be a singlet because if
both electrons have m; = 1 they must be spin-paired. Therefore, one of the terms of the 3p® configuration is 'D,
which contains five microstates. To account for these, you can cross out (1", 17), (~1%, —17), and one microstate



188 Part 2: The Elements and Their Compounds

E20.14

E20.15

E20.16

E20.17

E20.18

from each of the other three rows under M = 0. That leaves ten microstates to be accounted for. The maximum
value of M of the remaining microstates is I, so you next consider a P term (L = 1), Since Ms can be -1, 0, or 1,
this term will be *P, which contains nine of the ten remaining microstates. The last remaining microstate is one of
the original three for which A; = 0 and Ms =0, which is the one and only microstate that belongs to a 'S term (L =
0, S = 0). Of the three terms D, °P, and 'S that arise from the 31:>2 configuration, the ground term is P because it
has a higher multiplicity than the other two terms (see Hund’s rule 1).

The diagram below outlines the relative energies of the *F, 'D, and *P terms. It can be seen that the 10 642 e
energy gap between the *F and 'D terms is 58 + 2C, while the 12 920 cm encrgy gap between the °F and °P terms
is [58. From the two equations
5B+2C=10642cm™  and 158=12 920 cm™
you can determine that B = (12 920 cm™)/(15) = 861.33 cm™ and C=3 167.7 cm™.
W 0 A+7B 78 15B

D T— A—3B 4+2C -3B +2C 5B +2C

' <
3F —‘—— A -8B -8B 0

Relative Encrgies

(a) The oxidation number for Rh in [Rh(NH3)s]*” complex is +3, and the electronic confi iguration of the metal 1
de. Accordmg to the d® Tanabe-Sugano diagram (see Resource Section 6), the ground term for a low-spin the® metal
ion is A;

(b) The T1 jon in the octahedral [Ti(H,0)s)>” ion has a d' configuration. A correlation diagram for d' metal ions
is shown in Figure 20.27 (Resource Section 6 does not include the d' Tanabe-Sugano diagram). According to this
diagram, the ground term for a ts;' metal ion is 'qu

(¢) The Fe** ion in the octahedral [Fe{H20)6]3 jon has a d® configuration. According to the & Tanabe -Sugano
diagram, the ground term for a high-spin tag egz metal ion is A;a

(a) [Ni(H;0)4]*" (absorptions at 8 500, 15 400, and 26 000 cm ) According to l:he d® Tanabe- -Sugano diagram
(Resource Section 6), the absorptions at 8 500 cm, 15 400 col and 26 000 cm™ correspond to the following
spin-allowed transitions, respectively: T 2 Aag, ’T.s - Azz, and Tlg - A‘) The ratios 15 400/8 500 = 1.8
and 26 000/8 500 = 3.0 can be used to esnmate AJ/B = 11, Using this value of AJB and the fact that £/B = A/B for
the lowest-energy transition, A, = 8 500 cm™' and B ~ 770 cm™. Note that B for a gas-phase Ni** ion is 1 080 cm™.
The fact that B for the complex is only ~70% of the free ion value is an example of the nephalauxetic effect.

(b) [Ni(NH5)¢)* (absorptions at 10 750, 17 500, and 28 200 cm™). The absorptions for this complex are at
10750 em™, 17 500 cm™', and 28 200 cm™. The ratios in this case are 17 500/10 750 = 1.6 and 28 200/10 750 =
2.6, and lead to Ay/B = 15. Thus, A, = 10 750 cm™ and B ~ 720 cm™. It is sensible that B for [Ni(NH;)J*" is
smaller than B for [Ni{H,0)s]*" because Nli; is higher in the nephalauxetic serjes than is H;O.

If [Co(N H;))**, a d° complex, were high spin, the only spin-aliowed transition possible would be °E, ng (refer
to the d® Tanabe-Sugano dragram) On the other hand, if it were low spin, several spin-allowed transmons are
possible, including 'T\, +~ 'Ajg, 'Tsp < ’A.s, — Ay, etc. The presence of fwo moderate-intensity bands in the
visible/near-UV spectrum of [Co(NH:)e)*" suggests that it is low spin. The first two transitions listed above
;:orreSp?nd to these two bands. The very weak band in the red corresponds to a spin-forbidden transition such as
ng — A|8'

The d* Fe** ion in the octahedral hexafluorido complex must be high spin (F is a weak field ligand). According to
the d° Tanabe-Sugano diagram (Resource Section 6), a high-spin complex has no higher energy terms of the same
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multiplicity as the ®Ay, ground term. Therefore, since no spin-allowed transitions are possible, the complex is
expected to be colourless (i.e., only very weak spin-forbidden transitions are possible). If this Fe(HI) complex
were low spin, spin-allowed transitions such as 2Tls - Ing, 2Agg - Zng, etc. would render the compiex coloured.
The d® Co® jon in [CoFg)™ is also high spin, but in this case a single spin-allowed transition, SF,g - 5’1'23, makes
the complex coloured and gives it a one-band spectrum.

NH; and CN ligands are quite different with respect to the types of bonds they form with metal ions. Ammonia
and cyanide ion are both o-bases, but cyanide is also a n-acid. This difference means that NH; can form molecular
orbitals only with the metal e, orbitals, while CN™ can form molecular orbitals with the metal e, and ty, orbitals.
The formation of molecular orbitals is the way that ligands “expand the clouds™ of the metal d orbitals—the
bonding between Co®* and the ligand has more covalent character in [Co(CN))> than in [Co(NH;)e]*".

The intense band, with gy =2 * 10* M™ em™, at relatively high energy is undoubtedly both spin- and Laporte
allowed charge-transfer transition because it is too intense to be a ligand field, Laporte-forbidden (d—d) transition.
Furthermore, it is probably an LMCT transition, not an MLCT transition because the ligands do not have empty
crbitals necessary for an MLCT transition. The two bands with £ = 60 and 80 M™' cm™ are probably spin-
allowed but Laporte-forbidden ligand field (d—d) transitions. Even though the complex is not strictly octahedral,
the ligand field bands are still not very intense. The very weak band with g, =2 M~ cm™ is most likely a spin-
forbidden tigand field (d—d) transition.

The Fe’ ions in question are d* metal ions. If they were low spin, several spin-allowed ligand field transitions
would give the glass a colour even when viewed through the wall of the bottle (see the Tanabe-Sugano diagram for
d® metal ions in Resource Section 6). Therefore, the Fe™ ions are high spin, and as such have no spin-allowed
transitions (the ground state of an octahedral high-spin d° metal ion is °A),, and there are no sextet excited states).
The faint green colour, which is only observed when looking through a long pathlength of bottle glass, is caused
by spin-forbidden ligand field transitions (recall the Labert-Beer’s law, 4 = elc, where / is the optical pathlength).

E20.22 The blue-green colour of the Cr* ions in [Cr{(H,0)¢]*" is caused by spin-allowed but Laporte-forbidden ligand field

E20.23

transitions. The relatively low-molar-absorption coefficient, ¢, which is a manifestation of the Laporte-forbidden
nature of the transitions, is the reason that the intensity of the colour is weak. The oxidation state of chromium in
tetrahedral chromate dianion is Cr(V1), which is d®. Therefore, no ligand field transitions are possible. The intense
yellow colour is due to LMCT transitions (i.e., electron transfer from the oxide ion ligands to the Cr(VI) metal
centre). Charge transfer transitions are intense because they are both spin-allowed and Laporte-allowed.

The d,; orbital in {CrCI(NH;)s]*" complex is left unchanged by each of the symmetry operations of the Cy, point
group. 1t therefore has A, symmetry. The CI” lone electron pairs can form n molecular orbitais with d,, and d,.
These metal atomic orbitals are m-antibonding MOs in {CoCI(NH,)s]** (they are nonbonding in [Co(NH,)s)*"), and
so they will be raised in energy relative to their position in [Co(NH;)s)**, in which they were degenerate with dyy.
Since CI” jon is not as strong a o-base as NHj is, the d,? orbital in [CoCI(NH;)s]** will be at lower energy than in
[Co(NH;)s]™*, in which it was degenerate with dy;.y. A qualitative d-orbital splitting diagram for both complexes is
shown below (L =NHj3).

IT e Xy = eyt Jer
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E20.24 As discussed in Section 20.5 Charge-transfer bands, ligand field transitions can occur for d-block metal ions with
one or more, but fewer than ten, electrons in the metal e and t; orbitals. However, the oxidation state of manganese
in permanganate anion is Mn(VII), which is d°. Therefore, no ligand field transitions are possible. The metal e
orbitals are the LUMOSs, and can act as acceptor orbitals for LMCT transitions. These fully allowed transitions
give permanganate its characteristic intense purple colour. You can see that two LMCT ftransitions are possible,
e < a, and I, « a,. These two transitions give rise to the two absorption bands observed at 18 500 ¢cm™ and
32200 cm™'. The difference in energy between the two transitions, E(t,) — £(¢) = 13700 cm™', is just equal to A,
as shown in the diagram below:

& L
A
v .

¢ = energies of the two
charge transfer
transitions

ﬁ |
t2 EL2 Y- ~

MnQO,~

Guidelines for Selected Tutorial Problems

T20.3  See Problem 20.4 below for guidelines.

T20.4 From Table RS5.1 in Resource Section 5 we can see how metal orbitals transform in Dy, point group. Thus, d,,

and s orbitals transform as A,,, d, and d,, as Eg, dyy as By, dia.y as By, p; as Ay, and finally p, apd p, as E,.
Looking in Dy, column we can also find ligand orbitals: singly degenerate A; and B,, and doubly degenerate E,.
These are the only possible ligand symmetry adapted linear combinations that are relevant for purely o bonding.
The molecular orbital diagram is shown on the next page. Note that the metallic d,y, e, dy., and p, atomic orbitals
have no symmetry match on ligand side and they remain non-bonding in a pure ¢ bonding scenario. These orbitals
do have a match if we include n bonding. Analysis of Dy, column for ligand SALC reveals a singly degenerate A;,
set (a match for p, metallic orbital) and a doubly degenerate E, set (a match for dy; and d;). With inclusion of p
bonding, enly d,, (of B,, class) remains non-bonding.
Note that this diagram can serve as a basis for tutorial Problem 20.3 as well. Trans-[ML,X;] complex alse has a
Dy, symmetry, so the metal orbital classes remain the same. It can be derived from square planar ML, (for which
the diagram applies) by adding two X ligands along z axis. Thus, what we have to add on the ligand side of the
molecular orbital diagram is a singly degenerate A; set that is a good match for both d,; and s metallic orbitals.
The new ligand orbitals should be Aigher in energy than the ones shown in the figure below because X is lower
than L in the electrochemical sertes. Consult also the solution for Exercise 20.23.
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The figure below shows the rough orbital diagrams indicating changes in energy as we go from an octahedral
complex (Oy) to a teragonally distorted (D) to finally square pianar one when the ligands along z axis have been
completely removed. If we elongate the bonds along z axis, the repulsion between ligands (as point charges) and
electrons in all d orbitals that have z component (d,,, d,;, and d,;) is going to decrease. As a consequence, these d-
metallic orbitals are going to drop in energy in a tetragonally distorted complex and will break the degeneracy of
tyg and ¢, sets (the Jahn-Teller theorem). The ligands along x and y axes now can approach metal a bit closer (due
to less steric crowding), will repel the electrons in dy,.; and d,y, more than in O, symmetry, and will consequently
increase in energy in comparison to starting octahedral complex. Square planar geometry results when we
completely remove the ligands along z axis. In this case the ligands are approaching the metal centre along x and y
axes and strongly repel with the electrons in d,.y» orbital (remember that this orbital has its lobes located exactly
along x and y axes). The energy of this orbital increases significantly. The energy of d,, orbital is also increasing
because its lobes are between x and y axes. All orbitals that have z axis component decrease in energy because the
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point charges have been removed along this axis. Note, however, that the energy of d,, orbital is not the lowest
one, as we might expect. This is because d,» orbital has some electron density in xy plane in a torus shape.

Similar analysis can be applied to derive d orbital splitting for linear two coordinate complexes if we, starting from
the octahedral complex, remove ligands along x and y axes. In this case we can consider a squished octahcdron as
an intermediate geometry (with axial M~L bonds shorter than equatorial M-L bonds). Your result should have d,;

as the orbital of highest energy, followed by doubly degenerate d,; and d,;, and finally lowest in energy is another
doubly degenerate set of d,, and dya.y-
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Self-Test Exercises
§21.1 We can use Equation 21.6 to calculate the rate constant:
log (NO;7) = SnpdNO,") + C

where S is the nucleophilic discrimination factor for this complex, »p(NO,") is the nucleophilicity parameter of
nitrite ion, and C is the logarithm of the second order rate constant for the substitution for C!” in this complex by
MeOH. § was determined to be 0.41 in the example, and #p(NO,") is given as 3.22. C is a constant for a given
complex and is —0.61 in this case, as determined in the example also. Therefore, £,(NO;) can be calculated as

follows:
log x(NOY) = (0.41)(3.22) — 0.61 = 0.71
k(NOy ) = 10°7" = 5.1 dm’mol’s™

$21.2  For the three ligands in question, CI, NHa, and PPhs, the rans effect series is NH; < CI” < PPhy. This means that a

ligand frams to CI” will be substituted at a faster rate than a ligand t+ans to NHs, and a ligand #rans to PPh, will be
substituted at a faster rate than a ligand frans to CI”. Since our starting material is {PtCL]*, two steps involving
substitution of CI” by NH; or PPh; must be used.
If you first add NH; to [PtCl,)*", you will produce [PtCl;(NH;)]". Now if you add PPhs, one of the mutually rans
CI” ligands will be substituted faster than the CI™ ligand trans to NH;, and the cis isomer will be the result. If you
first add PPh; to [PtC1,]*", you will produce [PtCl3(PPh,)] ~. Now if you add NH,, the CI” ligand #rans to PPh; will
be substituted faster than one of the mutually #ans CI” ligands, and the rans isomer will be the result.

less\labile
Cl —[2_ Cl —I_ Ct
| NH, | PPh, I
Cl— l'}t —Ql - Cl——Pt ~—Cl ——  Ph,P—Pt—Cl
a ‘\ NH, z NH,
more labile
more labile
Ct - -
2 « 2 NH,
PPh.‘ i N 3 :
Cl—Prt—Ci —— C—rt—Cl —_— Cl—pPt—(l
a \ PPh, 7 PPhy
less labile

821.3  As discussed in Section 21.6, the Eigen-Wilkins mechanism for substitution in octahedral complexes suggests the
formation of an encounter complex {[V(HZO)G]”, CI7}, in the first, fast step:

[VH0)" + CI” — {[V(H0)]*", CI'}

193
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The second, slow step of the mechanism is producing the product:

([V(H:0)*", CI"} — [VCKH,0)]" + H,0

The observed rate constant, ko, is given by:

k, = kK

and in the case of the substitution of H:0 by CI” in [V(H20)s]™* kops = 1.2 x 10? dm’mol™'s™. You will be able to
calculate & if you can estimate a proper value for Kg. [nspection of Table 21.6 shows that K¢ = 1 dm’mol™ for the
encounter complex formed by F~ or SCN™ and [Ni(H;0)]*". This value can be used for the reaction in question
because (i) the charge and size of ClI™ are similar to those of F~ and SCN", and (ii) the charge and size of
[Ni(H,0)s]* are similar to those of [V(H0))*". Therefore, k = kops/Kz = (1.2 x 10> dm’mol™ s™)/(1 dm’mol™) =
1.2x10%s™.

End-of-Chapter Exercises

E21.1

E21,2

E21.3

E21.4

E21.5

E21.6

If the mechanism of substitution were to be associative, the nature of incoming ligand should affect the rate of the
reaction. This is because the rate-limiting step would require the formation of M—X bonds (X = incoming ligand).
In the present case, however, the rate of the reaction does not vary much with the nature or the size of the
incoming ligand. Therefore, the more likely mechanism would be dissociative.

The rate of an associative process depends on the identity of the entering ligand and, therefore, it is not an inherent
property of [M{OH;)¢]™.

Since the rate of substitution is the same for a variety of different entering ligands L (i.e., phosphines and or
phosphites), the activated complex in each case must not include any significant bond making to the entering
ligand. Thus, the reaction must be 4. If the rate-determining step included any Ni-L bond making, the rate of
substitution would change as the electronic and steric properties of L were changed.

The rate law for this substitution reaction is:
rate = (kKelMn(OH,)s " 1[X )1 + Ke[X])

where Kt is the equilibrium constant for the formation of the encounter complex {[Mn(OH;)ﬁ]Z’, X7}, and % is the
first-order rate constant for the reaction:

{[Mn(OHZ)GB]’ X} - [Mn(OHZ)SX]*' + H,O

The rate law will be the same regardless of whether the transformation of the encounter complex into products is
dissociatively or associatively activated. However, you can distinguish 4 from « by varying the nature of X, If &
varies as X~ varies, then the reaction is a. If & is relatively constant as X~ varies, then the reaction is 4. Note that &
cannot be measured directly. [t can be found using the expression ks = kKg and an estimate of K.

