Coordination Complexes

Coordination compounds, such as the FegClion and Cr({ - 6 NH, are called such
because they contain ions or molecules linkedpordinated, to a transition metal. They
are also known asomplex ions or coor dination complexes because they are Lewis acid-
base complexes. The ions or molecules that bitkhtsition-metal ions to form these
complexes are callddgands (from Latin, "to tie or bind"). The number of ligds bound to
the transition metal ion is called tbeordination number.

Although coordination complexes are particularlyortant in the chemistry of the

transition metals, some main group elements also tmmplexes. Aluminum, tin, and
lead, for example, form complexes such as the AIBNCL* and Ph)* ions.
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Werner's Theory of Coordination Complexes

Alfred Werner developed a model of coordination pters which explains the following
observations.

« At least three different cobalt(lll) complexes damisolated when Cog&is
dissolved in aqueous ammonia and then oxidizedrlig ¢éhe +3 oxidation state. A
fourth complex can be made by slightly differemthi@iques. These complexes have
different colors and different empirical formulas.

CoCk - 6 NH; orange-yellow
CoCk- 5NH - HO red

CoCk - 5NH purple

CoCk - 4 NH; green

« The reactivity of the ammonia in these complexeslieen drastically reduced. By
itself, ammonia reacts rapidly with hydrochlorigdato form ammonium chloride.

NHs(aq) + HCl(ag) —NH,"(aq) + Cl(aq)
These complexes don't react with hydrochloric agign at 10%C.
CoCk - 6 NHy(aq) + HCl(aq) —

- Solutions of the Clion react with Ag ion to form a white precipitate of AgCI.



Ag'(aq) + Cl(aq) —AgCI(s)

When excess Agon is added to solutions of the CeClé NH; and CoC{ - 5 NH; - H,O
complexes, three moles of AgCI are formed for eaoke of complex in solution, as might
be expected. However, only two of the iBhs in the CoGl- 5 NH; complex and only one
of the Clions in CoCJ - 4 NH; can be precipitated with Agons.

+ Measurements of the conductivity of agueous sabstiaof these complexes suggest
that the CoGl- 6 NH and Cod - 5 NH; - H,O complexes dissociate in water to
give a total of four ions. Cogl 5 NH; dissociates to give three ions, and GoCGt
NHj3 dissociates to give only two ions.

Werner explained these observations by suggestatgransition-metal ions such as the
Co®* ion have a primary valence and a secondary valdtmprimary valence is the
number of negative ions needed to satisfy the ehangthe metal ion. In each of the
cobalt(lll) complexes previously described, thrdei@hs are needed to satisfy the primary
valence of the C8 ion.

Thesecondary valence is the number of ions of molecules that are comatgid to the metal
ion. Werner assumed that the secondary valendesdfdnsition metal in these cobalt(lIl)
complexes is six. The formulas of these compouadsliterefore be written as follows.

[Co(NH3)s*][Cl )5 orange-yellow
[Co(NHs)s(H20)*][CI]5  red
[Co(NH3)sCI*][Cl ]2 purple
[Co(NH5)4Cl,'][CI ] green

The cobalt ion is coordinated to a total of siatigs in each complex, which satisfies the
secondary valence of this ion. Each complex alscehtatal of three chloride ions that
satisfy the primary valence. Some of théi@hs are free to dissociate when the complex
dis+solves in water. Others are bound to th& @m and neither dissociate nor react with
Ag.

The [Co(NH)g]Cls complex dissociates in water to give a total afrfions, and all three
Cl"ions are free to react with Agpn.

H,O
[Co(NH)eICl3(9) —» Co(NHs)s™'(aq) + 3 Cl(aq)
One of the chloride ions is bound to the cobath&a [Co(NH;)sCI|Cl, complex. Only three

ions are formed when this compound dissolves iresyand only two Clions are free to
precipitate with Ag ions.



H.O
[Co(NHg)sCII[Cl(s) —» Co(NHs)sCI*(aq) + 2 Cl(aq)

Once again, the three @ns are free to dissociate when [Co@)¥H,0)]Cl; dissolves in
water, and they precipitate whenAigns are added to the solution.

