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PART 11 
THE COVALENT BOND

I. VALENCE BOND METHOD

The discussion of the structure of covalent bonds will be based on the theory of valence bond method, developed by L.Pauling. Another method, called molecular orbital method is developed as well. In some cases the results of molecular orbital method are more precise, but the method of valence bonds is more simple in explanation.

The main thesis of the method of valence bonds are as follows:

1) the covalent bond is carried out  by a pair of electrons having opposite spins and this pair of electrons is common to both atoms that are linked by the bond,

2) the pair of electrons is formed in such a way, that electron orbitals of both atoms overlap, and the greater is the overlap, the stronger is the bond,

3) as a result of orbital overlap a zone of an increased electron density between the nuclei of both atoms is formed and this increased electron density zone shields the repelling forces of the two nuclei, 
4) the bond, thus formed, is saturated, which means, that not more than two electrons can be located on one bond (as well as no more than two electrons can occupy one atomic orbital).

5) each bond has a definite spatial orientation - the bond is formed in that direction, in which the possibility for overlap of atomic orbitals is maximal.

II. THE NUMBER OF COVALENT BONDS, FORMED BY AN ATOM

To understand, what chemical compounds can be formed by a given element, one has to know the answers to the following questions:

- how much covalent bonds can the atom of the given element form? 
- why i the same atom can form different numbers of bonds in different compounds ?
For instance, why carbon can have 2 or 4 covalent bonds, but not 1 or 3?

This can be explained, using the electron configurations of the atom.

In general, any given atom of a chemical element can form bonds with other atoms, using two different mechanisms:

- the exchange mechanism, which means, that each of the two atoms gives one unpaired electron to form the common electron pair, see chapter II.1.(bond formation by means of exchange mechanism is the most common case),

- the donor-accepter mechanism, which starts working after the atoms have used up all their unpaired electrons. If the bond is formed by means of donor-accepter mechanism, one of the atoms supplies a pair of electrons, but the other one - just an empty orbital. See chapter II.2. for more detailed discussion of donor-accepter mechanism.

II.1 THE NUMBER OF BONDS FORMED BY MEANS OF THE EXCHANGE MECHANISM 
(THE USUAL VALENCE OF AN ELEMENT)

In the usual way of covalent bond formation a covalent bond is formed between two atoms, each of them having an unpaired electron. The atomary orbitals, at which these unpaired electrons are localized overlap, forming a molecular orbital  and the two electrons form an electron pair, which starts to move along the molecular orbital.

The number of covalent bonds, that can be formed by a given sort of atoms, can be found as follows.

1) First, any atom can form the number of covalent bonds, equal to the number of unpaired electrons.

Let us take, for example, carbon. It has 4 electrons in the outer energetic level and its electron configuration for the outer level is 2s22p2. These electrons are placed in orbitals as follows: C [image: image1.wmf][image: image2.wmf][image: image3.wmf][image: image4.wmf] According to Hund’s  law, if several equal orbitals exist (as three p‑orbitals in this case), they are filled with electrons in such a way, that, first, one electron is placed in each orbital and only after that the second electron can be added to the orbitals. For this reason, a hypothetical electron structure of carbon 
C [image: image5.wmf] [image: image6.wmf][image: image7.wmf][image: image8.wmf] would be wrong - there are two p‑electrons in the atom of carbon and each of them has to be positioned in different p‑orbital. 
Thus, carbon can have a valence 2, because each of the unpaired electrons can be used for formation of a bond.

As well, nitrogen, having electron configuration N 2s22p3 or 
N [image: image9.wmf] [image: image10.wmf][image: image11.wmf][image: image12.wmf] has 3 unpaired electrons and can therefore form three covalent bonds.

2) When all the unpaired electrons are used for bond formation, the atom can expand its covalence by unpairing of the paired electrons, if it still has a free orbital.

For instance, an atom of carbon has 2 unpaired s‑electrons at the ground state, therefore it can absorb a little amount of energy, which is used to form an excited state of the atom, in which one of the s‑electrons is brought to the free p‑orbital. The electron configuration of the excited state therefore looks as follows: C* [image: image13.wmf] [image: image14.wmf][image: image15.wmf][image: image16.wmf]
Now this excited state of carbon atom has 4 unpaired electrons and can therefore form four bonds. For instance, in methane CH4 all the four orbitals of carbon overlap with orbitals of H atoms, forming 4 covalent bonds. 
An atom of boron, which has a ground state configuration B 2s22p1, can form one bond in ground state (as it has just one unpaired p‑electron at the ground state, but after absorption of a little amount of energy boron forms an excited state with 3 unpaired electrons:

B* [image: image17.wmf] [image: image18.wmf][image: image19.wmf][image: image20.wmf], thus becoming able to form 3 covalent bonds. 
Now one can understand, why carbon can have valences 2 and 4, but not, for instance 3. Boron, at the same time, can express valences 1 and 3, but not 2.