If ligand substitution takes place by a & mechanism, the strength of the metal-leaving group bond is directly related
to the substitution rate. Metal centres with high oxidation numbers will have stronger bonds to ligands than metal
centres with low oxidation numbers. Furthermore, period 5 and 6 d-block metals have stronger metal ligand bonds
(see Section 21.1}). Therefore, for reactions that are dissociatively activated, complexes of period 5 and 6 metals
are less labile than complexes of period 3 metals, and complexes of metals in high oxidation states are less labile
than complexes of metals in low oxidation states (all other factors remaining equal). )
The two P(Il) complexes are shown below. Both are square planar and thus the ligand substitution reactions
would follow associative mechanism. The methyl-substituted complex presents a greater degree of steric
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hindrance to an incoming CI ion nucleophile. Since the rate-determining step for associative substitution of X~ by
CI” is the formation of a Pt—Cl bond, the more hindered complex will react more slowly.

Since the rate of loss of chlorobenzene, PhCl, from the tungsten complex becomes faster as the cone angle of L
increases, this is a case of dissociative activation (i.e., steric crowding in the transition state accelerates the rate).

Since the volume of activation is positive (+11.3 cm® mol™), the activated complex takes up more volume in

solution than the reactants, as shown in the drawing below. Therefore, the mechanism of substitution must be
dissociative.

a0 070

o e O 10
O O
reactant activated complex
volume = V volume = V' >V

The fact that the five-coordinate complex [Ni{CN)s]>™ can be detected does indeed explain why substitution
reactions of the four-coordinate complex [Ni{CN),J*~ are fast. The reason is that, for a detectable amount of
[ENi(CN)s)°™ to build up in solution, the forward rate constant &; must be numerically close to or greater than the
reverse rate constant k;:

NN, P+ O =-%= [N(CN), )

If &k were much smaller than £, the equilibrium constant X = k/k would be small and the concentration of
[Ni(CN)sF~ would be too small to detect. Therefore, because X is relatively large, you can infer that rate constants
for the association of other nucleophiles are also large, with the result that substitution reactions of [Ni(CN),]” are
very fast.

The entropy of activation is positive, ruling out an associative mechanism (associative mechanisms have
uniformly negative entropies of activation). A possible mechanism is loss of one dimethyl sulfide ligand,
followed by the coordination of 1,10-phenanthreline, giving an unstable, intermediate complex that can be
either five-coordinate (both phen donor atoms coordinated) or four-coordinate (only one phen donor atom
coordinated). In the final step, the second dimethy] sulfide ligand leaves and rearranges to form a square-
planar complex.

Starting with [PtCl,]*, you need to perform two separate ligand substitution reactions. In one, NH; will replace CI-
ion. In the other, NO,™ ion will replace CI” ion. The gquestion is which substitution to perform first. According to
the trans effect sertes shown in Section 21.4, the strength of the srans effect for the three ligands in question is
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E21.12

E21.13

NHj; < CI” < NO;". This means that a Cl” ion trans to another CI” will be substituted faster than a CI” ion #rans to
NH,, while a CI” ion trans to NO,~ will be substituted faster than a C1” ion zrans to another C1” ion,

If you first add NHj to [PtCLJ*, you will produce [PtCl3(NH;)] ~. Now if you add NO,™, one of the mutually frans
CI” ligands will be substituted faster than the CI” ligand frars to NH;, and the cis isomer will be the result.

If you first add NO,™ to [PtCL]*, you will produce [PtC]3(N02)]2-. Now if you add NHj, the CI” ligand frans to
NO;™ will be substituted faster than one of the mutually frans CI™ ligands, and the #rans isomer will be the result.
These two-step syntheses are shown below:

less labile
N
C - a - a -
NH, I NO, |
Cl—"pPt —Cl Cl— Pt —C(l —  ON—Pt—Cl
l
Cl ‘\ NH, f NH,
more labile
cts isoner
more labile
AN
a - a - NH, |-
| NO, | NH |
C]—I]l' —Cl Cl— Pt —Ct Ct —Plt —Cl
|
cl \ NO, ? NO,
<
less labile
trans iSomer

(a) Changing a #rans ligand from H" to CI", Hydride ion lies higher in the #ans effect series than does chloride
ion. Thus if the ligand frans to H™ or CI is the leaving group, its rate of substitution will be decreased if H™ is
changed to CI". The change in rate can be as large as a factor of 10* (see Table 21.4).

(b} Changing the leaving group from CI” to I'. The rate at which a ligand is substituted in a square-planar
complex is related to its position in the #rans effect series. If a ligand is high in the series, it is 2 good entering
group (i.e., a good nucleophile) and a poor leaving group. Since jodide ion is higher in the frans effect series than
chloride ion, it is a poorer leaving group than chloride ion. Therefore, the jodido complex will undergo I
substitution more slowly than the chlorido complex will undergo CI” substitution.

(¢) Adding a bulky sunbstituent to a cis ligand. This change will hinder the approach of the entering group and
will slow the formation of the five-coordinate activated complex. The rate of substitution of a square-planar
complex with bulky tigands will be slower than that of a comparable complex with sterically smaller ligands.

(d) Increasing the positive charge on the complex. If all other factors are kept equal, increasing the positive
charge on a square-planar complex will increase the rate of substitution. This is because the entering ligands are
either anions or have the negative ends of their dipoles pointing at the metal ion. As explained in Section 21.3, if
the charge density of the complex decreases in the activated complex, as would happen when an anionic ligand
adds to a cationic complex, the solvent molecules will be less ordered around the complex (the opposite of the
process called electrostriction). The increased disorder of the solvent makes AS less negative (compare the values
of AS for the Pt(II) and Au(Ill) complexes in Table 21.5).

The general trend is easy to explain: the octahedral [Co(H-0)¢]>" complex undergoes dissociatively activated
ligand substitution. The rate of substitution depends on the nature of the bond between the metal and the leaving
group because this bond is partially broken in the activated complex. The rate is independent of the nature of the
bond to the entering group because this bond is formed in a step subsequent to the rate-determining step. The
anomalously high rate of substitution by OH™ signals an alternate path, that of base hydrolysis, as shown below
{(see Section 21.7): .
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OH, |3+ oH, |%
“zO\LfO"h Ho | , OH
o +OH —- ,00 + H,0
H,0 ‘]»:ouz H0 (I)H‘on
2

The deprotonated complex [Co(H,O)s(OH)*" will undergo loss of H,O faster than the starting complex
[Co(H,0)s]**, because the anionic OH™ ligand is both better & and © donor than 11,0. As a consequence the bond
trans to Co—OH bond is going to be weaker, and substitution is going to proceed faster. The implication is that a
complex without protic ligands will not undergo anomalously fast substitution reaction in the presence of OH™,

(a) [Pt(PR3)4)** + 2CI". The first CI” ion substitution wilk preduce the reaction interrnediate [Pt{PR;3):Cl]". This
will be attacked by the second equivalent of CI” ton. Since phosphines are higher in the rrans effect series than
chloride ion, a phosphine frans to another phosphine will be substituted, giving ¢is-[PtClL,(PR3)].

(b) [PtCly]* + 2PR;. The first PR; substitution will produce the reaction intermediate [PtCl;(PR;)] ™. This will be
attacked by the second equivalent of PR;. Since phosphines are higher in the #rans effect series than chloride ion,
the Cl” ion trans to PR3 will be substituted, giving trans-[PtCl,(PR3),].

(©) c:’s-[Pt(’NHs);(]:uy);]2+ + 2CI". You should assume that NH; and pyridine are about equal in the #rans effect
series. The first CI” {on substitution will produce one of two reaction intermediates, cis-[PtCI(NH:)(py).]” or cis-
[PtCI(NH;)2(py)]". Either of these will produce the same product when they are attacked by the second equivalent
of CI” ion. This is because CI™ is higher in the trans effect series than NHj or pyridine. Therefore, the ligand frans
to the first CI” ligand will be substituted faster, and the product will be zrans-[PtCLL(NH;)(py)].

The three amine complexes will undergo substitution more slowly than the two aqua complexes. This is because of
the higher overall complex charge and their low-spin d® configurations. You should refer to Table 21.8, which lists
ligand field activation energies (LFAE) for various d" configurations. While low-spin d® is not included, note the
similarity between d° (12;) and low-spin d® (tzg(’}. A low-spin octahedral d® complex has LFAE = 0.4A,,, and
consequently is inert to substitution. Of the three amine complexes listed above, the iridium complex is the most
inert, followed by the rhodium complex, which is more inert than the cobalt complex. This is because Ay
increases on descending a group in the d-block. Of the two aqua complexes, the Ni complex, with LFAE = 0.2A,,,
undergoes substitution more slowly than the Mn complex, with LFAE = (. Thus the order of increasing rate is
[IX(NHy)6]™ < [RMNH3)s]*" < [CoNH;)e]™" < [Ni(OHa)sl™" < [Mn(OH,)e]".

(a) An increase in the positive charge on the complex. Since the leaving group (X) is invariably negatively
charged or the negative end of a dipole, increasing the positive charge on the complex will retard the rate of M—X
bond cleavage. For a dissociatively activated reaction, this change will result in a decreased rate.

(b) Changing the leaving group from NGO, to CI". Change of the leaving group from nitrate ion to chloride ion
results in a decreased rate. The explanation offered in Section 21.6 is that the Co—Cl bond is stronger than the Co—
ONO;, bond. For a dissociatively activated reaction, a stronger bond to the leaving group will result in a decreased
rate,

(c) Changing the entering group from CI” to I'. This change will have little or no effect on the rate. For a
dissociatively activated reaction, the bond between the entering group and the metal is formed subsequent to the
rate-determining step.

(d) Changing the cis ligands from NH; to H,;0. These two ligands differ in their ¢ basicity. The less basic
ligand, H,0, will decrease the electron density at the metal and will destabilize the coordinatively unsaturated
activated complex. Therefore, this change from NH; to the less basic ligand H.O will result in a decreased rate
(see Section 21.6(b)).

E21.17 The inner-sphere pathway is shown below (solvent = H,O):

[Co(N3)(NH3)s]** + [V(OHo)l™ — {[CoNs)(NHs)s]™, [V(OHy)s)*'}
{{Co(N3)(NH;)s]™, [V(OH2)s)'} — {[Co(N3)(NH:)s)™", [V(OH,)s]™", H;0}
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E21.18

E21.19

E21.20

E21.21

{[Co(N;)(NH3)s]™*, [V(OH2)s]**, H,0} — [(NH;)sCo-N=N=N-V(OH,)s]"" + H,0
Co(IIN) v({D

[(NH;)sCo-N=N=N-V(OH,)s]** — [(NH;)sCo-N=N=N-V(OH_)s]*"
Co(IIN) V() Co(Il) V(ITI)

H,0 + [(NH3)sCo-N=N=N-V(OH,)s]" — [Co(NH;)s(OH2)]** + [VN;}OH,)s]**
Co(IT) V()

The pathway for outer-sphere electron transfer is shown below:
[Co(Na)Y(NH)sJ™* + [V(IOH)Gl"™ ~ {[Co(N3)}(NH;)s)™, [V(OH;)s)"'}
{[CoN3)(NH3)s]™",[VIOHa)el*'} — {[Co(N;)NHs3)s] ", [V(OH,)s]’"}
{Co(N3)(NH3)s] *[V(OH,)e]*} + Hy0 — [CoNH;)s(OH)TP + [V(OH,)el>” + Ny~

In both cases, the cobalt-containing product is the aqua complex because H,O is present in abundance, and high-
spin d’ complexes of Co(li) are substitution labile. However, something that distinguishes the two pathways is the
composition of the vanadium-containing product. If [V(N3)}(OH,)s)*" is the product, then the reaction has
proceeded via an inner-sphere pathway. If [V(OH,)s]" is the product, then the electron-transfer reaction is outer-
sphere. The complex [VIN3XOH,)s]*" is inert enough to be experimentally observed before the water molecule
displaces the azide anion to give [V(OH,)s]*".

The direct transfer of a ligand from the coordination sphere of one redox partner (in this case the ox1dlzmg agent,
[Co(NCS)(NHa)s] ) to the coordination sphere of the other (in this case the reducing agent, [Fe(OHz)s] 7) signals
an inner-sphere electron-transfer reaction. Even if the first formed product [Fe(NCS)(OH,)s]*" is short lived and
undergoes hydrolysis to [Fe(OH,)s]’", its fleeting existence demands that the electron was transferred across a Co~
(NCS)-Fe bridge.

In the case of reactions with Co(Il), the difference in the rate of reduction can be explained by different
mechanisms for the two reactions. The reduction of [CO(N}{3)5(OH)]2+ proceeds via inner-sphere mechanism:
Co(II) complexes are labile (see Fig. 21.1) whereas [Co(NH3)s(OH)J** has OH ligand that can serve as a bridging
ligand. The [Co(NH;)s(H,0)]*" has no bridging ligands and the only mechanistic pathway for the electron-transfer
1S outer sphere.

On the other hand, both reactions with [Ru(NH;3)s]*" as a reducing agent likely proceed via the same mechanism,
the outer-sphere mechanism because Ru(Il) complex, being a complex of the second row transition element with
high LFSE, is more inert than Co(II) complex.

Using the Marcus cross-relation (Equation 21.16), we can calculate the rate constants. In this equation [4); =
[k Fea Koz fi2) "2, the values of &, and &»; can be obtained from Table 21.12. We can assume f;, to be unity. The
redox potential data allows us to calculate X, because E° = [RT/vF]InK. The value of E° can be calculated by
subtracting the anodic reduction potential (the V>*/V* couple serves as the anode) from the cathodic one.

(2) [Ru(NH,)e]** k=453 x 10° dm®mol™'s™

(b) [Co(NH,)sI>* k=141 x 107 dm’mol™'s™"

Relative sizes? The reduction of the Ru complex is more thermodynamically favoured than the reaction of the Co
complex, and it is faster as evident from its larger & value.

Using the Marcus cross-relation (Equation 21.16), we can calculate the rate constants. In this equation (42 =
kv ke Klzﬂo] the values of &, and k»; can be obtained from Tabie 2i.12. We can assume f;, to be unity. The
redox potential data allows us to calculate X because E° = [RT/vF]InK. The value of E° can be calculated by
subtracting the anodic reduction potential (t.he cricr” couple serves as the anode) from the cathodlc ong.

(@) Ky (CPYCrT) =1 x 107 dm’ mol™ s™'; &z (Ru**/Ru?” for the hexamine complex) = 6.6 x 10° dm®mol™ s™; £,

=15 Kpp = e P % where £° = 0.07 V - (-0.41V) =048 V; n = |; F= 96485 C; R = 8.31 J mol'K™' and T'=298
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K. Using these values we get K; = 1.32 x 10%. Substitution of these values in the Marcus-Cross relationship gives
k12 =2.95 x 10° dm’mol's™".

(b) ky; (CPYCE) =1 x 107° dm’mol™'s™; ks (Fe**/Fe®* for the aqua complex) = 1.1 dm’mol™'s™; fi, = 1; K12 =

e W ERT] where E°=0.77 V ~(-041V)=+1.18 V; v=1; F= 96485 Cmol"'; R =8.31 Jmol 'K™' and T=298 K.
Using these values we get K1z = 9.26 x 10". Substitution of these values in the Marcus cross-relation gives k;; =
3.19 x 10" d’mol™'s™.

(©) ky (CPCPY =1 x 107 dm’mol™'s™; ks, (RU**/Ru* for the bpy complex) = 4 x 108 dm’mol™s ™ fi=1; K12 -
= e WFERT where E° = 1.26 V - (-0.41V) = 1.67 V;v=1; F=96485 C mot™'; R = 8.31 Jmol'K™" and 7'= 298
K. Using these values we get K> = 1.81 x 10%, Substitution of these values in the Marcus cross-relation gives 4z
=8.51 x 16" dm*mol™'s™.

Note: The assumption that fj; = 1 is used in all cases; however, a more precise value would be needed for cases (b)
and (c) because of higher values of the equilibrium constant.

To compare the obtained value we first note that 4y, is the same for all three reactions because the reducing agent
is the same and that we approximated £}, to be 1. Thus, the differences lie in the reduction potential differences
¢essentially K|, with all reactions being one electron processes) and &», values. Although the tron aqua complexes
have a slower self-exchange rate than Ru hexamine ones, the E..4 — E difference (and hence larger X; value) for
the reduction of [Fe(H,0)s]*" is large enough (and hence X,) to significantly influence the reaction rate with Fe
complex. In the case of Ru bpy complexes both the reduction potential difference and the self-exchange rate are
large and this reaction has the highest ;.