H.O
[Co(NH3)5(H20)ICl3(s) —, Co(NHs)s(H20)* (aq) + 3 Cl(aq)

Two of the chloride ions are bound to the coba[Oa(NH;)4Cl,]Cl. Only two ions are
formed when this compound dissolves in water, arig one Clion is free to precipitate
with Ag” ions.

H,O
[Co(NH3)aCL][CI](S) — Co(NHs)4Cly"(aq) + Cl(aq)
Werner assumed that transition-metal complexegieédite shapes. According to his

theory, the ligands in six-coordinate cobalt(libneplexes are oriented toward the corners
of an octahedron, as shown in the figure below.

=-
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Typical Ligands

Any ion or molecule with a pair of nonbonding etecis can be a ligand. Many ligands are
described amonodentate (literally, "one-toothed") because they "bite" thetal in only
one place. Typical monodentate ligands are giveherfigure below.
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Other ligands can attach to the metal more thae.dathylenediamine (en) is a typical
bidentate ligand.

FHLH
HH IH,

ethyle nediarine (e n)

Each end of this molecule contains a pair of nodbanelectrons that can form a covalent
bond to a metal ion. Ethylenediamine is also amgta of achelating ligand. The term
chelate comes from a Greek stem meaning "claw." It is usedescribe ligands that can
grab the metal in two or more places, the way & glauld.

Linking ethylene- diamine fragments givteglentate ligands andtetradentate ligands,
such as diethylenetriamine (dien) and triethylemateine (trien). Adding four -CHCO,
groups to an ethylenediamine framework givésxadentate ligand, which can single-
handedly satisfy the secondary valence of a tiansietal ion.



Tridertate Ligand:

CHaCH CHaCH
,CH2CHz, - CHaCHo

. digthylenetriaming (dien)
Hal . .P‘.IH JH

Tetradentate Ligand:

CH2CH CHaCH
pTER TR

CHaCH
2N trigthylenetetraarming (trien)
H2 N_. II\IIH .P‘.IH ._NH

Hexadentate Ligand:

- 0. -IOI-
Lo |-
T 10— CCHa CHoC—9
. © MCH2 CHaM " ethylenediaminetetraacetate (EDTA)
1 O— CCHg CHC — O
0. 0.
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Typical Coordination Numbers
Transition-metal complexes have been charactenattdcoordination numbers that range
from 1 to 12, but the most common coordination nerslare 2, 4, and 6. Examples of
complexes with these coordination numbers are givéine table below.

Examples of Common Coordination Numbers

Coordination

Metal lon Ligand Complex NuMmber
Ag' + 2NH; s Ag(NHy),' 2
Ag* + 2507 _ AgCly 2
Ag* + 2Cr —  Ag(S0,),* 2
P + 20AC _. Pb(OAcy 2
cu’ + 2NH; s Cu(NH)," 2
cuw + 4NH; s Cu(NHy)" 4
zn** + 4CN  _ Zn(CN)” 4
Hg** + A4r —  Hgl” 4
co* + 4SCN _. Co(SCN)* 4
Fe + 6H0 _ Fe(H0)™ 6



Fe + 6H0 _ Fe(HO)™ 6
Fe + 6CN  _ Fe(CN)* 6
co* + 6NH; _s CO(NHy)s™" 6
Ni?* + 6NH; s Ni(NHgs™ 6

Note that the charge on the complex is always tine af the charges on the ions or
molecules that form the complex.

CU" + 4 NH; =Cu(NHy)**
PH** + 2 OAC =Pb(OAc)
Fe* + 6 CN =Fe(CN)"

Note also that the coordination number of a compléen increases as the charge on the
metal ion becomes larger.