Nitrogen cannot expand its valence by unpairing its pair of s‑electrons, because it has no free orbitals left. Its electron configuration can be 
N* [image: image21.wmf] [image: image22.wmf][image: image23.wmf][image: image24.wmf] only, therefore nitrogen in this ordinary way can have just one valence 3 .

II.2.EXPANDED VALENCE

Besides the possibility of bond formation by use of already unpaired electrons or by unpairing of the electron pairs, the valence of an atom can be expanded by means of formation of the so-called donor-accepter bond (also called coordinative bond  or dative bond ).

The formation of donor-accepter bond is different from the formation of ordi​nary covalent bonds. The ordinary (exchange mechanism) covalent bonds are formed in such a way, that each of the atoms, linked by the bond, gives one un​paired electron and one orbital. 
In the case of donor-accepter bond one of the atoms gives a pair of electrons, which is localized on one of its orbitals, but the other one - just an empty orbital. The overlap is established between the empty orbital of one atom and an orbital, already containing 2 electrons of the other atom. As well as in the previous case, both electrons become common to both of the atoms.

For instance, an atom of nitrogen, can form 3 ordinary covalent bonds with 3 atoms of hydrogen, forming a molecule of ammonia:
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After that a pair of unshared electrons still remains unused in the atom of nitrogen (therefore, a molecule of ammonia is sometimes written as [image: image26.wmf]NH

3

 showing the unshared pair of electrons as a pair of dots. Now, if a particle, having a free (unoccupied) orbital is present, a donor-accepter bond can be formed between nitrogen atom and this particle. Such a particle can be, for instance, an H+ ion (not any more a hydrogen atom, because there is an electron on 1s‑orbital of hydrogen atom) - it has lost its only electron and therefore its 1s‑orbital is empty. Now the unshared pair of electrons, belonging to the atom of N can be placed into the free orbital of hydrogen ion H+:
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Thus, an ammonium ion [image: image28.wmf]NH
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  is formed by means of donor-accepter bond.

A different example of donor-accepter bond formation is the formation of bond between a molecule BF3 and F- ion.

When an atom of boron reacts with 3 atoms of fluorine to form the molecule of BF3 it reacts from its excited state and uses one s‑electron and two p‑electrons and the appropriate orbitals overlap with the orbitals of three fluorine atoms: 
[image: image29.wmf]B                           + 3 F
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Note, that one of the three p‑ orbitals, which is empty, still remains unused after formation of BF3  molecule. This empty orbital can be used for formation of a donor-accepter bond with a particle, that has an unshared electron pair. Such a particle is F- ion, in which fluorine has 8 electrons, situated on one 2s‑ and all three 2p‑ orbitals, therefore fluoride ion in fact has four unshared pairs of elec​trons and its electron configuration looks as follows:[image: image30.wmf]F                          

-


A fluoride ion can react with a BF3 molecule and insert one of its unshared electron pair into the empty orbital of boron, thus forming a [image: image31.wmf]BF

4

-

.ion.Fluorine can use only one of its unshared electron pairs for such a reaction, because these four pairs are oriented along four different spatial directions and therefore only one of them can be turned towards the atom of boron, or any other atom, forming a bond with F- at a time  
To make the schematic illustration of [image: image32.wmf]BF
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. ion formation simpler, just one out of the four unshared electron pairs of F- ion is shown:

[image: image33.wmf]-

B

F

F

F

+F

-

B

F

F

F

F

or 

     BF            + F                         BF

3

4

-

-


After formation of the donor-accepter bond there is no difference between the four H atoms in the [image: image34.wmf]NH
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 ion and, as well there is no difference between the four F atoms in [image: image35.wmf]BF
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 ion (structures of both ions are completely symmetric), and the charge of the ion (“plus” in [image: image36.wmf]NH
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 and “minus” in [image: image37.wmf]BF
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) is localized on the central atom (N or B respectively), but not any more on hydrogen in [image: image38.wmf]NH
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 or fluorine in [image: image39.wmf]BF
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.

One more important feature of the donor-accepter bond is, that an atom can expand its valence and donor-accepter bond can be formed after all the possibilities of bond formation by means of the more ordinary exchange mechanism are used.
Thus, the sequence of bond formation by a single given atom is as follows:

- first, the already unpaired electrons of the atom are used for formation of ordinary (exchange mechanism) covalent bonds,

- second, if there still are unused electron pairs and empty orbitals when all the already unpaired electrons are used for bond formation, the atom can form more bonds from its excited states. Excited states can be formed, if small amounts of energy are supplied to the atom and this energy is used to bring one electron from an orbital, occupied by an unused electron pair to an empty orbital. The number of unpaired electrons is thus increasing and the atom becomes able to form more bonds.,

- third, when both these possibilities of bond formation (both of them belong to exchange mechanism) and the atom still has an unshared electron pair or an empty orbital, the donor-accepter mechanism can start working and more bonds can be formed using unshared electron pairs (the atom acts as a donor in such a case) or the empty orbitals (the atom  acts as an accepter).