Since the intermediate is believed to be [W(CO)s], the properties of the entering group (triethylamine versus
triphcnylphosphine) should not affect the quantum yield of the reaction, which is a measure of the rate of
formation of [W(CO);] from the excited state of [W(CO)s(py)]. The product of the photolysis of [W(CO)s(py)] in
the presence of excess triethylamine will be [W(CO)s(NEt;)], and the quantum yield will be 0.4. This
photosubstitution is initiated from a ligand field excited state, not an MLCT excited state. A metal-ligand charge
transfer increases the oxidation state of the metal, which would strengthen, not weaken, the bond between the

metal and a o-base-like pyridine.

The intense band at ~250 nm is an LMCT transition (specifically a CI™-to-Cr’* charge transfer). Irradiation at this
wavelength should produce a population of [CrCI(NH3)s]?" ions that contain Cr** ions and Cl atoms instead of Cr**
ions and CI” ions. Irradiation of the complex at wavelengths between 350 and 600 nm will not lead to
photoreduction. The bands that are observed between these two wavelengths are ligand field transitions: the
electrons on the metal are rearranged, and the electrons on the Cl™ ion are not involved.

Guidelines for Selected Tutorial Problems

T21.2

T21.8

As PEt; is added, an exchange between coordinated and free PEt,; would affect the shape of the hydride signal.
Once a large excess of PEt; is added it is likely that a pentacoordinate complex [Pt(H)(PEt;)s]" is formed. If this
complex is fluxtional, then rapid Berry pseoudorotation can make any coupling between hydride and phosphorus
atom unobservable.

See Exercises 21.20 and 21.21 for instructions.
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A Mo atom (group 6) has six valence electrons, and each CO ligand is a two-electron donor. Therefore, the total
number of valence electrons on the Mo atom in this compound would be 6 + 7(2) = 20. Since organometallic
compounds with more than 18 valence electrons on the central metal are unstable, [Mo{CO),] is not likely to exist.
On the other hand, the compound [Mo(CO)g), with exactly 18 valence electrons, is very stable.

For the donor-pair method, treat Cl as a chloride anion, CI, and CH,=CH, as a neutral, two-electron donor as
stated in the exercise (and Table 22.2). Considering that the anion of Zeise’s salt has —1overall charge, the charge
on Pt centre must be +2. Since Pt has 10 valence electrons, Pt(I) must have eight and electronic configuration d®.
Then. the electron count is 8 (from Pt(I)) + 3x2e (from 3 CI") + 1x2e {from CH,=CH,)} = 16 electrons. This is a
common electron count for d® square planar complexes like this one.

The formal name of [Ir{Br)(CH;CO)(PPhs),] is dibromidocarbonylmethylbis(triphenylphosphine)iridium(Iil).

Fe(CO)s will have the higher CO stretching frequency and the longer bond. As noted in Example 22.4, PEt, is a
good ¢ donor and causes increased M — CO backbonding, a lower CO stretching frequency, and a shorter Fe-C
bond.

(a) [(n°-C;Hg)Mo(CO)s] (54). The n-C;H; provides six electrons, as does a formally neutral Mo atom. Each
carbonyl provides another two electrons, giving a total of 8.

(b) 1(m’-C7H)Mo(CO)3]*(56)? The r|7-C;H7+ group provides six electrons, leaving a formally neutral Mo atom
and the three carbonyl groups each providing a further six, giving a total of 18.

Consider the reactions of carbonyl complexes discussed in Section 22.18. The Mn-Mn bond in the starting
material, [Mna(CO),p), can be reductively cleaved with sodium, forming Na[Mn(CO)s]:

Mny(CO)¢ + 2Na — 2Na[Mn(CO);)

The anionic carbonyl complex, [Mn(CO)s]", is a relatively good nucleophile. When treated with CH;l, it displaces
I" to form [Mn(CH;}(CO)s):

Na[Mn(CO)s] + CH;l — [Mn{CH3;}{CO)s] + Nal

Many alkyl-substituted metal carbonyls undergo a migratory insertion reaction when treated with basic ligands.
The alkyl group (methyl in this case) migrates from the Mn atom to an adjacent C atom of a CO ligand, leaving an
open coordination site for the entering group (PPh; in this case) to attack:

[Mn(CH;3)(CQ)s) + PPhy — [Mn(COCH;) (CO)y(PPh;)]

The CO stretching bands at 1857 cm™ and 1897 cmi™ are both lower in frequency than typical terminal CO ligands
(recall that for terminal CO ligands, v(CO) > 1900 ¢m™). Therefore, it seems likely that [Niy(n*~Cp)(CO),] only
contains bridging CO ligands. The presence of two bands suggests that the bridging CO ligands are probably zot
colinear because only one band would be observed if they were.

The neutral ferrocene contains 18 valence electrons (six from Fe?* and 12 from the two Cp~ ligands). The MO
diagram for ferrocene is shown in Figure 22.13. The 18 electrons will filt the available molecular orbitals up to the
second ;" orbital. Since this orbital is the highest occupied molecutar orbital (HOMO), oxidation of ferrocene will
result in removal of an electron from it, leaving the 17-electron ferricinium cation, [Fe(qs—Cp);]*. If this orbital
were strongly bonding, removal of an electron would result in weaker Fe—C bonds. If this orbital were strongly
antibonding, removal of an electron would result in stronger Fe-C bonds. However, this orbital is essentially
nonbonding (see Figure 22.13). Therefore, oxidation of [Fe(n*—Cp):] to [Fe(n’-Cp).]” will not produce a
substantial change in the Fe~C bond order or the Fe-C bond length.

201
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$22.11
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End-of-Chapter Exercises

E22.1

There are four relevant pieces of information provided. First of all, the fact that [Fei(Cp)s(CO)4] is a highly
coloured compound suggests that it contains metal-metal bonds. Second, the composition can be used to
determine the cluster valence electron count, which can be used to predict which polyhedral structure is the likely
one:

(Fe), 4(7¢’} =28valencee”

(Cp)s 4(6e7) =24 valencee

(CO), 4(2¢7) =B8wvalencee

Total = 60 valence ¢ (a tetrahedral cluster)

Third, the presence of only one line in the 'H NMR spectrum suggests that the Cp ligands are all equivalent and
are 1)°. Finally, the single CO stretch at 1640 cm™ suggests that the CO ligands are triply bridging. Also, the facts
that there is only one line in '"H-NMR and only one CO stretch suggest a structure of high symmetry (otherwise
both NMR and IR spectra would show more lines). A likely structure for [Fe,Cpy(CO)4] is shown below.

The tetrahedral Fe, core of this cluster exhibits six equivalent Fe-Fe bond distances and corresponds to the CVE
count from above. Each Fe atom has a Cp ligand with 1° bonding mode, each able to freely rotate around Fe-Cp
bond even at low temperatures (hence one line in 'H NMR), and each of the four triangular faces of the Fe,
tetrahedron are capped by a triply bridging CO ligand—the CO ligands are all symmetrical and give one IR
stretch.

Since [Mo{CO);L;] is a highly substituted complex, the effects of steric crowding must be considered. The stetic
crowding is particularly important in this case because six-coordinate tricarbonyl complexes adopt a fac geometry
—all three L ligands would be “squeezed” forrning one side of the coordination octahedron. In this case, the two
ligands should be very similar electronically but very different stericaily. The cone angle for P(CHjs),, given in
Table 22.11, is 118°. The cone angle for P(¢-Bu)s, also given in the table, is 182°, Therefore, because of its smaller
size, PMe; would be preferred.

Fluorenyl compounds are more reactive than indenyl because fluorenyl compounds have two aromatic resonance
forms when they bond in the n° mode.

The starting, six-coordinate palladium compound is an 18-electron Pd(IV) species. The four-coordinate product is
a 16-electron Pd(II) species. The decrease in both coordination number and oxidation number by 2 identifies the

reaction as a reductive elimination.

The ethyl group in [Pt(PEt;),(Et)}Cl)] is prone to B-hydride elimination giving a hydride complex with the loss of
ethene, whereas the methyl group in [Pt{PEt;};(Me){(Cl)] is not.

(a) [Fe(CO)s]. Pentacarbonyliron(0), 18¢”
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{b) [Mn;(CO),¢]- Decacarbonyldimanganese(0), 18¢™

() [V(CO)g). Hexcarbonylvanadium(0), 17¢7; can be easily reduced to [V(COg)]

(d) [Fe(CO),}*". Tetracarbonylferrate(Il), 18~

(e) [La(m>-Cp*)s]. Tris(pentamethylcyclopentadienyl)lanthanum(I1l), 18¢”

(f) [Fe(n*-allyl)(CO);Cl]. n’-allyltricarbonylchloridoiron(Il), 18e”

(g) [Fe(CO)(PEY;)]. Tetracarbonyltriethylphosphineiron(0) 18e”

(h) [Rh(CO);(Me)(PPh;)]. Dicarbonylmethyltriphenylphosphinerhodium(I),16e™; a square planar complex,
undergoes oxidative addition easily

(i) [Pd(CI)(Me)(PPh;):]. Chloridomethylbis(triphenylphosphine)palladium(Il), 16¢7; a square planar complex,
undergoes oxidative addition easily

(i) [Co(n*-CsHs)(1*-C4Phy)} n’-cyclopentadienyl-n‘-tetraphenylcyclobutadienecobalt(l), 18¢”

(k) [Fe*~CsHs)(CO,)]". n’-cyclopentadienyldicarbonylferrate(0), 18¢

(@) [Cr(n*-CsH )M’ -C,Hy)). n’-benzene-n’~cycloheptatrienechromium(0), 18¢

(m) {Ta(n*-CsHs);CL)]. Trichloridobis(n’-cyclopentadineyl)tanatalum(V), 18¢"

(n) [Ni(’l’]s-C5H5)NOI. n°-cyclopentadineylnitrosylnickel(II),16¢™; a rather reactive complex

/CHn /Cﬂz
7 Lo

M
1,3-butadiene ¥ — 1,3-butediens 0 - 1,3-butadiene

(a) C;H,? Ethylene coordinates to d-block metals in only one way, using its n-electrons to form a metal-
ethylene ¢-bond (there may also be a significant amount of back donation if ethylene is substituted with electron-
withdrawing groups; see Section 22,9). Therefore, C;H, is always 'qz, as shown below.

\C/ —
wel D LK

CH, complex n°-Cp complex 1’-Cpcomplex  m'-Cp complex

(b) Cyclopentadienyl? This is a very versatile ligand that can be n’® (a six-electron donor in the donor-pair
method for electron counting), n* (a four-electron donor similar to simple allyl ligands), or 1’ (a two-electron
donor similar to simple alkyl and aryl ligands). These three bonding modes are shown above.

(¢) C¢Hs? This is also a versatile ligand, which can form 'r|6, n*, and n? complexes. In such complexes, the
ligands are, respectively, six~, four-, and two-electron donors. These three bonding modes are shown below.

Q) @ Li—1)

n%-CH¢ complex n*-CH, complex n%CH, complex

(d) Cyclooctadiene? This ligand can form nz (two-electron donor) and n* (four-electron donor) complexes.
(e) Cyclooctatetraene? This ligand contains four C=C double bonds, any combination of which can coordinate
1o a d-block (or f-block) metal. Thus cyclo-CgHg can be 118 (an eight-electron donor), r|6 (a six-electron donor), n*
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(a four-electron donor), and n? (a two-electron domor, in which it would resembie an n>-ethylene complex, except
that three of the four C=C double bonds would remain uncoordinated).

(a) [N i(q3-C3H5)2|. Bis(allyl)nickel{(}} has the structure shown below. Each allyl ligand, which is planar, is a four-
electron donor in donor-pair method, so the number of valance electrons around the Ni** cation (Group 10) is 8 +
2x(4) = 16. Sixteen-electron complexes are very common for Group 9 and Group 10 elements, especiaily for Rh”,
Ir", Ni%*, Pd®*, and P~ (all of which are d®).

(b) ICo(n -C4H4)('q5-C~H5)l This complex has the structure shown below. Since the n*C,H, ligand is a four-
electron donor and the ns—CsHs‘ ligand is a six-electron donor, the number of valence electrons around the Co*
cation (Group 9)is 8 + 4+ 6= 18.

(c) [Co(n’-CsHs)YCO);]. This complex has the structure shown below. The electron count for the Co™ cation is
eight, giving a total of 8+4 + 3x2 = 18 electrons.

H
H ™
N A
H-—7") \\ O /F{ H
H H H Ni'H H H Co \Co H
A
G ©

s bis{allylnickel(0) {cyclobutadiene)CpCo (allyl)tricarbonylcobalk{(

As discussed in Section 22.18, the two principal methods for the preparation of simple metal carbonyls are (1)
direct combination of CO with a finely divided metal and (2) reduction of a metal salt ynder CO pressure with a
presence of a reducing agent. T'wo examples are shown below, the preparation of hexacarbonylmolybdenum(0)
and octacarbonyldicobalt(0). Other examples are given in the text.

(1) Mo(s) + 6 CO(g) — [Mo(CO)J(s) (high temperature and pressure required; the product sublimes easily)
{2) 2 CoCO5(s) + 2 Hy(g) + 8 CO(g) — [Cox(CO)](s} + 2C0O; + 2H,0

The reason that the second method is preferred is kinetic, not thermodynamic. The atomization energy (i.e.,
sublimation energy) of most metals is simply too high for the first method to proceed at a practical rate.

In general, the lower the symmetry of an [M(CO),] fragment, the greater the number of CO stretching bands in the
IR spectrum. Therefore, given complexes with [M(CO);] fragments that have Ci,, Dy, or C, symmetry, the
complex that has C; symmetry will have the greatest number of bands. When you consult Table 22.7, you will see
that an [M(CO);] fragment with Dy, symmetry will give rise to one band, a fragment with Cj, symmetry will give
rise to two bands, and finally a fragment with C; symmetry will give rise to three bands.

(2) [Mo(PF5)5(CO);] 2046, 1991 cm” verSus [Mo(PMe;)3(CO);] 1945, 1851 cm™, The two CO bands of the
trimethylphosphine complex are 100 cm™ or more lower in frequency than the corresponding bands of the
trifluorophosphine complex because PMe; is a o-donor ligand, whereas PF; is a strong n-acid ligand (PF; is the
ligand that most resembles CO in m acidity). The CO ligands in [Mo(PF3);(CO);] have to compete with the PF;
ligands for electron density from the Mo atom for back donation. Therefore, less electron density is transferred
from the Mo atom to the CO ligands in [Mo{PF3):(CO);] than in [Mo(PMe;);(C0O);]. This makes the Mo—~C bonds
in [Mo(PF;);(CO);] weaker than those in [Mo(PMe;)5(CO)s), but it also makes the C~O bonds in [Mo(PF;);(CO)s]
stronger than those in [Mo(PMe;3);(CO);], and stronger C-O bonds will have higher CO stretching frequencies.

(b) [MnCp(CO);] 2023, 1939 cem™ vs. [MnCp*(CO);) 2017, 1928 em™? The two CO bands of the Cp*
complex are slightly lower in frequency than the comresponding bands of the Cp complex. Recall that the Cp*
ligand is n*-C;sMes (pentamethylcyclopentadienyl). Due to the presence of five electron donating CH; groups, this
ligand is a stronger electron donor than unsubstituted Cp (the inductive effect of the five methyl groups).
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Therefore, the Mn atom in the Cp* complex has a greater electron density than in the Cp complex, and hence there
i§ a greater degree of back-donation to the CO ligands in the Cp* complex than in the Cp complex. As explained
in part (a) above, more back-donation leads to lower stretching frequencies.

(a) The structure below is consistent with the IR spectroscopic data. This Dy, complex has all three n’°-CsHs
ligands in identical environments. Furthermore, it has two CO ligands bridging three Ni centres, which agrees with
the observed single CO stretching band at a relatively low CO stretching frequency.

(b) The three Ni atoms are in identical environments, so you only have to determine the number of valence
clectrons for one of them:

Ni~ 9 valence e~
Tls - C5H5~ 6
2Ni-Ni 2

13 (2 CO) 413

Total 18173

Therefore, the Ni atoms in this trinuclear complex do not obey the 18-electron rule. Deviations from the rule are
common for ¢cyclopentadienyl complexes to the right of the d-block.

The 18-electron [W{CQ)s] complex undergoes ligand substitution by a dissociative mechanism. The rate-
determining step involves cleavage of a relatively strong W-CO bond. In contrast, the 16-electron
[Ir(CO)CI(PPh;),] complex undergoes ligand substitution by an associative mechanism, which does not involve
Ir-CO bond cleavage in the activated complex. Accordingly, [rCI{CO)PPh,);] undergoes faster exchange with
BCO than does [W(CO)).