CU" + 2 NHy =Cu(NHs),"

CU" + 4 NH; =Cu(NHy) >

Practice Problem 2:
Calculate the charge on the transition-metal iothéfollowing complexes.
(a) NaCo(SCN),

(b) Ni(NH3)s(NOs),

(c) KoPtCk

Click here to check your answer to Practice Problé&m
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Lewis Acid-Lewis base Approach to Bonding in Comyss



G. N. Lewis was the first to recognize that thectiem between a transition-metal ion and
ligands to form a coordination complex was analsgouthe reaction between thé &hd
OH ions to form water. The reaction betweehand OH ions involves the donation of a
pair of electrons from the Okbn to the H ion to form a covalent bond.

HY {0—H —wH—0—H

The H ion can be described as@actron-pair acceptor. The OH ion, on the other hand,
is anelectron-pair donor. Lewis argued that any ion or molecule that bebdike the H
ion should be an acid. Conversely, any ion or mdéethat behaves like the Olén should
be a base. Aewisacid is therefore any ion or molecule that can accqgiaof electrons.
A Lewisbaseis an ion or molecule that can donate a pair @ftebns.

When C&" ions react with ammonia, the €don accepts pairs of nonbonding electrons
from six NH; ligands to form covalent cobalt-nitrogen bondsta@wn in the figure below.

NH; w
Haly, | wH;
s
Ho ™ |°“""NH3
MH;

The metal ion is therefore a Lewis acid, and tarids coordinated to this metal ion are
Lewis bases.

o™ + 6MH; == CofMHz,™

election-pair  electron-pair arid-hase
arceptor domor coraplex
(Lewis acid)  (Lewds base)

The Cd" ion is an electron-pair acceptor, or Lewis acikause it has empty valence-shell
orbitals that can be used to hold pairs of elestr@io emphasize these empty valence
orbitals we can write the configuration of the*Cion as follows.



Co®": [Ar] 3d° 45” 4p°

There is room in the valence shell of this ionX8rmore electrons. (Four electrons can be
added to the@®subshell, two to thesdorbital, and six to thepisubshell.) The NH

molecule is an electron-pair donor, or Lewis bageause it has a pair of nonbonding
electrons on the nitrogen atom.

According to this model, transition-metal ions focwordination complexes because they
have empty valence-shell orbitals that can acceips$ ppf electrons from a Lewis base.
Ligands must therefore be Lewis bases: They mughgoat least one pair of nonbonding
electrons that can be donated to a metal ion.
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The rules for naming chemical compounds are estadydi by nomenclature committees of
the International Union of Pure and Applied Chergi$tUPAC).

RULESFOR NAMING COORDINATION COMPLEXES

- The name of the positive ion is written before tlaene of the negative ion.

« The name of the ligand is written before the nafrtb® metal to which it is
coordinated.

« The Greek prefixesono-, di-, tri-, tetra-, penta-, hexa-, and so on are used to
indicate the number of ligands when these ligameselatively simple. The Greek
prefixeshis-, tris-, andtetrakis- are used with more complicated ligands.

« The names of negative ligands always end ias influoro (F), chloro (CI’), bromo
(Br), iodo (I"), oxo (O%), hydroxo (OH), andcyano (CN).

« A handful of neutral ligands are given common narsash asquo (H,O), ammine
(NHj3), andcarbonyl (CO).

« Ligands are listed in the following order: negatiwes, neutral molecules, and
positive ions. Ligands with the same charge atedig alphabetical order.

« The oxidation number of the metal atom is indicdigdh Roman numeral in
parentheses after the name of the metal atom.

. The names of complexes with a net negative chargéneate. Co(SCN)?, for
example, is the tetrathiocyanatocobaltate(ll) MMen the symbol for the metal is
derived from its Latin nameate is added to the Latin name of the metal. Thus,
negatively charged iron complexes are ferratesnagatively charged copper
complexes are cuprates.



Practice Problem 3:
Name the following coordination complexes.
(a) KsFe(CN)

(b) Fe(acag)

(c) [Cr(en}|Cls

(d) [Cr(NH3)s5(H20)][(NO3)s]
(e) [Cr(NHs)4ClZICl

Click here to check your answer to Practice Probl&m
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Cis/Trans Isomers

Isomers are compounds with the same chemical formula ifigrent structures. An
important test ofVerner's theorpf coordination complexes involved the study of
coordination complexes that formed isomers (litgrdequal parts”).