Now, finally, we can find out, how the maximal valence  of a given atom can be determined. When we consider the maximal covalence of the atom both the “normal” and the expanded (donor-accepter) valence are taken into account. 
If an atom still has an unshared pair of electrons after formation of all possible “normal” bonds, it can act as a donor and combine with a particle, that has a free orbital (as nitrogen at formation of ammonium ion). If, in the contrary example, an atom still has free orbitals after the formation of all the possible “normal” bonds, it can act as an accepter and accept the unshared electron pairs of other particles to its remaining free orbitals.

In such a way, all of the outer electron shell orbitals of the given atom can be used for bond formation (part of them - for formation of usual -exchange mecha​nism- covalent bonds and part - for formation of donor-accepter bonds), therefore:

the maximal covalence of any atom is equal to the number of orbitals in the outer electron level.
(In our previous examples N and B both are 2nd row elements, that have four orbitals in the outer level one 2s orbital and three 2p‑orbitals. As we saw, both of the elements can express covalence 4 in the compounds [image: image40.wmf]NH
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 and [image: image41.wmf]BF
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., the differ​ence between these two cases being, that N has acted as a donor, but B as an accepter.)

II.3. FINDING OF THE POSSIBLE VALENCES AND MAXIMAL VALENCE FOR ELEMENTS OF DIFFERENT ROWS OF THE PERIODIC SYSTEM

As we saw in the previous chapter, the maximal valence of an element is equal to the number of orbitals in the outer electron shell Other possible valences of a given element depend on the number of electrons in the outer shell and the possibility of their unpairing.

II row elements

We have already discussed the valences of B and N.

The possible valences of Li.  Li has electron configuration 2s12p0 or Li [image: image42.wmf] [image: image43.wmf][image: image44.wmf][image: image45.wmf]
As one can see, the only “usual” valence of Li can be equal to 1, where the only electron of the outer level is used. By means of expanded valence Li must be able to be 4-valent. 
This can be seen on the example of Li+ ion hydration: Li+ ion has 4 free orbitals (as the only electron is already lost). Each water molecule has two unshared electron pairs, which belong to oxygen atom, because, when a molecule of H2O is formed, the two unpaired electrons of O atom are used, but two unshared pairs of electrons remain at the atom of oxygen: 
[image: image46.wmf]O                   + 2H
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When forming the hydration complexes of metal ions, each of the water molecules can use one of its two unshared electron pairs to form a donor-accepter bond with the metal ion. Just one and not both unshared pairs can be used because the orbitals, in which these electron pairs are positioned, are situated along two different spatial directions and just one of them can be turned against the metal ion at a time - i.e. the reasons are the same than in the case of fluoride ion, discussed above.

When Li+ ion forms a hydration complex with water, it can bind 4 molecules of water, each of them inserting one of the unshared electron pairs of oxygen atom into a free orbital of Li+ ion. 
Possible valences of Be. Beryllium at the ground state has an electron configu​ration 2s22p0 or Be [image: image47.wmf] [image: image48.wmf][image: image49.wmf][image: image50.wmf]. This means, that at the ground state Be cannot form any bonds, because it has no unpaired electrons. Absorbing a little amount of energy, an atom of Be forms an excited state, which has 2 unpaired electrons:

Be [image: image51.wmf] [image: image52.wmf][image: image53.wmf][image: image54.wmf].[image: image55.wmf]®
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 [image: image56.wmf] [image: image57.wmf][image: image58.wmf][image: image59.wmf]. 
Now Be can be bivalent using the “usual” valence and use its remaining two free orbitals to be an accepter, thus expanding its valence up to 4.

Possible valences of O. Oxygen has an electron configuration 2s22p4, or O [image: image60.wmf] [image: image61.wmf]. As one can see, it has 2 unpaired electrons, therefore its “usual” valence is 2. After using of the two unpaired electrons two unshared electron pairs still remain, therefore O can expand its valence up to 4, acting as a donor  (inserting its unshared pairs into the empty orbitals of other atoms).

Possible valences of F. Fluorine has electron configuration 2s22p5 or F [image: image62.wmf] [image: image63.wmf] As one can see, its only “usual” valence is 1, when the only unpaired electron is used. After that, an atom of F can expand its valence up to 4, using its three unshared electron pairs.

III row elements

The situation with III row elements is much more interesting, than with II row ones. III row elements have the value of principal quantum number n = 3., This means, that in the outer level 3 different types of orbitals - s, p, and d‑orbitals must be present. 
At the same time, 3d orbitals are filled with electrons only in the 4th row, because the energy of 4s sub-level is lower, than the one of 3d sub-level. Therefore the five 3d‑orbitals are present in 3rd row elements, but they are empty, and can therefore be used for unpairing of electrons from 3s or 3p sub-levels of third row elements. 
The quantum rules allow the III row elements to use only two out of five 3d‑orbitals for these purposes, but for the 4th row elements already all five 3d‑orbitals can be used.