(a) The dianionic complex [Fe(CO),;]*" should be the more basic. The trend involved is the greater affinity for a
cation toward a species with a higher negative charge, all other factors being equal. In this case the “other factors”
are (1) same set of ligands, (2) same structure (tetrahedral), and (3) same electron configuration (d'%) at the metal.
(b) The chenium complex is the more basic. The trend involved is the greater M—H bond enthalpy for a period 6
metal ion relative to a period 4 metal ion in the same group, all other factors being equal. In this case the “other
factors™ are (1) same set of ligands, (2) same structure (trigonal bipyramidal), and (3) same metal oxidation
number (-1). Remember that in the d-block, bond enthalpies such as M—M, M-H, and M-R increase down a
group. This behaviour is opposite to that exhibited by the p-block elements.

(@) In [W(n°~CsHe)(CO),] 7 = 3 (W contributes six electrons and the benzene ring gives six electrons; three
carbonyls at two electrons each gives us 18 electrons for the complex);

(b) In [Rh(n*~CsHs)}(CO),] #» = 2 (Rh* contributes eight electrons and the Cp™ ring gives six electrons; two COs at
two electrons each yield an 18-electron complex;

(¢) In [Ruy(C0O),]) » = 12 (This is a cluster compound with three Ru atoms in the centre. Table 22.9 predicts a CVE
count of 48 electrons. Each Ru contributes eight electrons, giving 24 electrons; to reach 48 we need 12 COs that
each contribute two electrons.)

(i) Reduce [Mny(CO);,] with Na to give [Mn{CO)s]™; react this anion with Mel to give [MnMe(CO)s]:
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[Mna(CO),0] + 2Na — 2Na[Mn(CO)s]
Na[Mn(CO):] + Mel — [MaMe(CO)s] *+ Nal
(if) Oxidize [Mns(CO)1o] with Bt to give [MnBr(CO)s]; displace the bromide with MeLi to give [MnMe(CO)s}:
[Mny(CO),q] + Bry — [MnBr(CO)s]
[MnBr{CO);] + MeLi — [MnMe(CO)s] + LiBr

E22.13 The product of the first reaction contains a —C(=0)Ph ligand formed by the nucleophilic attack of Ph™ on one of
the carbonyl C atoms:

[Mo(CO)s] + PhLi — Li[Mo{CO)s(C(O)Ph}]

o ph I MeO Ph
N\ / N/
C ﬁ o
Oc O O C
NP C; MoZ{
PR
C C ¢ | ¢
e} (|: 0 9] ¢ O
o o
[Mo(COMCCPh)]- Mo(CO){C(OMe)Ph)

The most basic site on this anion is the acyl oxygen atom, and it is the site of attack by the methylating agent
CH;0S80-CFs:

Li[Mo(CO){{COPh)] + CH;080:.CF; — [Mo(CO)s(C(OCH;)Ph)] + LiSO;CF;

The final product is a carbene (alkylidene) complex. Since the carbene C atom has an oxygen-containing
substituent, it is an example of a Fischer carbene (see Section 22.19). The structures of two reaction products are
shown above.

E22.14 The compound A is prepared from the starting Na[W(ns-CgHs)(CO)ﬂ complex and 3-chloroprop-1-ene and has
the molecular formula [W(C:H;)(CsHs)CO)s). We can write the following chemical equatton for this reaction:

Na[W(1*~CsHs)(CO)s] + CHCH,-CH=CH, — [W(C;Hs)(CsHs)(CO);] + NaCl

Thus, from the reaction it is clear that C3H; is an anionic ligand. Recall that both anionic ligands in this complex,
C;Hs (allyl) and CsHs (cyclopentadienyl), can have multiple hapticities. To decide on the most likely structure of
the complex A and hence hapticities of the ligands, we should look at the electron count for several possible
hapticities. At maximum hapticity (i.e., 1°) C;Hs™ contributes four electrons, at maximum hapticity (n*) CsH;™
contributes six electrons, three CO ligands contribute six electrons, and W(II} provides four electrons. This would
give a total of 20 electrons, that is, an unstable species. This means that either C;Hs or C<Hs have lower hapticity
than originally assumed. Considering that we are just adding a ligand to the complex that already contains 1°—
CsHs it is reasonable to expect that in A C;H;™ is going to remain 1’ but that C;Hs™ is going to be m' not 1.
Lowering the hapticity would lower the overall electron count from 20 to 18 resulting in a stable species. Thus
compound A is likely to be [W(n'-C3He) n°-CsHe)(CO);) with the structure shown below:
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| @

mmt--'

* - Compound A:
\'°° [Wen'-CHXr-CHXC0),]
Cco

CH,

Going from compound A 1o compound B involves the loss of one CO ligand. If we were to just remove one CO
from the structure of A, without changing the hapticities of either C;Hs™ or CsHs™ ligands, the electron count for
the compound B would be 16-—an unstable compound. Thus, it is very likely that in B, the hapticity of C;Hs
Increases from n' ton’ and thus compensates for the two electrons lost with CO dissociation. Compound B is
therefore [W(n’-C;Hs)( °-CsHsH(CO),] with the likely structure shown below.

Q‘r e [th’«c,ﬂsl;(:n’csn,xoom

co
Compound C, with the molecular formula [W(CsHe)(CsHs)(CO)][PF], is formed when A is treated with HCI

followed by the addition of KPFs. Note that in C C;Hs™ ligand has been protonated to give neutral, two electron
donor H;C-CH=CH, ligand. The only simple possibility in this case is 7> bonding mode. The likely structure of

compound C is shown below.
-+

v Compoung C:
QCuw ey co P
e s Noo  HLC-CRCEXTCHXCO)

\CO

Hj

Suggest syntheses of (a) and (b)?

(2) {Mo(n"-C;H;)(CO)|BF, from [Mo(CO)s. Reflux [Mo(CO)s] with cycloheptatriene to give [Mo(n®-
C;Hg(CO)s]; treat this product with the trityl tetrafluoroborate to abstract a hydride from coordinated
cycloheptatriene and give the final [Mo(n7-C7H7)(CO)3]BF4.

[Mo(CO)s}+ C7Hs — [Mo(n®-C;HsXCO); )+ 3CO
[Mo(n®-C;H;)(CO)s) + [CPhy)[BF,] — [Mo(n’-C;H,XCO);]{BF4] + HCPh;

{b) [IxCL(COMe)(COXPPh;);] from [IrCI(CO)PPhi);]. React [IrCI{CO)(PPh;);] with MeCl to give
{IrMeCl(CO)(PPhs),] (oxidative addition) and then expose to CO atmosphere to induce the —-CH, group migration
and produce [IrCl(COMe)(CO)(PPhs),]:

[LrCI(CO)(PPh;);] + MeCl — [IrMeCl,(CO)PPh;).]
[ItMeClL(CO)(PPh;);] + CO — [IrCly(COMe)(CO)(PPh;),]
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E22.16 The reaction between [Fe(CO)s] and cyclopentadiene (CsHg) gives compound A about which we know the
following: it has cmpirical formula CgHgO4Fe, is an 18-electron species, and has a complicated "H-NMR spectrum.
From the empirical formuia we can see that A must still have three CO ligands—the only way we can explain
three O atoms in the empirical formula because cyclopentadiene does not contain oxygen. Also, the only source of
hydrogen can be cyclopentadiene, CsHy. Both of these facts tell us that cyclopentadiene is not deprotonated during
the reaction, rather it coordinates through either one or both localized C=C bonds in its structure; that is, it can be
either n? or n*. Of these, hapticity four gives an 18-electron species: Fe provides eight electrons, three CO ligands
six electrons, and 1° CsH, provides four electrons. Thus, the most likely structure for compound A is shown

below:
H
; H
i Coanpound A:
oc e [Fen*-CHHCOML]

7

A complicated "H-NMR spectrum arises because there are four different hydrogen environments in the structure of
A—note that the two hydrogens of CH, group are not equivalent. This results in four chemical shifts that are not
so different in ppm values but have extensive couplings. In the case of A, the empirical formula matches the
molecuiar formula.

About compound B we know the following: it is formed from A and no other reagents/reactants, it has one CO
ligand less than A, it is an 18-electron species and has two different proton environments—the less shielded one
contains five more protons than the shielded one. Simple removal of CO from A results in a 16-electron species,
thus it does not produce B. However, the CO loss could be followed by a proton migration from CH; group on the
coordinated CsHg to the Fe centre. This pathway produces cyclopentadienyl and hydride ligands. The
cyclopentadienyl must be m’: six electrons from n’-CsHs~, two elections from H-, four electrons from the
remaining two CO ligands, and six electrons from the Fe** centre give a total of 18 electrons. The most likely
structure is shown below:

J. Compound B:
Ry AN FFe(n*-CHXCO),()
H

The above structure also explains the observed 'H NMR. The protons of Cp™ ring will appear as a singlet at 5 ppm
due to the rapid rotation of the ring; the deshielded resonance corresponds to the hydride ligand.

Compound C, with empirical formula C;H;O,Fe, is also an 18-electron species but has only one singlet in 'H
NMR and is formed when compound B loses H,. In this case, a simple removal of the coordinated H™ from B
would resuit in a l6-electron species. Another possibility is to combine two 17-electron [Fe(m*-CsHs)(CO),]
fragments, obtained after removal of H' radical (two of which produce H,), and obtain a dimer
[Fe(n’-CsHs)(CO);1: that has Fe~Fe bond and an 18-electron count:
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& oo
Compound C:

cO
OC ~=Fe-—Fa™ [qus.c HXCO)L,

Note that the above structure of compound C is a very fluxional one—not only can the Cp rings freely rotate, but
the dimer can rotate around Fe—Fe bond, and the CO ligands can change from terminal to bridging mode, resulting
only in one signal in the "H-NMR spectrum. Actually, compound C probably contains two bridging CO and two
terminal CO ligands. However, to really support this bridging structure we would need additional IR data (see
Figure 22.12 in your textbook). While compound A had molecular and empirical formulas the same, the molecular
formula of compeund C is twice its empirical forrula.

In either case compounds formed are tetraalkyl titanium(IV) complexes, TiR,. Notice that neither the methyl or
trimethylsilyl groups have B hydrogens. Thus, unlike [TiEt,], [TiMe,] and [Ti(CH,SiMe;),) cannot undergo a low
energy B-hydride elimination decomposition reaction.

Recall that n-bound aromatic cyclic ligands (such as Cp~ and C¢Hg) are not only free to rotate around ring-metal
axis, but can also “slip” from higher to lower hapticity modes. It is reasonable to expect tetracyclopentadyenil-
titanium(1V) to be the product in the reaction between TiCl, and NaCp. However, due to small radius of Ti*', it is
very unlikely that all four Cp™ rings are 1)’; this coordination mode for all four would place 20 CH groups around
small Ti* and result in significant steric crowding. Thus it is more likely that some Cp™ rings have lower hapticites
(i.e., 3 or 1). Considering that Cp~ can both “slip” and rotate, at room temperature we see only one resonance as an
effect of averaging the proton environments. At —40°C we observe two different signals of equal intensity. This
tells us that there are two different environments, both of which contain two Cp~ rings. 1f we continue cooling, one
of these signals is split into three signals of intensity ! : 2 : 2. The ratio corresponds to the 1'-Cp coordination
mode that has three distinct proton environments, Based on the above analysis, the actual product is most likely
{Ti(n'-CsHs)x(1*-CsHs),] with the low-temperature structure shown below:

Give the equation for a workable reaction for the conversion of

(a) [Fe(m’-CsHs)] to [Fe(n’-CsHs)(n*-CsHCOCH;)|. The Cp rings in cyclopentadienyl complexes behave like
simple aromatic compounds such as benzene, and so are subject to typical reactions of aromatic compounds such
as Freidel-Crafts alkylation and acylation. If you treat ferrocene with acetyl chloride and some aluminum(III)
chloride as a catalyst, you will obtain the desired compound:

[Fe(n’-CsHs)s) + CH;COCI —255 [Fe(n’-CsHs)(y™-CsHyCOCH;)] + HCI

(b) [Fe(n®-CsHs)y to [Fe(n*-CsHs)(n*-CsH,CO,H)]. The following sequence of reaction is the best route:
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@ o e, O

é*‘BuLi——-ﬁ-6+OCO——-é UOH @

E22.20 The symmetry-adapted orbitals of the two eclipsed CsHjs rings in a metallocene are shown in Resource Section 5.
On the metal the d,, and s orbitals have an @;’ symmetry and thus have correct symmetry to form the MOs with the
a;" symmetry-adapted orbital on Cp rings. Other atomic orbitals on the metal do not have the correct symmetry.
Therefore, three a," MOs will be formed. Figure 22.13 shows the energies of the three a;” MOs: one is the most
stable orbital of a metallocene involving metal-ligand bonding, one is relatively nonbonding (it is the HOMO in
[FeCp.]), and one is a relatively high-lying antibonding orbital.

E22.21 Protonation of [FeCp,} at iron does not change its number of valence electrons: both [FeCp,] and (FeCp,H]" are
[ 8-electron species:

[FeCp,| [FeCp,H]"
Fe™* 6 electrons | Fe™ 5 electrons
2 Cp™ (6 electrons each) | 12 electrons | 2 Cp™ (6 electrons each) | 12 electrons
H- 2 electrons
Positive charge —1 electron
Total | 18 electrons | Total _ 18 electrons

Since [NiCp;] is a 20-electron complex, the hypothetical metal-protonated species {NiCp,H]" would also be a 20-
electron complex. On the other hand, protonation of [NiCp,} at a Cp carbon atom produces the 18-electron
complex [NiCp(n*-CsHe)]". Therefore, the reason that the Ni complex is protonated at a carbon atom is that a more

stable (i.e., 18-electron) product is formed.

E22.22 (a) [Mn(CO)s(CFy)|" + H;O — [Mn(CO)s}" + 2HF. The =CF, carbene ligand is similar electronically to a
Fischer carbene (see Section 22.19). The electronegative F atoms render the C atom subject to nucleophilic attack,
in this case by a water molecule. The initially formed [{CO)sMn{CF2(OH,))]" complex (as a result of nuclephilic
attack of H,O) can then eliminate two equivalents of HF, as shown in the mechanism below:

CF H
| (F -HF
(COMR=CF}* + HO — 1(cown£|—olr —HE,

F H

[(COMnC=0F —HE. [COMn-C=OI" = Mn(CO)J
cld
F H

(b) Rh(C;Hs) (CO) (PR;3); - RHH(CO}(PR;); + C,H,. This is an example of a B-hydrogen elimination reaction,

discussed at the beginning of Section 22.8. This reaction is believed to proceed through a cyclic intermediate
involving a (3¢,2e) M-H-C interaction, as shown in the mechanism below:
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H
£l H
H—C~
(PRJ,(CO)Rh-C,H; —= [ —e
(PR,),(CO)Rh-C
N
HH
H
| cH,
(PRs)z(CO)Rh—ﬂH —  RhH(PRp,CO) + CH,
2

E22.23 One of the possible routes involves initial slip of Cp™ ring from n® to n® bonding mode creating a 16-electron
complex that can coordinatc a phosphine ligand producing new 18-electron [Mo(n’-CsHs)(CO);Me(PR;)]
complex. This complex loses one CO ligand giving a new 16-electron intermediate [Mo(rﬁ-CsHs)(CO)zMe(PR3)]
that converts to the stable 18-electron complex [Mo(n>-CsHs)(CO);Me(PR;)]. The steps of this route are shown

below:
OCuw-Mo = -— m"" ""m === m"l&n. GO - mllu-

AR I\ S YA

HyC co HyC co
The second route starts with CO insertion (or methyl group migration) to produce a 16-electron acyl complex. This

complex can coordinate one PR; ligand to give an 18-electron species, which if heated can lose one CO ligand and
undergo reverse alkyl group migration. The steps for this route are outlined below:

) @ . @ (o)

I I e w) A '
O wer Mo oo > OC W m\."co ? OoC un;‘MO “eo e HaCmu..Mo\"'m
+CO
HyC co =0 PR3 =0 PR co
HyC HyC

E22.24 (a) CVE count characteristic of octahedral and trigonal prismatic complexes. According to Table 22.9, an
octahedral M, will have 86 cluster valence electrons and a trigonal prismatic Mg cluster will have 90.
(b) Can these CVE values be derived from the 18-electron rule? In the case of the trigonal prismatic
arrangement, the CVE value can be derived from the 18-electron rule: (6 M centres x 18 electrons at each) — (9
M-M bonds in the ciuster x 2 electrons in each M—-M bond) = 90 electrons. However, for the octahedral
arrangement, the CVE value cannot be derived from the 18-electron rule.
(c) Determine the probable geometry of [Fe(C)(CO)s)° and [Cos(CHCO);s)*. The iron complex has 86
CVEs, whereas the cobalt complex has 90 (see the calculations below). Therefore, the iron complex probably
contains an octahedral Fe; array, whereas the cobalt complex probably contains a trigonal-prismatic Cog array.