Example: There are two isomers for the CogNBl," complex ion, as shown in the figure
below.

1 B 1 ]
Hafl._ |/1~1H3 H3N>C|<,01
N | HH; HH | HH;

cl NH;

Trans - [Col{NHz,Cl]* s - [Co(NHz,Cl*

The structures of these isomers differ in the dagon of the two chloride ions around the
Cc®" ion. In thetransisomer, the chlorides occupy positions across fone another in the
octahedron. In theis isomer, they occupy adjacent positions. The difiee betweenis
andtransisomers can be remembered by noting that thexareins is used to describe
things that are on opposite sides, agansatlantic or transcontinental .



At the time Werner proposed his theory, only omener of the [Co(NH)4Cl;]Cl complex

was known— the green complex. Werner predicted that a secmder should exist and
his discovery in 1907 of a purple compound withghae chemical formula was a key step
in convincing scientists who were still critical lns model.

Cid/trans isomers are also possible in four-coordinate cengd that have a square-planar
geometry. The figure below shows the structurat®tis andtrans isomers of
dichlorodiammineplatinum(ll). Theisisomer is used as a drug to treat brain tumordemun
the trade nameisplatin. This square-planar complex inserts itself in® ghooves in the
double helix structure of the DNA in cells, whicthibits the replication of DNA. This
slows down the rate at which the tumor grows, wiilbbws the body's natural defense
mechanisms to act on the tumor.

1 WNH 1 WNH
S 3 3
,»-”P< \Pt\/\

HaM 1 cr”x NH;

frans - P{MHz.ClL, ods - PHHHCL,
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Chiral Isomers

Another form of isomerism can be understood by clamsg the difference between
gloves and mittens. One glove in each pair fitdefichand, and the other fits the right
hand. Mittens usually fit equally well on eithemida To understand why, hold a glove and
a mitten in front of a mirror. There is no diffecenbetween the mitten shown in the figure
below and its mirror image. There is a differerfegyever, between the glove and its
mirror image. The mirror image of the glove thad the left hand looks like the glove that
fits the right hand, and vice versa.



Each member of a pair of gloves is the mirror imafjthe other the way the right and left
hands are mirror images of each other. Gloves fihieréave the same property as the
hands on which they are placed. As a result, thegaid to behiral (from the Greek

cheir, hand). By definition, any object that has a nmrifroage that is different from itself is
chiral. The Co(en§" ion is an example of a chiral molecule, which feranpair of isomers
that are mirror images of each other (see figutevide These isomers have almost
identical physical and chemical properties. Theyehthie same melting point, boiling point,
density, and color, for example. They differ oniythhe way they interact with plane-
polarized light.
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Polarized Light and Optically Active Compounds

Light consists of electric and magnetic fields tbstillate in all directions perpendicular to
the path of the light ray. When light is passedtigh a polarizer, such as a lens in a pair of
polarized sunglasses, these oscillations are ceohtim a single plane. Compounds that can
rotate plane-polarized light are said todp¢ically active. Those that rotate the plane of
polarization to the right (clockwise) are said edextrorotatory (from the Latindexter,
"right"). Those that rotate the plane to the letiunterclockwise) arkvorotatory (from

the Latinlaevus, "left"). All chiral compounds are optically acéiyone isomer is
dextrorotatory and the other is levorotatory.
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TheValence-Bond Approach to Bonding
In Complexes

The idea that atoms form covalent bonds by sharaig of electrons was first proposed by
G. N. Lewis in 1902. It was not until 1927, howewdiat Walter Heitler and Fritz London
showed how the sharing of pairs of electrons haldevalent molecule together. The
Heitler-London model of covalent bonds was the $aéthevalence-bond theory. The

last major step in the evolution of this theory s suggestion by Linus Pauling that
atomic orbitals mix to form hybrid orbitals, such thesp, sp?, sp°, dsp®, andd’sp® orbitals.