According to this, the maximal valence of IIIrd row elements is equal to 6, as one 3s, all three of 3p and two of 3d‑orbitals can be used for bond formation: 
[image: image64.wmf]s
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The usual valences of Na and Mg are just 1 and 2 respectively, since these ele​ments have 1 and 2 electrons in the outer level. Using the expanded valence, in some cases these elements can express a valence up to 6, combining with particles, which are able to use their unshared electron pairs. So, for instance, the hydration complexes [Na(H2O)6]+and [Mg(H2O)6]2+ are possible.

Aluminum Al  has an electron configuration 3s23p1 in the ground state.At formation of usual bonds aluminium atom looses its 3 electrons, forming ion Al3+ and having, therefore a valence 3. Al3+ ion has now 6 empty orbitals: Al3+ [image: image65.wmf] [image: image66.wmf][image: image67.wmf][image: image68.wmf] [image: image69.wmf][image: image70.wmf][image: image71.wmf][image: image72.wmf][image: image73.wmf]. Acting as an accepter, it can react with 6 particles, which have unshared electron pairs, for instance, six OH- ions: 
Al3+ + 6OH- => [Al(OH)6]3-
Silicon, Si has a ground state electron configuration [image: image74.wmf]p
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 or Si 3s23p23d0 can, first, be bivalent, using its two unpaired 3p electrons.

Absorption of a little amount of energy, Si atom can form an excited state, in which one of the 3s-electrons is brought to the empty 3p orbital. The atom of Si becomes 4-valent in such a way:
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Using the two allowed 3d‑orbitals, Si can expand its valence up to 6, acting as an accepter.

Phosphorus P has a ground state electron configuration 3s23p33d0 or P [image: image76.wmf] [image: image77.wmf][image: image78.wmf][image: image79.wmf].As one can see, the first possible valence is 3, using the already unpaired electrons. An atom of phosphorus can expand its valence further, using the empty 3d‑orbitals for unpairing of the electrons from 3s sub-level:
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At the excited state phosphorus is 5-valent by the “usual” valence and can expand its valence to 6, using one more 3d‑orbital for formation of a donor-accepter bond. This, particularly, explains, why phosphorus can have both 
met phosphoric acid HPO3 and orthophosphoric acid H3PO4, while its 2nd row “brother” nitrogen has only a meta- acid HNO3 and cannot form an ortho-acid. The thing is, that nitrogen, as a 2nd‑row element can have valence only up to 4.
Sulfur, S has a ground state electron configuration 3s23p43d0 or:[image: image81.wmf]S


As one can see, the first possible valence of a sulfur atom is 2, using the already unpaired 3s‑electrons. Valence 2 is observed in compounds like H2S.

For unpairing of the 3p electrons, the sulfur atom can use the two allowed empty 3d orbitals. The first excited state is obtained, if one of the 3p electrons is brought to a 3d‑orbital:
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In this first excited state S atom has 4 unpaired electrons and is thus 4-valent, that is observed, for example in SO2.

If the first excited state can be excited further to the second one. Then one more electron from the 3s sub-level is brought to the other allowed 3d‑orbital:
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and now sulfur can be 6-valent. Valence 6 of sulfur can be seen in SO3  As the transfer of an electron from 3s‑level to 3d‑level is more difficult, than from 3p‑level, one can understand, why SO3 is much more difficult to form, than SO2. In fact, a direct combustion of sulfur leads to SO2 formation, and some special conditions - presence of a catalyst, high pressure, etc. are required to oxidize sulfur till SO3.
Let us compare S to its 2nd row “brother” oxygen . Oxygen cannot bring electrons to d‑orbitals, as there are no d‑orbitals in the 2nd electron energetic level, therefore its only “usual” valence is 2 and it can be expanded to 4 by forma​tion of donor-accepter bonds. 
Chlorine  Cl at its ground state has an electron configuration 3s23p53d0 or 
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Thus, the first “usual” valence of Cl is 1 (for example in HCl), using the only already unpaired electron. At the first excited state one of the 3p electrons of Cl atom is brought to 3d sub-level and now Cl can be trivalent (for example, in Cl2O3 or HClO2):
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At the second excited state another electron from 3p sub-level is brought to 3d‑orbital:
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and now chlorine becomes 5-valent by use of “usual” valence.

As there are no more possibilities to unpair the electrons (remaining three 3d‑orbitals are not allowed to use for 3rd row elements), a further expansion of valence can be carried out only by donor-accepter bond and Cl  can become 6-valent, acting as a donor - inserting its unshared electron pair from the 3s orbital into an empty orbital of another particle.

Here one comes to an interesting question: if the maximal valence of chlorine is 6, how can chlorine form a compound like HClO4, which could formally be expressed by a hypothetical structure
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in which Cl seems to be 7-valent (one can count 7 bonds between the atom of chlorine and the four atoms of oxygen). In fact, one of the electrons of chlorine is completely transferred to atom of oxygen (i.e.one of the bonds is ionic) and the real structure of HClO4 is:
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in which the atom of Cl is 6-valent (count the number of bonds!). The negative charge of oxygen is shared between all the four oxygen atoms and is not localized on one particular atom.