212 Part 2: The Elements and Their Compounds

E22.25

E22.26

[Fe(C)XCO)y]” [Co(CHCO)s|”
6 Fe (8 electrons each) | 48 electrons 6 Co (9 electrons each) | 54 electrons
. C (4 electrons) | 4 electrons C (4 electrons) | 4 electrons
16 CO (2 electrons each) | 32 electrons | 15 CO (2 electrons each) | 30 electrons
2— charge | 2 electrons 2— charge | 2 electrons
Total | 86 electrons Total | 90 electrons

(a) [Cos(CO)CH]— OCH;, N(CH,);, or SiCH;. Isolobal groups have the same number and shape of valence
orbitals and the same number of electrons in those orbitals. The CH group has three sp’ hybrid orbitals that contain
a single electron each. The SiCH; group has three similar orbitals, similarly occupied, so it is isolobal with CH and
would probably replace CH in {Co3(CO)CH] to form [Cos;{(CO)SiCH;]. In contrast, the OCH; and N(CHs),
groups are not isolobal with CH. Instead, they have, respectively, three sp3 orbitals that contain a pair of electrons
each and two sp’ orbitals that contain a pair of electrons each.

(b) (OC)sMnMn(CO)sj — I, CH,, or CCH;? The Mn(CO); group has a single o-type orbital that contains a
single electron. An iodine atom is isolobal with it because I atom also has a singly occupied s orbital. Therefore,
you can expect the compound [Mn(CO)sl] to be reasonably stable. In contrast, the CH; and CCH; are not isolobal
with Mn{CO)s. The CH, group has either a doubly occupied o orbital and an empty p orbital or a singly occupied
¢ orbita] and a singly occupied p orbital. The CCH; group has three singly occupied ¢ orbitals (note that it is
isolobal with SiCHj3).

If the rate-determining step in the substitution is cleavage of one of the metal-metal bonds in the cluster, the cobalt
complex will exhibit faster exchange. This is because metal-metal bond strengths increase down a group in the d-
block. Therefore, Co-Co bonds are weaker than Ir-Ir bonds if all other factors (such as geometry and ligand types)
are kept the same.
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Self-Test Exercises

S23.1

S$23.2

§23.3

$§234

Tm®* is a 4f'? system. Therefore, the maximum value of M, is +5 and L = 5. There are two unpaired electrons

giving § = 1, a triplet state. Thus, the term will be *H. According to the Clebsch-Gordan series, the total angular

momentum of a term with L =5 and $ = 1 will be /=6, 3, 4. According to Hund’s rules for a more than half-full

s;hell, the level with the highest value of J lies lowest (in this case J = 6), s0 we can expect its term symbol to be
H;.

The lack of steric hindrance in the [(Cp);LnBu] complex is likely to result in a product containing two (Cp)Ln
units bridged by a ligand system. In fact the product consists of two (Cp).Ln units bridged by a hydrido ligand.

From the Frost diagram in Figure 23.15, it can be seen that the most stable oxidation state of uranium in aqueous
acid is U* (i.e., it has the most negative free energy of formation, the quantity plotted on the v axis). However, the
reduction potentials for the UQ,”"/UQ, " and UO,'/U* couples are quite small, +0.170 and +0.38 V, respectively
(hence, the UO,"/U* potential is +0.275 V). Therefore, because the O,/H,0 reduction potential is 1.229 V, the
most stable uranium ion is UQ,”" if sufficient oxygen is present:

2U% + 0, + 2H,0 — 2UO% + 4H" E° = 41229V~ (#0275 V) =+0.0954 V

The e, interactions are sketched below. Note that this overlap involves a 6d atomic orbital on the actionoid atom
and that the overlap is 8 type.

End-of-Chapter Exercises

E23.1

(a) Balanced equation, All lanthanoids are very electropositive and reduce water (or protons) to H, while being
oxidized to the trivalent state. If Ln is used as the symbol for a generic lanthanoid element, the balanced equation
is:

2Ln(s) + 6 Hy0'(aq) — 2 Ln’"(aq) + 3 Hy(g) + 6 H,O(l)

(b) Reduction potentials. The reduction potentials for the Ln**/Ln° couples in acid solution range from —1.99 V
for europium to —2.38 V for lanthanum, a remarkably self-consistent set of values spanning 15 elements, Since the
potential for the H;O"/H; reduction is 0 V, the £° values for the equation shown in part (a) for all lanthanides
range from 1.99 to 2.38 V, a very large driving force.

(c) Two unusual lanthanides. The usual oxidation state for the lanthanide elements in aqueous acid is +3. There
are two lanthanides that deviate slightly from this trend. The first is Ce®, which, while being a strong oxidizing
agent, is kinetically stable in aqueous acid. Since Ce®* is 4f' and Ce*” is 4f°, you can see that the special stability of
tetravalent cerium is because of its stable 4f° electron configuration. The second deviation is Eu®", which is a

213
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E23.2

E23.3

E234

E23.5

E23.6

E23.7

E23.8

E23.9

strong reducing agent but exists in a growing number of compounds. Since En®* is 4f and Eu’" is 4f°, you can see
that the special stability of divalent europium is because of its stable 4f" electron configuration (half-filled f
subshell).

The ionic radius of Lu™ is significantly smaller than La®* because of the incomplete shielding of the 4f electrons
of the former. This is also sometimes referred to as lanthanide contraction.

The unusual oxidation states displayed by two of the lanthanoids, +4 for Ce and +2 for Eu (see Exercise 23.1)
were exploited in separation procedures because their charge/radius ratios are very different than those of the
typical Lo** jons. Tetravalent cerium can be precipitated as Ce(I03)4, leaving all other Ln’* jons in solution
because their iodates are soluble. Divalent europium, which resembles Ca®*, can be precipitated as EuSOy leaving
all other Ln*" ions in solution because their sulfates are soluble.

UF; is a molecular solid—its solid state structure contains isolated, octahedral UF¢ molecules held together via
relatively weak intermolecular forces. The intermolecular forces are very easy to break and this compound
sublimes easily. On the other hand, UF; and UF, form network solids in which each U atom is surrounded by nine
and eight fluorines respectively. As a consequence, UF; and UF, have high melting points.

The reduction potentials for Pu*/Pu, Pu’*/Pu are —1.25 V and -2.00 V respectively, indicating that Pu metal is
going to readily (at least from the thermodynamic point of view) dissolve in HCl. However, the composition of the
solution can be complicated and could contain Pu(Ill), Pu(IV), Pu(V), and even Pu(VI) species because the
potentials for the couples Pu(VI)/Pu(V), Pu(V)/Pu(IV), and Pu(IV)/Pu(Ill) are very similar ( ca. +1 V). Addition of
F~ to the solution is likely going to precipitate PuF;, which is insoluble in water, like UF;.

Refer to Figure 23.16 for a molecular orbital diagram for AnO,* cations. A short analysis reveals that 6p electrons
from the An atom do not contribute to the bonding orbitals, that is, they remain core electrons largely located on
the An atom. Thus, the important An valence orbitals are 5f and 6d. We can also note that all bonding molecular
orbitals are filled. The 12 electrons shown in these orbitals all come from the two oxygen atoms bonded to the An
atom that has an oxidation state +6. This is the electronic configuration found in UO,%* because U(VI) has an
electronic configuration 51°%6d°. Therefore, the overall bond order would be % [12 electrons in bonding orbitals] =
6. If we further divide this with two U-O bonds we get a bond order of 3 per U-O bond. Moving to NpO,** we
have to add one electron to the diagram because Np(VI) has electronic configuration 5f' 6d°. This extra electron
would occupy a ¢, molecular orbital. However, this orbital is non-bonding with respect to the NpO,>* unit. Hence,
the bond order should not change and Np-O bonds should have a bond order equal to three. Similar analysis for
PuO,** (Pu(VI) 5£ 6d% and AmO,>* (Am(VT) 58 6d°) shows that in all these species the An-O bond order is three.
All these fragments are linear because this geometry maximizes the strong o-overlap between 2p orbitals on the
oxygen atoms and 6d,, and 5f,; orbitals on the An atom.

Refer to Resource Section 2 for the electronic configuration of neutral atoms.

Tb™" is a 4f® system, Therefore M, = +3 and S = 3. The term will be 'F. The expected term symbol is "Fs.
Nd*" is a 4f system. Therefore M, = +6 and S = 3/2. The term will be *I. The term symbol is ‘I

Ho®" is a 4f'% system. Therefore M = +6 and S = 2. The term will be °I. The term symbol is “Is.

Er’ is a 4f'! system. Therefore M, = +6 and S = 3/2. The term will be *I. The term symbol is Nysn

Lu®* is a 4f' system. Therefore M, =0 and S = 0. The term will be 'S. The term symbol is 'Sq.

Compare your answer with Table 23.5.

Statement (a) is correct because the half-filled shell contributes zero angular momentum, that is, J = §.

Statement (b) is incorrect—Ln’" cations exchange water molecules very rapidly, on the nanosecond timescale.
This is about the same timescale as the water substitution rates for Zn>", but much faster than for the transition
metal ions of the same charge (i.e., Fe** or Ti*").

Statement (c) is correct—Ln’" cations do form stable complexes only with multidentate ligands, particularly if
they are negatively charged.

Apart from the fact that the discovery of a Ln{V) species would open a whole new avenue of chemistry, it would
also shake the theoretical foundation of the claim that the lanthanide 4f subshell is rather inert. A good candidate
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could be Pr. This element is early in the lanthanoid series, meaning that its 4f orbitals are still comparatively high
in energy. Also, removal of an electron from Pr(IV), a somewhat stable species, would produce a 4f° electronic
configuration for Pr{V), the same 4f° configuration that stabilizes Ce(1V).

Eu is similar to Mn because both have 2+ as a stable oxidation state. In both cases the stability of +2 oxidation
state can be attributed to a half-filled subshell—in the case of Eu*" that is 4f, whereas in the case of Mn?" that is
3d>. Consequently, both elements have very high third ionization energies. A similar paralle! exists between Gd
and Fe. The third ionization energies for these two elements are relatively low because in each case the removal of
the third electron leads to the stable half-filled subshell: Gd’* has 4f’, whereas Fe®" has the 3d* configuration.

Stable carbonyl compounds need backbonding from metal orbitals of the appropriate symmetry. With the
lanthanoids, the 5d orbitals are empty, and the 4f orbitals are deeply buried in the inert [Xe] core and cannot
participate in bonding.

E23.12 Neptunocene (NpCps) can be prepared from NpCl and an alkali metal cyclopentadienyl organometallic compound

E23.13

E23.14

{e.g., NaCp) in ether solvent (commonly THF) with cooling:

NpCl, + 4NaCp THF, Low temp > NpCp, + 4NaCl

There is a considerable difference between the interactions of the 4f orbitals of the lanthanide ions with ligand
orbitals and the 5f orbitals of the actinide ions with ligand orbitals. In the case of the 4f orbitals, interactions with
ligand orbitals are negligibie. Therefore, splitting of the 4f subshell by the ligands is also negligible and does not
vary as the ligands vary. Since the colors of lanthanide ions arise due to 4f—4f electronic transitions, the colours of
Eu’" complexes are invariant as a function of ligand. In contrast, the 5f orbitals of the actinide jons interact more
strongly with ligand orbitals, and the splitting of the 5f subshell, as well as the colour of the complex, varies as a
function of ligand.

The radius ratio is ¥ = 96/146 = 0.657. Using Table 3.6, the rock-salt structure is predicted as this ratio falls
between 0.414 and 0.732.

Guidelines for Selected Tutorial Problems

T23.6

T23.8

It would be a good idea (and practice as weil) not only to compare the Latimer diagrams provided in the Resource
Section 3, but also to construct one Frost diagram with data for both Np and Re to compare the two elements
directly. Also note which oxidation states are missing for Re and Np and the chemical composition of the species
for each oxidation state of the elements—this gives you a more complete idea of the differences between the two
clements.

Consult Greenwood, N.N., Earnshaw, A. (1997). Chemistry of the Elements, 2nd ed. Elsevier (pp. 1260-1262),
and references therein. Also, a good source is Morss, L. R., Edelstein, N. M., Fuger, J. (eds.). (2006). Chemistry of
the Acitinide and Transactinide Elements, Vol. 2. Dordrecht, NLD: Springer.
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Self-Test Exercises

§24.1

824.2

§24.3

8244

{a) SrTiO; can be prepared from SrCQ; and TiO, in © : I ratio. The two are grinded together and the well-mixed
material is heated to the temperature above the temperature of StCO; thermal decomposition.

(b} Sr;Ti,O; can be prepared in similar manner to SrTiO; but starting from 3 : 2 stoichiometry (SrCO; : TiO,);
alternatively, it can be prepared from SrTiO; and SrO in 2 : | stoichiometry.

Increasing the pressure on a crystal compresses it, reducing the spacing between ions (e.g., subjecting NaCl to a
pressure of 24,000 atm reduces the Na—Cl distance from 2.82 A to 2.75 A). In a rigid lattice such as B-alumina,
larger ions migrate more slowly than smaller ions with the same charge (as discussed in the example). At higher
pressures, with smaller conduction plane spacings, af ions will migrate more slowly than they do at atmospheric
pressure, However, larger ions will be impeded to a greater extent by smaller spacings than will smalier ions. This
is because the ratio (radius of migrating ion)/(conduction plane spacing) changes more, per unit change in
conduction plane spacing, for a large ion than for a small ion. Therefore, increased pressure reduces the
conductivity of K" more than that of Na” because K is larger than Na™.

In the normal AB,O, spinel structure, the AY jons (Fe** in this example) occupy tetrahedral sites and the B*" jons
(Cr’" in this example) occupy octahedral sites. The fact that FeCr,O,4 exhibits the normal spinel structure can be
understood by comparing the ligand-field stabilization energy of high-spin octahedral Fe** and octahedral Cr*".
With six d electrons, LFSE = -0.44A, for high-spin Fe**. With only three d electrons, LFSE =—1.2A, for Cr*. Since
the Cr** ions experience more stabilization in octahedral sites than do the Fe®* ions, the normal spinel structure is
mo3re stable than the inverse spinel structure, which would exchange the positions of the Fe’* ions with half of the
Cr’" ions.

MCM-4] is a better choice as it has a range of pore sizes from 2 to 10 nm. These can better accommodate QDs
with diameters ranging from 2 te 8 nm than typical ZSM-5 with pore sizes of less than 1 nm.

End-of-Chapter Exercises

E24.1

(a) MgCr,0O4 can be prepared by heating a2 1 : 1 mixture of MgCO; (or Mg(NQs),) and (NH,),Cr.0; at high
temperature. Note that thermal decomposition of (NH,),CrO; produces Cr0O; in a finely divided and reactive
form:

(NHa)2Cr207 (s) = N2 (g) + 4H;0 (g) + Crz05(s)

Then

Cr;05(5) +MgCO; (5) —2°C 5 MgCr04(s)

(b) LaFeO; can be prepared by coprecipitating La®* and Fe®* hydroxides and then, after filtration, heat the
precipitate and eliminate water:

La*(aqg) + Fe**(aq) + 60H(aq) = La(OH); Fe(OH)s(s) — 255 LaFeOs(s) + 3H,0(g)

Note the low final thermal decomposition temperature as a result of the fine atomic mixing achieved by the initial
solution stage.

{c) Ta;Ns can be prepared heating Ta,0s under a flow of NH; at high temperature:

3 Ta,04(s) + 10 NHy(g) —2C 5 2 TayN; (s) + 15 HyO (g)

217
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E24.2

E24.3

E24.4

E24.5

E24.6

E24.7

Note that the equilibrium is pushed to the right by the removal of steam in the gas stream.

(d) LiMgHj; can be prepared by heating a molar mixture of LiH and MgH, (under hydrogen or an inert gas) in a
direct reaction, or by heating a mixture of the elements under hydrogen.

(€) This complex fluoride can be prepared from solution of CuBr, and KF as a precipitate:

CuBry(aq) + 3 KBr(aq) — KCuFs(s) + 2 KBr(aq)

(f) The gallium analogue of zeolite A can be prepared starting from sodium gailate, NaGaQ, (instead of sodium
aluminate) and sodium silicate. The reaction would be undertaken hydrothermally in a sealed reaction vessel:

12 NaGaOs(s) + 12 NaySiOs(aq) — >S5 — Nay[Si1;GaOss) #H:0(s) + 24 NaOH(aq)

(a) LiCaO;, (b) S1;WMnOg (= Sr{W,.sMny 5)0O3, a perovskite).

The electronic conductivity of the solid increases owing to formation of (Ni,Li,)O containing Ni{III} and a free
electron that can hop through the structure from Ni(II) to Ni(III}, thus promoting increased conductivity in the
structure.

Fe,O contains vacancies. Since Fe(Il) is easily oxidized to Fe(IIl), the vacancies are compensated by the
conversion of two Fe®* ions to two Fe®™ ions. This can also be seen as a substitution of three Fe?* ions with two
Fe’* ions and a vacancy.