It is easy to apply the valence-bond theory to soawdination complexes, such as the
Co(NHs)s®" ion. We start with the electron configuration leé transition- metal ion.

co®": [Ar] 3d°
We then look at the valence-shell orbitals and tivdé the 4 and 4 orbitals are empty.
Ca®": [Ar] 3d° 45” 4p°

Concentrating thedelectrons in thely, dy,, anddy, orbitals in this subshell gives the
following electron configuration.

Ca 1|f

3d 45 dp

The 31,2,7, 3d,%, 4s, 4px, 4p, and 4, orbitals are then mixed to form a set of emqffigp’
orbitals that point toward the corners of an oatlsbe. Each of these orbitals can accept a
pair of nonbonding electrons from a neutralNkblecule to form a complex in which the
cobalt atom has a filled shell of valence electrons

CofNH; 3™ 1|r ]|r ]|r 1|r ]|r _1|r_
id s 4p




Practice Problem 4:

Use valence-bond theory to explain why Fens form the Fe(CN} complex ion.

Click here to check your answer to Practice Problédm

At first glance, complexes such as the Nigh# ion seem hard to explain with the
valence-bond theory. We start, as always, by vgitive configuration of the transition-
metal ion.

Ni*: [Ar] 3d®
This configuration creates a problem, because thereight electrons in the 8rbitals.

Even if we invest the energy necessary to paiBthelectrons, we can't find two emptg 3
orbitals to use to form a set dfsp® hybrids.

Hi**: ” 1| ” ”

3d 45 dp

There is a way around this problem. The figdeofbitals on nickel are empty, so we can
form a set of emptgp’d® hybrid orbitals by mixing thedy®.,?, 4d,%, 4s, 4px, 4p, and 4,
orbitals. These hybrid orbitals then accept pdirsombonding electrons from six ammonia
molecules to form a complex ion.

womes b 4 T T T

3d s dp 4d
The valence-bond theory therefore formally distisgas between "inner-shell" complexes,

which use 8, 4s and 4 orbitals to form a set afsp® hybrids, and "outer-shell”
complexes, which uses44p and 41 orbitals to formsp®d® hybrid orbitals.
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Crystal Field Theory



Octahedral Crystal Tetrahedral Crystal Square Planar

Fields Fields Complexes
The Spectrochemical High-Spin Versus Low-Spin Octahedral
Series Complexes

At almost exactly the same time that chemists wexeloping the valence-bond model for
coordination complexes, physicists such as HanseBdbhn Van Vleck, and Leslie Orgel
were developing an alternative knowncagstal field theory. This theory tried to describe
the effect of the electrical field of neighborirans on the energies of the valence orbitals
of an ion in a crystal. Crystal field theory wavel®ped by considering two compounds:
manganese(ll) oxide, MnO, and copper(l) chlorideCC

Octahedral Crystal Fields

Each Mrf* ion in manganese(ll) oxide is surrounded by sixi@hs arranged toward the
corners of an octahedron, as shown in the figul@beMnO is therefore a model for an
octahedral complex in which a transition-metal ion is coomtigd to six ligands.

What happens to the energies of ts@dd 4 orbitals on an Mfi ion when this ion is
buried in an MnO crystal? Repulsion between elesttbat might be added to these
orbitals and the electrons on the si% iOns that surround the metal ion in MnO increase
the energies of these orbitals. The thrp@rbitals are still degenerate, however. These
orbitals still have the same energy because emdbital points toward two Dions at the
corners of the octahedron.

Repulsion between electrons on théiBns and electrons in thel 8rbitals on the metal
ion in MnO also increases the energy of thesealghiBut the five 8 orbitals on the Mfi
ion are no longer degenerate. Let's assume thaixi@& ions that surround each Kfrion
define anXYZ coordinate system. Two of the 8rbitals (212,” and 21,%) on the MA" ion
point directly toward the six Dions, as shown in the figure below. The otherdhubitals
(3dky, 30k, and 3ly,) lie between the Bions.
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The energy of the fivedBorbitals increases when the siX @ns are brought close to the
Mn?* ion. However, the energy of two of these orbitats’, and 31,%) increases much
more than the energy of the other thre(33dy,, and 3l,;), as shown in the figure below.
The crystal field of the six Hions in MnO therefore splits the degeneracy offitre 3d
orbitals. Three of these orbitals are now lowegmergy than the other two.
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By convention, thel,y, dy,;, anddy, orbitals in an octahedral complex are calledtthe
orbitals. Theds”,? andd,? orbitals, on the other hand, are calledeherbitals.