IV row elements

4th-row elements are not going to be discussed in detail. Let us mention only, that, starting from the 4th row, the elements are allowed to use all the five 4d‑orbitals for expansion of valence, therefore the maximal valence of 4-row ele​ments is 9: they can use one s-, three p- and all five d-orbitals.

For this reason Br in HBrO4 can really have a valence 7, as its 4s electrons can be unpaired at the 3rd excited state (the first two excited states and the ground state configuration of Br are absolutely similar to the ones of Cl):
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The other 4th row elements can be divided into 2 parts. Elements of 4th row K, Ca, Ga, Ge, As, Se and Br are analogous to elements Na, Mg, Al, Si, P, S and Cl respectively in the 3rd row, because their electron configurations include s, and p electrons only and are therefore similar to the ones of the appropriate 3rd row elements. The properties of elements Sc, Ti, V, Cr, Mn, Fe, Co, Ni, Cu and Zn are specific, because d electron sub-level is gradually filled while passing from Sc to Zn (these elements are called d-elements therefore) and this influences the properties of elements to a great extent. The rules for determination of the possible valences of d-elements are sometimes rather specific and are not going to be discussed at this point.

III.SPATIAL ORIENTATION OF THE COVALENT BOND

When a covalent bond is formed between two atoms, these atoms are situated in space in such a way, that the orbitals, which contain the unpaired electrons can overlap. Both electrons, which originally belonged to the two different atoms, become common to both atoms. In other words, both electrons start to move along both overlapping orbitals. 
For better shielding of the repulsive forces of both nuclei the overlap of atomic orbitals always occurs in that spatial direction, in which the maximal overlap can be achieved.

There are several different possibilities how the atomic orbitals can overlap.

III.1  - (sigma) bond

If the overlap of atomic orbitals occurs directly along the straight line, which connects both nuclei, the bond is called ‑ bond (sigma bond)  
A sigma bond can be carried out in 3 different ways:

1) if both of the overlapping orbitals are s‑orbitals, for instance, if the bond is formed between two hydrogen atoms (H atom has an electron configuration 1s1 or H[image: image90.wmf]):

[image: image91.wmf]H
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Fig.11.1. A -bond formed of two s-orbitals

In this case the bond is called s-s bond.

2) the overlap zone is positioned on the line, connecting nuclei of both atoms as well, if an s‑orbital of one atom overlaps with a p‑orbital of the other atom, like, for instance, in a molecule of HBr (H has 1s orbital only, Br has an electron con​figuration 4s24p5 or Br [image: image92.wmf] [image: image93.wmf][image: image94.wmf][image: image95.wmf]., hence, to form the bond 1s orbital of H overlaps with that one of the 4p orbitals of Br, which contains the unpaired electron ):

[image: image96.wmf]
Fig.11.2. A bondformed of one s-and one p-orbital 
In this case the bond is called s-p bond.

3) If both atoms have their unpaired electrons positioned on their p orbitals, like in a molecule of Br2, these p‑orbitals can also overlap along the line, connecting nuclei and a ‑bond is formed:

[image: image97.wmf]Br           Br


Fig.11.3. A bond formed of two p-orbitals.

In this case the formed bond is named p‑p bond.

If one compares the strength of these 3 different types of ‑bond, one finds out, that the strongest one is p‑p bond and the weakest one is s‑s bond.

The reason for this phenomenon is, that in the spherical s‑orbitals the electron density is spread evenly through all the volume of sphere, but in the “dumb-bell” shaped p‑orbitals the maximum electron density is formed at the ends of orbital. As the ends of p-orbitals overlap at p‑p bond formation, the overlap in this case is greater, than in s‑s bond and, consequently, the strength of p‑p bond is greater, too.

III.2. ‑(pi) bond

The bond can also be formed in such a way, that the overlap zone is not posi​tioned directly on the line, which connects the atomic nuclei. This happens in the case if double and triple bonds are formed between the same two atoms. Then one of the p orbitals of both atoms is already used for ‑ bond  formation. As the other two p‑orbitals are positioned along the directions, perpendicular to the straight  line which connects both nuclei, the p‑orbitals of 2 atoms can overlap by their sides, and not by their ends. As one can see, two overlap areas are formed in such a case:

[image: image98.wmf]
Fig.11.4. A ‑bond.

‑bond is always less strong, than any of the mentioned kinds of ‑bond for the two following reasons:

1) as the overlap areas are situated outside the line, which joins the atomic nuclei, the overlap area provides a smaller shielding of the repelling forces, that act between the two positively charged atomic nuclei,

2) as the sides and not ends of the two p‑orbitals overlap, and electron density at the sides of orbitals is lower than at their ends, the total electron density in the two overlap areas is smaller, than in the case of ‑bonds.

IV.VALENCE ANGLE

The angle between the directions of two different bonds, formed by the same atom, is called valence angle. 
So, for instance, in a H2O molecule the valence angle is the angle between both O-H bonds.