A solid solution would contain a random collection of defects, whereas a series of crystallographic shear plane
structures would contain ordered arrays of crystallographic shear planes. Because of the lack of long-range order,
the solid solution would give rise to an electron micrograph showing a random distribution of shear planes. In
addition, the solid solution would not give rise to new X-ray diffraction peaks. In contrast, the ordered phases of
the solid on the right would be detectable by electron microscopy and by the presence of a series of new peaks in
the X-ray diffraction pattern, arising from the evenly spaced shear planes.

Generally, to increase anion conductivity we must increase anion mobility by creating vacancies in anion sties.
This can be achieved via cation substitution: doping the compound with a cation of similar size but lower charge
will create anion vacancies.

(a) To increase the anion conductivity in PbF, we must replace Pb*” with an M” cation of a similar radius. Since
PbF, has the fluorite structure Pb?* is eight coordinate and its radius is 129 pm. Thus, a good candidate for doping
might be Na* with eight-coordinate radius of 132 pm.

(b) The radius of a six-coordinate Bi*" is 103 pm. Good candidate for a dopant in this case could be Ca®* (six-
coordinate radius is 100 pm) or again Na* (six-coordinate radius is 102 pm). Hg’* is too poisonous, but with
respect to radius, it is a good candidate as well (102 pm, six coordinate).

The unit cell for ReQ;, which is shown in Figure 24.16(a), is reproduced in the figure on the left below (the 0%
ions are the open spheres). As you can see, the structure is very open, with a very large hole in the centre of the
cell, and it does appear to be sufficiently open 1o undergo Na® ion intercalation. We can calculate if this is indeed
possible if we note that the length of the ReQs unit cell, g, can be calculated as a = 2{0*) + 2{(Re®"). Re® is six
coordinate and, form Resource Section 1, its radius is 55 pm. There is no O° radius for the coordination two, but
we can approximate it with about 140 pm. Then a = 2%55 pm + 2x140 pm = 390 pm. The face diagonal of the
cube, 4, can be calculated as & = 2'%a (we are looking at the face diagonal because any cation that would fill the
hole would be in contact with larger O° anions; see figure on the right). Hence d = 1.414x390 pm = 551.5 pm. To
really calculate the maximum radius of a metal that can fit in the central hole, we must subtract 2}'(02“) from 4
{because that is the part of the diagonal “occupied” by neighbouring O™ ions) and then divide the difference by 2:
AM*) = (551.5 pm - 2x140 pm)/2 = 135.7 pm. Since the radius of Na* (¢ight coordinate, the maximum provided in
Resource Section 1} is 132 pm, we can say that Na“ can indeed fit inside the hole. An ReO; unit cell containing an
Na" ion (large, heavily shaded sphere) at its cenire is shown on the right below. For the 1 : 1 Na:Re ratio the
structure type can be described as that of perovskite (CaTiOs).
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The Néel temperature for CrO should be below 122 K (i.e., below the Néel temperature for MnQO).
A sulfide with the spinel structure could be ZnCr,S4and a fluoride NiLi,F,.

Copper-containing high-temperature superconductors contain mixed oxidation states of Cu. Thus, once the Cu
oxidation states are worked out for each complex oxide given, all except Gd;Ba,Ti;Cu,0y, (compound c), which
contains only Cu®*, are superconductors. The average oxidation state of copper in compound (a) is +2.25, in (b)
+2.2, and in (d) is +2.24.

White Ta,0s reacts with ammonia at high temperature to produce red TazNs:
3 Ta;0s(s) + 10 NHi(g) — 2 Ta;Ns (s) + 15 H,O (g)

According to Zachariasen, the formation of a glass is favoured for the substances that have polyhedral, corner-
sharing oxygen atomns (rather than face- or edge-shared O atoms) and that can retain the coordination sphere
around a glass-forming element while having variable bond angles around O atom. Compounds having strong
covalent bonds are likely to conform to these rules because the bonds are not easy to break. CaF, is an example of
a compound that does not have strong covalent bonds—it is ionic compound. On cooling, mobile, and more or less
free Ca®* and F~ ions, simply pack into the fluorite structure. This is not the case with SiO,—this oxide has a
framework structure composed of SiO, tetrahedra connected through O atoms shared at corners. The Si-O bond
has significant covalent character and is very strong. This network is not easily broken (and reformed) with

temperature.

BeO, B,0s, and to some extent GeQ, because they involve metalloid and non-metal oxides. Transition metal and
rare earth oxides are typically non—glass-forming oxides, many of which have crystalline phases.

Transition metal and rare earth sulfides are typically non—glass-forming sulfides, many of which have crystalline
and layered phases. Any metal sulfide glasses would involve metalloid and non-metal sulfides.

The two methods for the preparation of the intercalation compound Li,TiS; (0< x <1) are:
(a) direct combination of lithium and TiS; at elevated temperatures:

Li(g) + TiSxs) — Li, TiSx(s)
(b) electrointercalation, with the following process occurring on ¢lectrodes:

anodic process: Li(s) — Li'(aq) + &~
cathodic porcess: TiSy(s) + x Li'(aq) + x ¢ — Li,TiS;

The metallocene compounds undergo oxidation when intercalated. Both [Co(n’-CsH;),] and [Co(n’>-CsMes),] are
19-electron species (CsMes™ is pentamethylcyclopentadienyl anion) and can be easily oxidized to 18-electron
species, [Co(n*-Cp)]” and [Co(n’-CsMes);]” respectively. On the other hand, ferrocene [Fe(n’-CsHs),] is an 18-
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electron compound and cannot be easily oxidized. Since the metallocenes are “squeezed” between the sheets of the
original structure, the unit cell parameters must increase.

The structure of MosSs unit can be described as a cube of S atoms with an octahedron of Mo atoms inside so that
each cube face has an Mo atom in the centre. The MogSs units are further bonded via Mo — S bridges. The S atoms
in one cube dopate an electron pair from a filled p orbital to the empty 4d,, orbital on Mo located on a
neighbouring cube.

Be, Ga, Zn, and P all form stable tetrahedral units with oxygen. Mg would prefer an octahedral environment (i.e.,
the structure of brucite, Mg(OH),), whereas Cl would likely be an anion.

The following zeotypes are possible: (AIP)Oq, (BP)O4, {ZnP,)0s.

MOFs (or metal-organic frameworks) require ambidentate ligands that are capable of binding two or more
different metal centres simultanecusly. An example of such ligand is CN™ which can bind ong metal through
carbon and another through nitrogen atom. Most commonly, however, the ligands used to construct MOFs are
based on organic compounds commonly with pyridine rings or carboxyl groups. 4,4’-bipyridine and 1,3,5-
benzenetricarboxylate are the examples (for more examples, consuit Fig. 24.57):

u/_\ \_
4/ -bipyridine

The mass percent of hydrogen in NaBH,4 is 10.6%. This is above the range for technical targets (6-9%) and NaBH,
could be a good candidate to consider. The problem, however, is that elevated temperatures for decomposition are
required to liberate the hydrogen gas (typically above 500°C).

The formula of Li- and Al-doped MgH; could be written as Li,Mg_x7 2ysAl,Hzs;. The doped material can be
prepared from the elements because all metals involved directly combine with H;: heating an alloy with desired Li
: Mg : Al ratio (which can be prepared by mulling) under H» atmosphere.

With 18.1% per weight of hydrogen, BeH, would be an excellent candidate for hydrogen storage. Unfortunately
this compound is thermodynamically unstable (Ad4 ~ 0 kJ mol™") and very easily decomposes to give Be(s) and
H,(g). Consequently the synthesis of BeH, is not straightforward like the synthesis of, for example, MgH..

The Cu site in Egyptian blue is square planar and thus has a centre of symmetry (see Fig, 24.63). The d-d
transitions that give rise to the colour are, consequently, symmetry-forbidden (Laporte rule) and less intense. in
copper aluminate spinel blue, the site is tetrahedral with no centre of symmetry and the transitions are not
symmetry-forbidden. This leads to the increased intensity of blue colour in the spinel.

The blue colour of the solution is due to the presence of anionic radical S;7, identical to that found as S;™ in lapis
lazuli described in Section 24.15. The cause of colour is the excitation of the unpaired electron in the electronic
structure, In solution polysulfide, radical anions are very sensitive to O, from the atmosphere; upon oxidation the
colour s lost.

An ideal photocatalyst for water splitting would have (2) high efficiency of light absorption (low-intensity light
would be sufficient to run the reaction), (b) efficient electron-hole separation process (if this separation process is
not efficient then electron and hole recombine fast and do not liberate H, and O, respectively), and (c) high surface
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area of bulk material (the reaction takes place on the catalyst surface—higher surface area gives more “contact
points” between the catalyst and water thus the reaction proceeds faster).

E24.27 BN > C(diamond) > AIP > InSb. See Sections 3.19, 24.18, and 24.19 for more details.

E24.28 In NayCg, all of the tetrahedral holes are filled with sodium cations within the close-packed array of fulleride
anions—in other words, it has an antifluorite structure (see Section 3.9(a)). In Na;Cgy, all of the tetrahedral holes
and all of the octahedral holes are filled with sodium cations within the fcc lattice of fulleride anions.

E24.29 (a) Surface areas. 1.256 x 10’ nm’ versus 1.256 x 10’ nm? (a factor of 10%).
(b) Nanoparticles based on size. Recall that nanoparticles are particles or layers with at least one dimension in
the 1-100 nm range. Thus, the 10 nm particle can be considered a nanoparticle, whereas the 1000 nm particle
cannot.
{c) Nanoparticles based on properties. A true nanoparticle should have a localized surface plasmon without
characteristic momentum and of high intensity.

E24.30 (a) Top-down versus bottom-up. The “top-down™ approach requires one to “carve out” nanoscale features from a

larger object. The “bottom-up” approach requires one to “build up” nanoscale features from smaller entities.
Lithography is a standard approach to “top-down,” and thin film deposition of quantum wells or superlattices is a
standard approach to “bottom-up.”
(b) Advantages and disadvantages. Top-down methods allow for precise control over the spatial relationships
between nanoscale entities, but they are limited to the design of rather large nanoscale items. Bottom-up methods
allow for the precise spatial control over atoms and molecules relative to each other, but the long-range spatial
arrangement is often difficult to realize.

E24.31 (a) Steps in solutions synthesis of nanoparticles. All reacting species and additives must first be solvated; then
stable nuclei of nanometer dimensions must be formed from solution and finally growth of particles to the final
desired size will occur.

(b) Why should the last two steps occur independently? The last two steps should be independent so that
nucleation fixes the total number of particles and growth leads to a controlled size and a narrow size distribution.
{c) Role of stabilizer molecules. Stabilizers prevent unwanted Ostwald ripening, a process in which smaller
particles present in the solution dissolve and the re-solvated material from these particles precipitate again but on
the surface of larger particles. The Ostwald ripening decreases the number of particies in the solution and increases
size distribution and thus is unwanted process during nanoparticle synthesis.

E24.32 Ostwald ripening is a process in which smaller particles present in the solution dissolve and this redisolved
material precipitates again but on the surface of existing particles. The Ostwald ripening decreases the number of
particles in the solution and increases size distribution and thus is an unwanted process during nanoparticle
synthesis.

E24.33 (a) Core-shell nanoparticle diagram. A schematic of the core and shell of the nanoparticie is shown below,
/ 'glwli--\
F 7N
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.’

(b) Production. i) Solution based method: first grow the core in solution and then add the additive and material for
the growth of shell. ii) Vapor-deposition method. first deposit the material for the core and then the material for the
shell,

(¢) Use. In biosensing, the dielectric property of the shell can control the surface plasmon of the core, while the
shell can be affected by the environment. In drug delivery, the shell could react with a specific location and the
core could be used as a treatment (drug).

E24.34 Examples include:
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- Hexagonal boron nitride: {ayers contain strong B-N

- Sheet silicates (mica and clay minerals}): strong Si-O bonds within sheets, weaker ionic or (less common) van
der Waals interactions

- Molybdenum sulphide, MoS; (molybdenite): strong Mo-S bonds within layers, weak van der Waals

interaction between

Guidelines for Selected Tutorial Problems

T24.1

T24.3

T24.5

T24.7

T24.9

T24.11

One of the most popular lambda sensors contains zirconia (ZrQO;) as a solid electrolyte. This material has a high
conductivity for O” ions at elevated temperatures. The cell responds to the changes in O, partial pressure in
exhaust gas. The reduction potential for Ox(g) + 46~ — 20%7(s) is proportional to p(O,, reference)/p(O,, exhaust
gas), with partial pressure of O, in the air as the reference. (See Section 24.4%b) Solid anionic electrolytes and
refer to Fig. 24.9).

Recall from Section 24.9(a) that heating complex oxides under stream of ammonia can lead to the partial reduction
of metal oxide. It can also lead to the nitridation of the oxide forming oxide-nitrides and eventually, with high
excesses of ammonia, nitrides. In this case, partial nitridation occurs:

2 SrWO,, + 2NH3 g Sl'szOsNz +3 HzO

Sr,W,0sN; adopts the pyrochlore structure.

Delafossite is a mineral with chemical composition CuFeQ,. lIis structure has been described in Pabst, A. (1938)
American Mineralogist, 23, 175-176, and more recently revisited (with a look at electronic properties of this
material) in Marquardt, M., Ashmore, N., & Cann, D. (2006). Thin Solid Films, 496(1), 146—156. Connect this
research with the fact that Fe,0O; can also be used as a photocatalyst, as mentioned in Section 24.17 Photocatalysis.

The earliest reports of a superconducting material based on LnFeOAs structure were Kamihara, Y. et al. (2008). J.
Am. Chem. Soc. 130, 3296, and Takahashi, H. et al. (2008). Nature 453, 376, both reporting the structure and
superconducting properties of La[O,_(F,]JFeAs. Sm, Ce, Nd, Gd, and Pr analogues were all reported in the same
year as well. Some useful references are: Chen, X. H. et al. (2008). Nature 354, 761 (for Sm), Chen, G. F. et al.
(2008). Phys. Rev. Lett. (Ce analogue); Ren, Z. A. et al. (2008). Europhysics Leit. 82, 57002, (Nd analogue); Ren,
Z. A. et al. (2008). arXiv:0803.4283. (Pd analogue). These are historically interesting, and you should look up
more current sources as well.

Two relatively recent sources are useful: Hischer. M. (ed.). (2010). Hydrogen Storage: New Materials for Future
Energy Storage. Hoboken: John Wiley & Sons, Incorporated: and Godula-Jopek, A. et al. (2012). Hydrogen
Storage Technologies: New Materials, Transport, and Infrastructure. Weinbeim: Wiley-VCH.

A very good starting point for this research is Guo, J., Chen, X. (2012). Solar Hydrogen Generation: Transition
Metal Oxides in Water Photoelectrolysis. New York: McGraw-Hill Professional.
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Self-Test Exercises

S$25.1 In the case of cyclohexene, only one hydroformylation product is possible: cyclohexanecarboxaldehyde.
Unlike the unsaturated compounds mentioned in the text and in Example 25.1, cyclohexene, due to its
cyclic structure, cannot produce linear and branched isomers.

$25.2 The complex [RhH(CO)(PPh);] is an 18-electron species that must lose a phosphine ligand before it can
enter the catalytic cycle:

RhH(COXPPhy); === RhH(CO)(PPhy), +  PPhs
(18 €) (16 &)

The coordinatively and electronically unsaturated complex [RhH(CO)(PPh;),] can add the alkene that is to
be hydroformylated. Added phosphine will shift the above equilibrium to the left, resulting in a lower
concentration of the catalytically active 16-electron complex. Thus, you can predict that the rate of
hydroformylation will be decreased by added phosphine.

$25.3 Heating alumina to 900°C results in complete dehydroxylation. Therefore, only Lewis acid sites are present
after the heating process. The IR spectrum of a sample of dehydroxylated y-alumina exposed to pyridine
will exhibit bands near 1465 cm™' (indicating the formation of AI**-NCsHs adduct). It will not exhibit bands
near 1540 cm™" because these are due to pyridine that is hydrogen bonded to the surface -OH groups (-OH
groups have been removed during the treatment).

$25.4 A pure silica analogue of ZSM-5 would contain Si-OH groups, which are only moderate Brensted acids,
and not strongly acidic Al-OH, groups found in aluminosilicates. Only strong Bransted acids can protonate
an alkene to form the carbocations that are necessary intermediates in benzene alkylation. Therefore, a pure
silica analog of ZSM-5 would not be an active catalyst for benzene alkylation.

very strong

moderate Bronsted acid moderate

Brensted acid H H H Brensted acid

8255 The polymerization of mono-substituted alkenes introduces sterogenic centres along the carbon chain at
every other position. Without R groups attached to the Zr centre there is no preference for specific binding
of new alkenes during polymerization and thus the repeat is randorm or atactic (shown below).