The easiest way to remember this convention i®te that there are three orbitals in the
set.

t29: dxy, dxz, anddyz eg dxz_yz andd22

The difference between the energies oftfhande, orbitals in an octahedral complex is
represented by the symbaj. This splitting of the energy of thteorbitals is not trivial A,
for the Ti(HO)s>" ion, for example, is 242 kJ/mol.

The magnitude of the splitting of thg ande, orbitals changes from one octahedral

complex to another. It depends on the identitynefretal ion, the charge on this ion, and
the nature of the ligands coordinated to the netal
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Tetrahedral Crystal Fields

Each Ctiion in copper(l) chloride is surrounded by four iBhs arranged toward the
corners of a tetrahedron, as shown in the figulevheCuCl is therefore a model for a
tetrahedral complex in which a transition-metal ion is coomtied to four ligands.

CT
|

Cu* -
SR
Cl o

Once again, the negative ions in the crystal §pditenergy of the atomic orbitals on the
transition-metal ion. The tetrahedral crystal fisfdits these orbitals into the satagand
gy Sets of orbitals as does the octahedral crysthl.fi

t29: dxy, dxz, anddyz eg dxz_yz andd22

But the two orbitals in they set are now lower in energy than the three osbitathetyg
set, as shown in the figure below.
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To understand the splitting dforbitals in a tetrahedral crystal field, imagioef ligands
lying at alternating corners of a cube to formteateedral geometry, as shown in the figure
below. Thed,”,? andd,” orbitals on the metal ion at the center of theeciigs between the
ligands, and thely, dy,, anddy, orbitals point toward the ligands. As a resulg $iplitting

observed in a tetrahedral crystal field is the @ieoof the splitting in an octahedral
complex.

B

Because a tetrahedral complex has fewer ligandantignitude of the splitting is smaller.
The difference between the energies oftghande, orbitals in a tetrahedral complex{
is slightly less than half as large as the sptitimanalogous octahedral complexas)(

A =g Ao
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Square-Planar Complexes

The crystal field theory can be extended to sqpéaear complexes, such as Pt(Cl,.
The splitting of thed orbitals in these compounds is shown in the fidiglew.
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The Spectrochemical Series

The splitting ofd orbitals in the crystal field model not only dedsron the geometry of the
complex, it also depends on the nature of the ni@talthe charge on this ion, and the
ligands that surround the metal. When the geongatdythe ligands are held constant, this
splitting decreases in the following order.

Pt > Ir** > R > Co™ > Ccrt > Feé¥' > Fé* > Co®* > Ni%* > Mn?*

strong-field ligands weak-field ligands

Metal ions at one end of this continuum are cadteohg-field ions, because the splitting
due to the crystal field is unusually strong. lahshe other end are knownwasak-field
ions.

When the geometry and the metal are held congtensplitting of thel orbitals decreases
in the following order.

COg CN > NO; >NH3; >-NCS >H,O0>0H F -SCN[7CI>Br



strong-field ligands weak-field ligands

Ligands that give rise to large differences betwienenergies of thigy andey orbitals are
calledstrong-field ligands. Those at the opposite extreme are knowweak-field ligands.

Because they result from studies of the absor@j@ctra of transition-metal complexes,
these generalizations are known asqfeetr ochemical series. The range of values affor
a given geometry is remarkably large. The valuags 100 kJ/mol in the Ni(pD)e>* ion,
for example, and 520 kJ/mol in the Rh(GNjon.
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High-Spin Versus Low-Spin Octahedral Complexes

Once we know the relative energies of tharbitals in a transition-metal complex, we have
to worry about how these orbitals are filled. Degyate orbitals are filled according to
Hund's rules.