The value of valence angle is, at first, predicted, by the angles between the two orbitals of the “central” atom, which are used for bond formation. For instance, in H2O molecule oxygen has used its p orbitals,that overlap with 1s orbitals of the hydrogen atoms, when H2O molecule is formed. 
Thus, it seems, that the valence angle  ( - letter “teta” in the Greek alphabet) in water molecule must be 90°, as the p‑orbitals are perpendicular to each other.

In fact, the valence angle depends on the electronegativities of the two atoms, linked by the bond. As oxygen is a more electronegative element than hydrogen, the atom of O in the molecule of H2O has a partly negative charge, while both hydrogen atoms have partly positive charges. This causes a repelling force between the two partly positively charged hydrogen atoms, therefore the actual valence angle in water molecule is 104o-  i.e.it becomes somewhat greater, than 90o:
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Fig.11.5. Valence angle in water molecule.

To prove, that the difference in electronegativities is the real reason why the valence angles in molecules are not exactly the same than the angles between atom​ary orbitals of the central atom, see table 1, where the differences in relative elec​tronegativities and valence angles are shown for three similar molecules H2O, H2S and H2Se.

Table 11.1.
REN and valence angle in H2O, H2S and H2Se

	
	∆REN
	

	H2Se
	0.25
	91°

	H2S
	0.55
	92.5°

	H2O
	1.35
	104°


As one can see, the greater is the difference of electronegativities, the broader becomes valence angle.

V.HYBRIDIZATION OF ATOMARY ORBITALS

In many cases, when an atom forms several bonds with several other atoms and is using different electron orbitals for this, the bonds are found to be identic and the valence angles equal. For instance, when forming a molecule of BF3 the atom of boron uses the three electrons, which are situated on its only 2s‑orbital and two of its 2p‑orbitals (it is forming bonds with F from its excited state Br* [image: image100.wmf] [image: image101.wmf][image: image102.wmf][image: image103.wmf].). It seems, that two of the formed bonds between the atom of B and the three atoms of F should be identic (as they are formed using 2p‑orbitals of B), but the third one, formed using the 2s‑orbital of B atom, should be different. 
In fact, all three bonds in BF3 are identic. As well, identic bonds are observed in molecules like BeH2 (although one bond is formed using the 2s‑ and one - using one of 2p‑orbitals of Be atom), CH4 (one bond formed using the 2s‑orbital, the other three -using the three 2p‑orbitals of C atom), etc. To explain the phe​nomenon, that identic bonds are obtained although different atomary orbitals of the central element are used, one has to employ the idea about hybridization of atomary orbitals.

V. 1. LINEAR MOLECULES. sp‑HYBRIDIZATION

If an atom uses one s‑ and one p‑orbital for bond formation with two other atoms, the mentioned two orbitals are hybridized and two identic orbitals, called sp‑hybrid orbitals  are formed. As the spheric s‑orbital has no spatial orientation and the dumb-bell form p‑orbital is oriented along one spatial axis, the two hybrid orbitals will be oriented along the same spatial axis, than the initial p‑orbital:
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Fig.11.6. Formation of two sp-hybrid orbitals from one s-and one p-orbital.

To position two orbitals on the same spatial axis, the orbitals must be turned into opposite directions, to diminish the repelling forces, which exist between the elec​trons moving along the two orbitals.

An example of atom, forming sp‑hybrid orbitals, is Be, which forms bonds from its excited state Be* [image: image105.wmf] [image: image106.wmf][image: image107.wmf][image: image108.wmf].. As the two hybrid orbitals are placed along one spatial axis, the molecules, formed by Be are linear, see formation of BeH2 and BeCl2 molecules below:
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Fig.11.7. Geometry of BeH2 and BeCl2 molecules 
V.II. REGULAR TRIANGLE FORM MOLECULES - sp2‑HYBRIDIZATION. 
sp2‑hybridization takes place, when the central atom uses one s‑ and two of its p‑orbitals for

[image: image110.wmf]
     s+p+p


      3sp2
Fig.11.8. Formation of sp2‑ hybrid orbitals from one s- and two p-orbitals.

bond formation.with three other atoms The three atomary orbitals of the central atom are mixed together and three sp2‑type hybrid orbitals are obtained. As two p‑orbitals, oriented along two spatial axis (for instance, x and y‑spatial axis) are used in this case, the three created hybrid orbitals can be placed in the whole x‑y plane.

When three orbitals are placed in one plane, the repulsive forces between the electrons located at these orbitals become minimal, if all the three angles are equal, therefore the angle between sp2 hybrid orbitals is 360o : 3 = 120o.

For example, an atom of boron, forming bonds from the excited state B* [image: image111.wmf] [image: image112.wmf][image: image113.wmf][image: image114.wmf]., forms three sp2‑type hybrid orbitals, therefore the molecules BH3 or BF3 have a regular triangle shape,see fig.11.9.
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Fig.11.9. Regular triangle geometry of BH3 molecule, resulting from sp2 hybridization.
V. 3. TETRAHEDRIC MOLECULES AND sp3‑HYBRIDIZATION. 
sp3‑hybridization takes place, when 4 bonds are formed by the same atom, using one s‑ and three p‑orbitals. Now an s‑orbital, having no orientation is hybridized with three p‑orbitals, each oriented along a different spatial axis (x, y and z). 4 hybrids are formed, see fig.11.10.