223
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As you can see, the atactic is the most random polymer, meaning that nothing is driving the stereochemistry
of the poiymer. [Cp,ZrCl;] has simple cyclopentadienes as ancillary ligands, which generally do not have
enough steric bulk to drive the formation of a specific isomer; therefore primarily atactic polypropene is
produced. Placing bulking alkyl groups on the Cp~ rings offers one way to obtain a specific geometry and
thus mediate the propertics of polypropene.

End-of-Chapter Exercises

E25.1

E25.2

(a) H; and C,H, in contact with Pt. This is a genuine example of catalysis. The formation of ethane (H; +
C,Hy — C,Hg) has a very high activation barrier due to the very high H-H bond dissociation energy. The
presence of platinum causes the reaction to proceed at a useful rate because it can help break H, molecule.
Furthermore, the platinum can be recovered unchanged after many turnovers, so it fits the two criteria of a
catalyst: a substance that increases the rate of a reaction but is not itself consumed. Also note that Pt does
not show up in the above chemical reaction.

(b) H; plus O; plus an electrical are. This gas mixiure will be completely converted into H,O once the
electrical arc is struck. Nevertheless, it does not constitute an example of catalysis. The arc provides
activation energy to initiate the reaction. Once the reaction is started, the heat liberated by the reaction
provides enough energy to sustain the reaction. The activation energy of the reaction has not been lowered
by an added substance, so catalysis has not occurred.

(c) The production of LisN and its reaction with H,O. This is not an example of catalysis. Lithium and
nitrogen are both consumed in the formation of LiyN, which occurs at an appreciable rate even at room
temperature. Water and Li;N react rapidly to produce NH; and LiOH at room temperature, As in the
formation of Liz;N, both substances are consumed.

{a) Turnover frequency is the amount of product formed per unit time per unit amount of catalyst. In
homogeneous catalysis, the turnover frequency is the rate of formation of product, given in mol L™ s7',
divided by the concentration of catalyst used, in mol L™, This gives the turnover frequency in"units of s™.
In heterogeneous catalysis, the turnover frequency is typically the amount of product formed per unit time,
given in mol 57, divided by the number of moles of catalyst present. In this case, the tumover frequency
also has units of s™'. Since one mole of a finely divided heterogeneous catalyst is more active than one mole
of the same catalyst with a small surface area, the turnover frequency is sometimes expressed as the amount
of product formed per unit time divided by the surface area of the catalyst. This gives the turnover
frequency in units of mol s™ cm™. Often one finds the turnover frequency for commercial heterogeneous
catalysts expressed in rate per gram of catalyst.

(b) Selectivity is a measure of how much of the desired product is formed relative to undesired by-
products, Unlike enzymes (see Chapter 26), man-made catalysts rarely are 100% selective. The catalytic
chemist usually has to deal with the often difficult problem of separating the various products. The
separations, by distillation, fractional crystallization, or chromatography, are generally expensive and are
always time-consuming. Furthermore, the by-products represent a waste of raw materials. Recall that an
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expensive rhodium hydroformylation catalyst is sometimes used industrially instead of a relatively
inexpensive cobalt catalyst because the rhodium catalyst is more selective.

(c) A catalyst is a substance that increases the rate of a reaction but is not itself consumed. This does not
imply that the added catalyst does not change during the course of the reaction. Frequently, the substance
that is added is a catalyst precursor that is transformed under the reaction conditions into the active
catalytic species.

(d) The catalytic cycle is a sequence of chemical reactions, each involving the catalyst, that transform the
reactants into products. It is called a cycle because the actual catalytic species involved in the first step is
regenerated during the last step. Note that the concept of a “first” and “last” step may lose its meaning once
the cycle is started.

{e) Catalyst support. In cases where a heterogeneous catalyst does not remain a finely divided pure
substance with a large surface area under the reaction conditions, it must be dispersed on a support
matérial, which is generally a ceramic-like y-alumina or silica gel. In some cases, the support is relatively
inert and only serves to maintain the integrity of the small catalyst particles. In other cases, the support
interacts strongly with the catalyst and may affect the rate and selectivity of the reaction.

(a) The increased rate of SO, oxidation in the presence of NO. The balanced equation for SO, oxidation
is:

250,(g) + Oxg) — 250s4(g)

All of these substances, as well as the catalyst NO, are gases. Since they are all present in the same phase,
this is an example of homogeneous catalysis.

(b) The hydrogenation of il using a finely divided Ni catalyst. In this case, the balanced overall
equation is:

RHC=CHR' * H; —— RH;C-CH;R’

The reactants and the products are all present in the liquid phase (the hydrogen is dissolved in the liquid oil
and hence is in a solution or in a liquid phase), but the Ni catalyst is a solid. Therefore, this is an example
of heterogeneous catalysis.

{c) The conversion of D-glucose to 8 D,L mixture by HCI? The catalyst for the racemization of D-glucose
is HCI (really H;O"), which is present in the same aqueous phase as the D-glucose. Therefore, since the
substrate and the catalyst are both in the same phase, this is homogeneous catalysis.

CHO CHO
l |
H—C—OH H—C—OH
HO~—=C—H HLO* HO—C—H
H—(I:—OH H—C—OH
H—C—CH HO—C—H
I
CH,OH CH,OH
D-Glucose 1.~Glucose

{a) The splitting of H,0O into H, and O,. A catalyst does not affect the free energy (AG) of a reaction,
only the activation free energy (AG¥). A thermodynamically unfavourable reaction (one with a positive AG)
will not result in a useful amount of products unless energy in the form of light or electric current is added
to the reaction mixture. Since water is a thermodynamically stable compound (AG°(H,0) = -237 kJ mol™),
it would not be a worthwhile endeavour to try io develop a catalyst to split water into hydrogen and
oxygen.
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E25.5

E25.6

E25.7

(b) The decomposition of CO, inte C and O,. As in part (a), you would be trying to catalyze the
decomposition of a very stable compound into its constituent elements. Under the conditions given, it
would be a waste of time.

COxg) — C(s) + Oy(g) AG® = +394 kJ/mol

(c) The combination of N, with H, to produce NHj. This would be a very worthwhile reaction to try to
catalyze efficiently at 80°C. Ammonia is a stable compound with respect to nitrogen and hydrogen.
Furthermore, it is a compound that is important in commerce, since it is used in many types of fertilizers.
AG® is —16.5 kJ mol™ for the reaction Ny + 3H,—2NH;. The high temperatures usually required for
ammonia synthesis (~400°C) make AG less negative and result in a smaller yield. An efficient jow
temperature synthesis of ammonia from nitrogen and hydrogen that couid be carried out on a large scale
would probably make you and your industrialist rich.

(d) The hydrogenation of double bonds in vegetable oll. The reaction RHC=CHR + H;—»RH,C-CH;R
has a negative A,G°. Therefore, the hydrogenation of vegetable oil would be a candidate for catalyst
development. However, there are many homogeneous and heterogeneous catalysts for olefin
hydrogenation, including those that operate at low temperatures (i.e., ~80°C). For this reason, the process
can be readily set up with existing technology.

The catalytic cycle for homogeneous hydrogenation of alkenes by Wilkinson’s catalyst, [RhCI(PPhs),], is
shown in Figure 25.5. In order for the olefin substrate to coordinate to the Rh centre in complex C (a 16-
electron species), complex B (an [8-electron species) must first lose one PPh; ligand. Although this is not
usually shown when depicting catalytic cycles, we have to keep in mind that all steps are (generally)
reversible, and complex C and free PPh; are in equilibrium with complex B. Increasing the concentration
of PPh; shifts the equilibrium toward complex B, which is not able to bind the olefin and the hydrogenation
rate will drop.

The data show that hydrogenation is faster for hexene than for cis-4-methyl-2-pentene (a factor of 2910/990
= 3). It is also faster for cyclohexene than for I-methylcyclohexene (a factor of 3160/60 =~ 53). In both
cases, the alkene that is hydrogenated slowly has a greater degree of substitution and so is sterically more
demanding—hexene is a monosubstituted alkene, whereas cis-4-methyl-2-pentene is a disubstituted alkene;
cyclohexene is a disubstituted alkene, whereas 1-methyicyclohexene is a trisubstituted alkene. According to
the catalytic cycle for hydrogenation shown in Figure 26.5, different alkenes could affect the equilibrium
(B) — (C) or the reaction (C) — (D). A sterically more demanding alkene could result in (i) a smaller
equilibrium concentration of (D) [RhClH,La(alkene)], or (ii) a slower rate of conversion of (C) to (D).
Since the reaction (C) — (D) is the rate-determining step for hydrogenation by RhCI(PPh;);, either effect
would lower the rate of hydrogenation.

H H H H
H\ /H Ne=c”/ -
=< HC N H H—=
HC, H H  CH, CH, .

2910 L mol¥s?! 990 L mol!s! 3160 L molls? 60 L molls!

The catalytic cycle for the formation of both n (linear) and iso (branched) products is shown below. The
starting point of the cycle is the active catalyst [HCo(CO),] formed from hydrogenolysis of [Cox(CO)sg].
The linear product (7 isomer) is butanal, whereas the branched product (iso isomer) is 2-methylpropanal.
The selectivity step is the hydride migration onto the coordinated prop-1-en in {[HCo(CO)}{H,;C=CHCH,)]
compiex. Note that migration can produce either primary (outer path) or secondary (inner path) alkyl
coordinated to the Co centre.
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E25.8 The catalytic cycle for the Ziegler Natta polymerization of propene is shown below. In this case the catalyst
is prepared from TiCls, but TiCl; also produces the active catalyst in the similar fashion. Either are
commonly bound to MgCl, as a support (note that TiCl, is a very moisture-sensitive liquid, hence easier to
handle when supported).

HaC, HE o

) S Yy *raw

i T oA e | o]

B

>
W ] ;’ G‘s “. i
L%
-— o --— " \Cé
) /] C(L
The mechanism starts with alkylation of a Ti atom on the catalyst surface. The alkylating agent is usually

AlEt;. The Ti on the surface of the catalyst is coordinatively unsaturated and an alkene molecule (in this
case propene) coordinates. The ethyl group bonded to titanium migrates, probably via a cyclic intermediate
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E25.9

E25.10

E25.11

E25.12

shown in square brackets, to the coordinated propene. This not only initiates the propagation of polymer
chain but also opens a new coordination site on Ti. Another propene molecule coordinates to this position
and undergoes the migratory insertion; consequently, a new coordination spot opens and the chain
lengthens and the process continues.

The resulting polymer is going to be isotactic: it is going to have & high melting point and will be
semicrystalline.

Since compound (E) in Figure 26.7 is observed under catalytic conditions, its formation must be faster than
its transformation into products. If this were not true, a spectroscopically observable amount of it would not
build up. Therefore, the transformation of (E) into [CoH(CQ)4] and product must be the rate-determining
step in the absence of added PBu;. In the presence of added PBujy, neither compound (E) nor its phosphine-
substituted equivalent, that is, [Co{C(=0)C4Ho)}CQ);y(PBus)], is observed, requiring that their formation
must be slower than their transformation into products, Thus, in the presence of added PBu;, the formation
of either (A) or (E), or their phosphine-substituted equivalents, is the rate-determining step.

The key difference between two reactions is that HI would hydrolyse MeCOOMe and produce Mel and
MeCOOH (instead of water). The reaction of the ethanolic acid with the acetyl iodide (produced at the end
of the catalytic cycle) leads to ethanoic anhydride. See the catalytic cycle in Figure 25.13.

(a) Ring opening alkene metathesis polymerization. ROMP can result in reduced steric strain, thereby
providing a thermodynamic driving force for the reaction.

(b) Ring-closing metathesis (RCM). RCM results in the loss of ethane, and by removing this gas, the
position of equilibrium can easily be driven to favour the ring product.

cat.

(2) Attack by dissolved hydroxide.
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(b) Attack by coordinated hydroxide.
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(¢} Differentiate of the stereochemistry. Yes. Detailed stereochemical studies indicate that the hydration
of the alkene-Pd(II) complexes occurs by attack of water from the solution on the coordinated ethene rather
than the insertion of coordinated OH.
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(a) Enhanced acidity. When A" replaces Si** on lattice site, the charge is balanced by H;O", increasing
the acidity of the solid catalyst.
(b) Three other ions. Other 3+ ions—for example Ga**, Co™, or Fe**, would have similar effect as AP*.

Special measures are required in heterogeneous catalysis to ensure that the reactants achieve contact with
catalytic sites. For a given amount of catalyst, as the surface area increases, there are a greater number of
catalytic sites. A thin foil of platinum-rhodium will not have as much surface area as an equal amount of
small particles finely dispersed on the surface of a ceramic support. The diagram below shows this for a
“foil” of catalyst that is 1000 times larger in two dimensions than in the third dimension (i.e., the thickness
is 1; note that the diagram is not to scale). If the same amount of catalyst is broken into cubes that are 1 unit
on a side, the surface area of the catalyst is increased by nearly a factor of three.

1000

vs. 106 {4
1000 i

total area = 2,004,300 total arca = 6,000,000

Two observations must be explained in this catalytic deuteration of C—H bonds. The first is that ethyl
groups are deuterated before methyl groups. The second observation is that a given ethyl group is
completely deuterated before another one incorporates any deutertum. Let’s consider the first observation
first. The mechanism of deuterium exchange is probably related to the reverse of the last two reactions in
Figure 26.20, which shows a schematic mechanism for the hydrogenation of an olefin by D,. The steps
necessary for deuterium substitution into an alkane are shown below and include the dissociative
chemisorption of an R-H bond, the dissociative chemisorption of D5, and the dissociation of R-D. This can
occur marny times with the same alkane molecule to effect complete deuteration.

H R
|
—Pt—Pt—Pt—Pt— + RH — — Pt—Pt—Pt—DPt—
I-li IT H R D D
[ |
- Pt —Pt—Pt—Pt — + D2 —t= o Pt — Pt —Pt — 't —
T T i i
|
— Pt — Pt — Pt =— Pt ~= —> RD + — Pt —Pt— Pt —Pt —

Since the —-CH,CH; groups are deuterated before the —CHj; groups, one possibility is that dissociative
chemisorption of a C-H bond from a ~CH,~ group is faster than dissociative chemisorption of a C-H bond
from a —CH; group. The second observation can be explained by invoking a mechanism for rapid
deuterium exchange of the methyl group in the chemisorbed ~CHR{CH;) group (R = C(CH3)x(C,Hs)). The
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scheme below shows such a mechanism. It involves the successive application of the equilibrium shown in
Figure 25.20. If this equilibrjum is maintained more rapidly than the dissociation of the alkane from the
metal surface, the methyl group in question will be completely deuterated before dissociation takes place.

R R H
H\g’mﬁ D rf“%——é)%
—Pt—r‘l’t—‘"Pt-——I!t— == '—l:l’l—lit‘—].’lt—['l’t—

R H R
HH'“‘}: — C"‘/HD HH\CI"CHZD
—Ilt-'—llt—ljlt—llt— == —Il’t—llzt—Pt——Pt-—

Another possibility, not shown in the scheme above, is that the terminal -CH; groups undergo more rapid
dissociative chemisorption than the sterically more hindered internal -CH; groups.

H3CH2(I:

sterically less hindered \/: C
/ \:‘CH3
HCHC  CH, ©

ha sterically more hindered

E25.16 The reduction of hydrogen ions to H, on Pt surface probably involves the formation of the surface hydride

E25.17

E25.18

species. Dissociation of H; by reductive elimination would complete the catalytic cycle. However, platinum
not only has a strong tendency to chemisorb H,, but it also has a strong tendency to chemisorb CO., If the
surface of platinum is covered with CO, the number of catalytic sites available for H™ reduction will be
greatly diminished and the rate of H, production will decrease.

O O O O
c ¢ ¢ H C

S R

— Pt —Pt—Pt— Pt —Pt —

Electrocatalysts are compounds that are capable of reducing the kinetic barrier for electrochemical
reactions (barrier known as overpotential). While platinum is the most efficient electrocatalyst for
accelerating oxygen reduction at the fuel cell cathode, it is expensive (recall Section 25.18
Electrocatalysis). Current research is focused on the efficiency of a platinum monolayer by placing it on a
stable metal or alloy chusters; your book mentions the use of the alloy Pt;N. An example would be a
platinum monolayer fuel-cell anode electrocatalyst, which consists of ruthenium nanoparticles with a sub-
monolayer of platinum. Other areas of research include using tethered metalloporphyrin complexes for
oxygen activation and subsequent reduction.

Statement (a) should be corrected: while it is true that a catalyst introduces a new reaction pathway (i.e.,
changes the mechanism of the reaction), it does so by lowering the Gibbs energy of activation, not enthalpy
of activation. Recall that the Gibbs energy is dictated by not only the change in enthalpy but also the
change in entropy and the reaction temperature.