« One electron is added to each of the degeneraitalsrim a subshell before a
second electron is added to any orbital in thelseibs

- Electrons are added to a subshell with the samee\aflthe spin quantum number
until each orbital in the subshell has at leastelgetron.

Octahedral transition-metal ions with, d? ord® configurations can therefore be described
by the following diagrams.

When we try to add a fourth electron, we are fagd a problem. This electron could be
used to pair one of the electrons in the lower @nésg) set of orbitals or it could be placed
in one of the higher energgy} orbitals. One of these configurations is caltégh-spin



because it contains four unpaired electrons wighstime spin. The other is called/-spin
because it contains only two unpaired electrons. Sdme problem occurs with octahedral
d°, d®, andd’ complexes.

Loar-gpin High-spin

PR 20 T SR

FEE T T T

For octahedrat®, d°, andd*® complexes, there is only one way to write satisiac
configurations.
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As a result, we have to worry about high-spin velsw-spin octahedral complexes only
when there are four, five, six, or seven electiarthed orbitals.

The choice between high-spin and low-spin confitjons for octahedrad®, d°, d®, ord’
complexes is easy. All we have to do is comparesttezgy it takes to pair electrons with
the energy it takes to excite an electron to tighér energye) orbitals. If it takes less
energy to pair the electrons, the complex is lowgpit takes less energy to excite the
electron, the complex is high-spin.

The amount of energy required to pair electrorthiét,y orbitals of an octahedral complex
is more or less constant. The amount of energyetetalexcite an electron into the higher
energy €y) orbitals, however, depends on the valuagfor the complex. As a result, we
expect to find low-spin complexes among metal iand ligands that lie toward the high-
field end of the spectrochemical series. High-gmmplexes are expected among metal
ions and ligands that lie toward the low-field exidhese series.



Loar-gpin High-spin
d*

Compounds in which all of the electrons are paestliamagnetic — they are repelled by
both poles of a magnet. Compounds that contairoongore unpaired electrons are
paramagnetic — they are attracted to the poles of a magnet. Tiwe fof attraction
between paramagnetic complexes and a magnetidgigidbportional to the number of
unpaired electrons in the complex. We can theredetermine whether a complex is high-
spin or low-spin by measuring the strength of titeriaction between the complex and a
magnetic field.

Practice Problem 5:

Explain why the Co(NB)s>* ion is a diamagnetic, low-spin complex, whereasGok>

ion is a paramagnetic, high-spin complex.

Click here to check your answer to Practice Probl&m
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Ligand-Field Theory

Thevalence-bond modeind thecrystal field theoryexplain some aspects of the chemistry
of the transition metals, but neither model is gabgredicting all of the properties of
transition-metal complexes. A third model, basednmtecular orbital theory, was therefore




developed that is known &gand-field theory. Ligand-field theory is more powerful than
either the valence-bond or crystal-field theorigsfortunately it is also more abstract.

The ligand-field model for an octahedral transitroetal complex such as the Co(N$"*
ion assumes that thel,34s, and 4 orbitals on the metal overlap with one orbitaleach of
the six ligands to form a total of 15 molecularitats, as shown in the figue below.
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Six of these orbitals at@nding molecular orbitals, whose energies are much lower than
those of the original atomic orbitals. Another aneantibonding molecular orbitals, whose
energies are higher than those of the original et@mbitals. Three are best described as
nonbonding molecular orbitals, because they have essentially the same enetbg &3
atomic orbitals on the metal.

Ligand-field theory enables thel,34s, and 4 orbitals on the metal to overlap with orbitals
on the ligand to form the octahedral covalent bskeleton that holds this complex
together. At the same time, this model generaset af five orbitals in the center of the
diagram that are split intgy andey subshells, as predicted by the crystal-field thieAs a
result, we don't have to worry about "inner-sheéifsus "outer-shell" metal complexes. In
effect, we can use thel®rbitals in two different ways. We can use therfoton the
covalent bond skeleton and then use them agaworto the orbitals that hold the electrons
that were originally in the®orbitals of the transition metal.