At sp3 hybridization, when all the three spatial orientations are present in the initial atomary orbitals, all the three spatial directions can be used for positioning of the obtained hybrid orbitals, as well, therefore, the four hybrid orbitals are positioned in 3-dimensional space (not any more along one given axis or in one given plane) along the four axis of a tetrahedron (regular triangle pyramid).
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Fig.11.10. Formation of sp3 hybrid orbitals 
from one s and three p atomary orbitals
In this orientation the repelling forces between the electrons of the four hybrid orbitals are minimal. For this reason molecules like CH4, CCl4 etc. are tetrahedric, see fig.11.11.
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Fig.11.11.Tetrahedric form of CH4 molecule. 
Nitrogen in the molecule of ammonia (see fig.11.12.)has formed bonds with just 3 (and not 4) atoms of hydrogen, but the form of NH3 molecule is tetrahedric, as well. as the one of CH4. In fact, nitrogen atom N [image: image118.wmf] [image: image119.wmf][image: image120.wmf][image: image121.wmf].hybridizes all four of its orbitals and three of the hybrid orbitals are used for bonds N‑H, but the fourth hybrid orbital is occupied by the unshared electron pair of nitrogen atom.

In the molecule of NH3 the angles between the bonds are a bit different from the ones in the molecule of methane - they are equal between all the three N‑H bonds but the angle between unshared pair and bond is different.
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Fig.11.12. Tetrahedric form of NH3 molecule. 
VI. POLARITY OF COVALENT BONDS.
 POLARITY OF MOLECULES

When a covalent bond is formed between two atoms, having equal REN, the bond is non-polar. As soon as the REN of both atoms is different, the bond between the two atoms becomes a dipole. 
A system, consisting of two equal by value but having opposite signs, that are placed in distance l from each other, is called a dipole.
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Fig.11.13.A dipole.

Polarity of the bond is characterized by the dipole momentum

 = q  l
The polarity of bond depends both on the value of the two opposite charges and on the distance l between them. An increase of l  causes a greater polarity as well as an increase of q.

If there are several bonds in the molecule, the polarity of the overall molecule can be found, following certain rules (note, that the molecule can be non-polar, although there are polar bonds in it!):

1) If there is just one polar bond in the molecule, the molecule is polar. For instance in HCl the bond is polar and the molecule is polar, as well. In CH3Cl the C‑H bonds are considered to be non-polar (the difference of REN between C and H is ignorable), but the C‑Cl bond is polar, therefore the overall molecule is polar.

2) If there are several polar bonds in the molecule, polarity of molecule depends on the symmetry of molecule:

a) if the polar bonds are situated symmetrically, the molecule is non-polar. For instance, in the molecule of BeCl2 (it is linear, see above) both Be-Cl bonds are oriented symmetrically and their dipole moments compen​sate each other, and the overall molecular  = 0.
Molecule of BF3, having 3 polar bonds, is also non-polar for the same reasons - the three sp2 hybrid orbitals of boron atom are symmetrically positioned in one plane.

b) if the polar bonds are situated non-symmetrically, their dipole moments don’t compensate each other, therefore the molecular  ≠ 0 and the molecule is polar. For instance, CHCl3 is a polar molecule, CH2F2 is a polar molecule and NH3 is a polar. Molecular dipole moment . 
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Fig.11.14. Non-symmetric arrangement of polar bonds in some molecules. 
VII. POLARIZATION OF MOLECULES IN OUTER ELECTRICAL FIELD

When a molecule is subjected to an outer electrical field, the dipole momentum of the molecule is changed - non-polar molecules become polar and polar molecules become more polar. When a molecule is subjected to electric field, its dipole momentum becomes

 = o + ind,

where
o is the dipole momentum of the molecule itself (o = 0 for a non-polar molecule or o > 0 for a polar one) and

ind is the dipole momentum, induced by the outer field. 
The value of the induced dipole momentum can be found as

ind = E  ,

where
E is the intensity of the electrical field (volts/m) and

 is the polarizability  of the molecule.

Polarization of the molecule in the outer electrical field originates in such a way, that the negative pole of outer field attracts the positively charged atomic nuclei, but the positive pole of the outer field attracts the negatively charged electrons. In such a way, the positive and the negative charges are dragged to opposite direc​tions, the distance l between the centers of positive and negative charges becomes greater and the dipole momentum is increased.

As the mass of an electron is several thousand times smaller, than the one of nuclei, the polarization is practically carried out as a distortion of the “electron cloud” around the molecule - it is shifted towards the positive pole of the outer electric field. For this reason the polarizability of molecule depends on the size of its “electron cloud”. (In other words, the nuclei are too heavy to be displaced under the action of electric field and the action of outer electric field practically causes a displacement of electrons only).