Statement (b) can also be corrected: first, the catalyst does not make the Gibbs energy of a reactiorn more
favourable (as the statement might imply), but rather the Gibbs energy of activation (i.c., it lowers the
activation energy of a slow step). Second, even if the Gibbs energy of activation was implied, a catalyst is
not only reducing the Gibbs energy, but as you have seen it can also dictate the formation of a specific
product. For example, chiral catalysts can favour the production of one enantiomer over another. There are
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cases in which the enantioselective step is not the rate-determining step. Thus, the increase in yield of a
desired enantiomer in this instance has nothing to do with a more favourable Gibbs energy of the reaction.
Statement {c) should be cormrected: the Ziegler—Natta catalyst is made from two liquids, but it is a
heterogeneous catalyst because the TiCly and AlEt; are usually reacted with a solid support and then with a
carrier. This makes the two immobilized on a solid. Alkenes (the monomers) are either gases or liquids,
that is, in a different phase.

Statement (d) is incorrect: highly favourable Gibbs energies for the attachment of reactants and products to
a catalyst are not good for catalysis at all. In the case when the attachment of reactants is highly favourable,
the product would be thermodynamically very stable and would likely be unreactive—our catalytic cycle
would stop at the very beginning with the reaction between a catalyst and reactants. On the other hand, a
highly favourable Gibbs energy for the attachment of products to a catalyst would halt the elimination of
products and regeneration of the active catalyst.
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Self-Test Exercises
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526.2
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526.6

Uncomplexed Fe™ is present at very low concentrations (approximately 10~ M). By contrast, Fe** is strongly
complexed (relative to Fe) by highly specific ligands such as ferritin and by smaller polyanionic ligands,
particularly citrate. Free Fe?* is therefore easily oxidized.

The protein’s tertiary structure can place any particular atom or group in a suitable position for axial coordination.
Thus, the protein folding is responsible for bringing the unusual methionine suifur atoms (recall that sulfur is a soft
donor) in axial sites. This prevents water molecules (which would be the natural choice for Mg, a hard cation)
from occupying the axial sites.

Blood plasma contains 0.1 M Na® but very little K*; the opposite is true inside cells (see Table 26.1). This
differential results in an electrical potentiai that is used to drive reactions. If a patient was given an intravenous
fluid containing KCl instead of NaCl, the potential across the cell membrane would collapse, with severe
consequences.

Calmodulin does not bind to the pump unless Ca*" is coordinated to it. As the Ca”™ concentration increases in the
cell, the Ca-calmodulin complex is formed. The binding of this Ca-calmodulin complex to the pump is thus a
signal informing the pump that the cytoplasmic Ca®* level has risen above a certain level and to start pumping Ca™*
out.

A possible reaction sequence is shown below. Starting from a Fe(II) porphyrin complex (L is a neutral axial ligand
throughout the sequence) we first obtain a peroxo bridged Fe(IlI) porphyrin dimer. Peroxo bridge can oxidatively
cleave producing two equivalents of oxido Fe(IV) porphyrin monomers. This rather reactive species (recall that +4
is not a stable oxidation state for Fe and that Fe compounds with oxidations states above +3 are strong oxidizing
agents) can react with another equivalent of the starting Fe(II) porphyrin complex producing an oxido-bridged
Fe(III} porphyrin dimer. Note that all complexes are neutral species.

Fe(ll) porphyrin

Fe(ll) porphyrin

u-pecoxo Fe(lll)parphyrindimar oxido Fe{lV) porphyrin poxido Fe(lliyporphyrindimer

Hydrogen bonding and replacement of one cysteine with a histidine should lead to an increase in the reduction
potential of an Fe-S cluster. Hydrogen bonding should stabilize the more reduced, electron-rich oxidation level of
an Fe-S cluster. Two His-for-Cys substitutions raise the reduction potential in the Rieske centres because

233
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S526.7

S26.8

8$26.9

S26.10

S526.11

imidazole is a better ligand to Fe(lI) than Fe(IIl) sites. Surrounding a cluster with negatively charged protein
residues would likely decrease the cluster’s reduction potential because it will be more difficult to add an electron
to a site that is already negatively charged in a low dielectric medium.

There is greater covalence in blue Cu centres than in simple Cu(II) compounds. The unpaired electron is
delocalized onto the cysteine sulphur and spends more time away from the Cu nucleus, decreasing the coupling.
In most of the Cu blue centres, the reduced form is Cu(l), which is a soft acid, so it makes sense that it bonds well
with sulfur-containing ligands such as a cysteine residue.

Cu(lll) is a d® metal centre. It is likely to be highly oxidizing, and probably diamagnetic with a preference for
square-planar geometry, a favoured geometry for the d® electronic configuration.

Species such as CH;Hg" and (CH;),Hg are hydrophobic and can penetrate cell membranes. Cobalamins are very
active methyl-transfer reagents that can methylate anything in the cell, which is bad news for the human body.
Unlike many other mercury compounds, methylmercury is soluble in water. Methylation of Hg** thus increases
concentration of this cation in body fluids.

Spectroscopic measurements that are metal specific, such as EPR, which detects the number of unpaired electrons,
could be used on both enzyme and isolated cofactor. Attempts could be made to grow single crystals from the
solution and perform single-crystal X-ray diffraction and EXAFS to reveal molecular geometry, bond distances,
and angles between Fe or Mo and the suiphur ligands. Both these techniques can be carried out on the enzyme and
cofactor dissolved in DMF. Of all of these, single-crystal X-ray diffraction is our most powerful technique for
determining structure. M&ssbauer spectroscopy could also be useful in determining (average) oxidation states and
geometries at Fe centres.

Cu(l) has an ability to undergo linear coordination by sulphur-containing ligands. The only other metals with this
property are Ag(l), Au(l), and Hg(ll), but these are not common in biology. Cu(l) can also be found in trigonal
planar and tetrahedral coordination environments. Binding as Cu(Il) would be less specific because it shows a
strong preference for square planar or tetragonal geometries. Also, importantly, Cu(Il) is able to oxidise thiolates
{R-87) to RS-SR.

End-of-Chapter Exercises

E26.1

E26.2

E26.3

We should compare the ions in question with what we know about K™ and the potassium channel. In comparison
to K*, Na* is smaller and consequently has a higher charge density. Thus, for a channel or ionophore to be Na*
specific it must have smallcr cavity than K-chanael. The preferred donor atoms for Na* binding are the same as for
K" binding—both atoms form more stable complexes with electronegative oxygen donor atoms. Since both are s-
block elements, and lack LFSE (no d orbitals), neither has a clear geometry preference. Consequently the
geometry of an Na’ binding site is dictated by the size—if the K-channel provides eight O donors in cubic
arrangement, an equivalent for Na~ should provide (for example) 6 or 7 O donors in octahedral or pentagonal
bipyriamidal geometry. Ca®" is the smallest of the three cations, and having also a 2+ charge, it has the highest
charge density. Consequently, Ca* is going to bind more tightly than either Na™ or K* to the residues that have
negative charge—for example deprotonated —OH groups. It is also a cation of a s-block element and has no LFSE
that could dictate a preferred geometry. CI” is obviously different from the other three by being an anion (and also
significantly bigger than all others). Thus, to move Cl” we would need to have a large cavity and rely on hydrogen
bonds formed with -NH and —OH functional groups.

Calcium-binding proteins can be studied using [anthanide ions (Ln’") because, like calcium ions, they are hard
Lewis actds and prefer coordination by hard bases such as anionic oxygen-containing ligands like carboxylates.
The larger size of lanthanides is compensated for by their higher charge, although they are likely to have higher
coordination numbers. Many lanthanide ions have useful electronic and magnetic properties. For example, Gd™*
has excellent fluorescence, which is quenched when it binds ¢lose to certain amino acids such as tryptophan.

CofIl) commonly adopts distorted tetrahedral and five-coordinate geometries typical of Zn(Il) in enzymes. When
substituted for Zn(Il) in the parent enzyme, the enzyme generally retains catalytic activity. Zn(Il) is d'® and
therefore colourless; however, Co(Il) is d’, and its peaks in the UV-Vis spectrum are quite intense (see Chapter 20)
and report on the structure and ligand-binding properties of the native Zn sites. Furthermore, it is almost
impossible to use 'H NMR to study the active site of zinc enzymes because of all of the interferences and overlaps
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one gets with the amino acids themselves. Fortunately, Co(Il) is paramagnetic, enabling Zn enzymes to be studied
by EPR after substitution.

Actidity of coordinated water molecules is in the order Fe(IIl) > Zn(II) > Mg(Il). Ligand-binding rates are Mg(II)
> Zn{Il) > Fe(Ill). Mg(Il) is usually six-coordinate, so it can accommodate more complex reactions (such as
rubisco). It is also the weakest Lewis acid of the three, has the highest mobility, and has & clear preference for hard
donors. Zn(II) has low mobility because it binds strongly to amino acid residues in proteins but has excellent
polarizing power, fast ligand exchange rate, and no preference for any particular coordination geometry. These
features, combined with no redox activity, make Zn(1l) a perfect choice for substrates that are not readily activated
but should not be reduced or oxidized. The redox activity of Fe(IIl) makes its use in metalloenzymes relatively
limited (in comparison to Zn{I}).

Since iron(V) would have the electron configuration of [Ar]3d°, the ion wouid have three unpaired electrons. The
logical choice would be either EPR (electron paramagnetic resonance) or Mossbauer spectroscopy. See Chapter 8,
Physical Techniques in Inorganic Chemistry, for more discussion on both of these instrumnents.

Ferredoxins contain Fe-S clusters, see structures 25, 26 and 27. The oxidized spectrum is consistent with all iron
atoms in the cluster being Fe(II[}—there are two peaks (as a result of quadrupole coupling) centred at about 0.3
mm/s with small coupling. The reduced spectrum has four lines, two of which are almost identical to the lines
observed for the oxidized form and two new ones on each side. The two central lines still correspond to Fe®*. The
two new ones show a larger quadrupole coupling and a higher isomer shift, characteristics consistent with high-
spin Fe**. Since the signals from Fe** and Fe** in the reduced form are well separated, the electron received during
the reduction is localized on one iron atom only; that is, there is no delocalization.

The structural changes accompanying oxidation of the P-cluster raise the possibility that the P-cluster may be
involved in coupling of electron and proton transfer in nitrogenase. Among the important changes in the structures
is the change in coordination of the cluster. The oxidized form of the P-cluster has a serine and the amide nitrogen
of a cystine residue coordinated to Fe atoms which dissociate in the reduced form. Since both of these ligands
might be protonated in their free states and may be deprotanated in their bond states, this raises the possibility that
two-electron oxidation of the P-cluster simultaneously releases two protons. Transfer of electrons and protons to
the FeMo-cofactor active site of nitrogenase needs to be synchronized; the change in structure suggests that the
coupling of proton and electron transfer can also occur at the P-cluster by controlling protonation of the
exchangeable ligands.

Transfer of a -CH; group (transfer as CH;", binding as CH;") is expected to involve Co(l) and Co(IlI), which is
allowed by active site of cobalamin. Transfer and activation of CO is expected to involve an electron-rich metal
such as the bioactive metals Fe(I) or Zn(II). Most likely the mechanism involves an insertion of a coordinated
carbonyl into a metal alkyl bond.

The discovery of substantial amounts of O, would indicate the presence of photosynthesis and consequently somne
life-form that is capable of photosynthesis. On Earth, the plants are organisms capable of photosynthesis, but this
does not preclude a possibility of some other photosynthetic life form.

There are several possibilities. For example, EPR spectroscopy is a very good method to follow the changes in
oxidation states—it can be used to distinguish between different electronic states of the Mo cenire. Use of
isotopically labelled water molecules, for example H,'’0, can be combined with Raman and IR spectroscopies to
monitor the movement {transfer} of oxygen atoms.

Guidelines for Selected Tutorial Problems

T26.2

Consider what is meant by the term “efficiency” in catalysis (you might want to consult Chapter 25 as well). In
terms of mechanistic questions, consider the complexity of the process for production of NH; from N as well as
the complexity of the nitrogenase cofactor. For example, can the 3D structure help to decide on the binding site of
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N,? Does it reveal much about the electron flow within the cofactor? What happens to a produced NH; molecule
(how is it removed from the active site)? Consider also the details about the active site structure we are missing.
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Self-Test Exercises
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A general structure of semithiocarbazide ligand is shown below. The easiest and most straightforward way to
fine-tune the reduction potentials of Cu(Il) complexes is by modifying R substituents (R'-R’) on the ligand
backbone. The Cu semithocarbazide complexes used in medicine usually contain tetradentate versions of the
general structure shown.

End-of-Chapter Exercises

E27.1

E27.2

E27.3

E274

E27.8

Au(lll) is in many ways similar to PY{II), with similarities mostly arising because the two are isoelectronic species
with d® electronic configuration. Thus, both have a preference for square planar geometry that seems to be
necessary for the activity of Pt(1[) anticancer drugs. Au(IIl) is also a soft Lewis acid, meaning that it has low
preference for CI™ and O-donor ligands. The major difference between Pt(IIl) and Au(IIl) is that Au(IIl) is easily
reduced under hypoxic conditions to Au(l), which prefers linear geometry as in [AuCl,]". Au(l) can also
disproportionate to Au(C) and Au(III}.

Although copper is a relatively inert element, it does slowly oxidize on air, producing copper oxides (and upon
longer exposure to the atmosphere, basic copper carbeonates malachite and azurite). Both Cu,O and CuQ are basic
oxides. Epidermis, the outermost layer of skin, is slightly acidic (pH about 5). When oxidized parts of the bracelet
get in touch with acidic epidermis, a small amount of oxides dissolve and produce Cu?*, which is water soluble
and can pass through the skin.

Likely products of the [H;BCO,]* decomposition are B(OH);, H,, CO, and OH™.

By analogy to carbonate, you can expect boranocarbonate to be a rather good base. Consequently it can be stable
in a basic medium (just like carbonate), but in neutral or mildly acidic medium it would be protonated to produce
hydrogenboranocarbonate:

[H;BCO,]* + H,0 — [H;BCOO,H] + OH"
Hydrogenboranocarbonate can eliminate OH™ to produce [H;BCO] adduct (boranocarbonyl):
[H;BCO,H) — [H;BCO] + OH"

{H;BCO] is unstable when not under CO atmosphere and CO can be easily displaced by water molecules. The
intermediate aquo adduct [H3;B(OH;)] rapidly decomposes to give HBOH and H,. H,BOH reacts rapidly with
another two water molecules to produce the final products B(OH), and two more equivalents of H,. The overall
reaction is:

[H;BCO) + 3 H;0 — B(OH); + CO + 3 H;

Choose a trace element (not CHNOPS); list what its important chemical properties are, including aqueous
chemistry, redox chemistry; identify proteins in which such an element appears; discuss how the element’s
chemical properties suit it for its task.

Gallium(III) can bind to transferrin and lactoferrin, and can even be incorporated into ferritin (a biological “iron
storage”). These enzymes use nitrogen and oxygen donors to bind iron. Since Ga(IlI) also has a good affinity for
the same donors, it can compete with Fe(Ill) for the binding sites. One major difference between Fe(IIl) and
Ga(IIl) is their redox chemistry. While Fe(IIl) can be reduced to Fe(Il), Ga(Ill} cannot. This is an important
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E27.6

difference because the reduction is used to liberate Fe from ferritin—Fe(IlI) is more labile and hence can easily be
released from the complex. Ga(lIl) cannot be reduced and would remain bound in ferritin.

Bismuth(I{l) compounds frequently used in treatment of gastritic ailments are bismuth subsalicilate and bismuth
subcitrate. In the strongly acidic environment (pH ~ 3) that abounds in organic acids, these Bi(IlI} compounds
form polymeric species and clusters that can form a protective layer (or coating) on the stomach. The Bi(III)
polymers and clusters slowly release Bi**, which pathogens can uptake. Once in the system, Bi(llI) interferes with
many bacterial proteins (e.g., transferrin and urease) and inhibits many important cellular functions resulting in the
pathogen’s death.

Guidelines for Selected Tutorial Problems

T27.2

Some useful sources (and references cited within) are:

1. Bratsos, T. Gianferrara, E. Alessio, C. G. Hartinger, M. A. Jakupec, and B. K. Keppler. (2011). Chapter 5:
Ruthenium and other non-platinum anticancer compounds. In Alessio, E. (ed.), Bioinorganic Medicinal
Chemistry. Weinheim: Wiley-VCH Verlag & Co.

G. Gasser, [ Ott, N. Metzler-Nolte. (2011). Organometallic anticancer compounds. Jowrnal of Medicinal
Chemistry 54(1), 3-25.

C. G. Hartinger, P. J. Dyson. (2009). Bioorganometallic chemistry—from teaching paradigms to medicinal
applications. Chemical Society Reviews 38(2), 391-401.
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