VIII.POLARIZATION IN CHEMISTRY

VIII.1. POLARIZATION under ACTION OF SOLVENT

When chemical compounds are dissolved in a polar solvent, the electric field of the solvent (e.g. water) molecules provides an extra polarization to the molecules of solute. For instance, HCl, which has just a polar covalent bond in the gas phase, is additionally polarized by the electric field of water molecules in solution, there​fore the dipole momentum of HCl molecules becomes great enough to become able to dissociate into ions.

Due to the additional polarization under action of the electric field of water molecules, HI in water solution is a stronger acid then HBr, which, on its turn, is a stronger acid, than HCl. This phenomenon looks strange at the first sight: as the electronegativity of Cl is greater, than the one of Br and I, a molecule of HCl in gas phase is more polar, than the ones of HBr or HI.

When these three compounds are dissolved in water, their molecules are addi​tionally polarized by the electric field of water molecules. The value of the induced dipole momentum depends on the size of the “electron cloud” around the molecule - the greater it is, the easier electrons are shifted towards the positive pole of the outer field. in the molecules of hydrogen halogenides the size of the molecular electron cloud is mainly determined by the one of the appropriate halogen atom, because the 1s orbital of hydrogen is rather small. As the size of an I atom is greater, than the size of Br and Cl atoms, the molecules of HI can be polarized much easier, than the molecules of HBr and HCl. 
Thus, HI happens to be the strongest of these three acids in their water solution due to its greater polarizability, although its  was smaller then the one of HBr or HCl. For the same reason H2S is more acidic than H2O, PH3 is less basic (more acidic) than NH3 etc.

VIII.2. INTRAMOLECULAR POLARIZATION

In many cases, especially in organic chemistry, introduction of a substituent atom, having a great electronegativity, causes a polarization of all bonds in the molecule. For instance, when a hydrogen atom in acetic acid 
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is replaced by a more electronegative atom as Cl in a molecule of chloroacetic acid, the Cl atom, which is highly electronegative, attracts electrons and therefore shifts the electron density of the entire molecule:

[image: image128.wmf]Cl  - CH  - C 

2

O

H

=

O


As a result, the O-H bond in the carboxyl group becomes more polar and there​fore chloroacetic acid appears to be a much stronger acid than acetic acid, compare the dissociation constants K = 1.8  10-5 for acetic and K = 1.4  10-3 for chloroacetic acid. If all the three hydrogen atoms in the methyl group are substi​tuted by Cl atoms, forming trichloroacetic acid
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one gets an acid, the strength of which can be compared to hydrochloric acid.

IX. INTERMOLECULAR BONDS

IX.1. HYDROGEN BOND

This far we have been discussing the bonds inside one molecule. However, bonds and electrostatic interactions can exist also between two or several molecules. Such bonds are called intermolecular bonds. 
The most important  kind of intermolecular bonds is hydrogen bond.

Hydrogen bonds are established between molecules of such compounds, in which a hydrogen atom is linked to an atom of a strongly electronegative element, such as F, O, N, Cl, S. 
In these cases the common electron pair, which carries out the bond between H and the other atom, is shifted very much towards the very electronegative atom. For this reason the 1s orbital of H atom can be considered as “half-empty”. If the orbital of H atom is half-empty, it (as well as any empty orbital) can be used for donor-accepter bond formation. In other words, an unshared electron pair of another particle can be inserted into the empty orbital of H and H atom can act as an accepter. 
Let us take HF as an example. The nucleus of fluorine atom is surrounded by four unshared electron pairs. Only one of these electron pairs is used for formation of bond with H atom. Now one of the remaining three electron pairs can be placed into the half-empty orbital of the H atom of another HF molecule
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Fig.11.15. Formation of hydrogen bonding between two molecules of HF.
(the unshared electron pairs of fluorine are shown as pairs of dots)

In such a way, hydrogen bond is a kind of donor-accepter bond. As, in fact, the 1s orbital of H is only partly empty and not completely empty, the strength of hydrogen bond is smaller, than the one of usual chemical bonds. The bond energy of hydrogen bond in different cases reaches 8-40 kJ/mole while strengths of a real chemical bond inside one molecule usually is 150-400 kJ/mole.

One must note that hydrogen is the only element, which is able to form this kind of bonds (and it is the reason why this type of bond has been named hydrogen bond ). 
Let us explain, why no other element can form a bond similar to hydrogen bond. A hydrogen atom has just one electron on its only 1s-orbital. If this electron is shifted towards an atom of a strongly electronegative element, there practically is just a nucleus of hydrogen atom instead of the atom itself. An atomic nucleus is always positively charged, hence it attracts an unshared electron pair, offered by another atom. The unshared electron pair of the other atom can therefore easily be inserted into the partly empty 1s orbital of hydrogen atom forming a hydrogen bond.

All the elements other than hydrogen have more than one electron shell surrounding their nuclei. For instance, an atom of Li, as well as an atom of H has just one electron in its outer shell. The difference is, that Li has this electron on its 2s orbital and if this only electron of the outer shell is displaced towards a more electronegative element and the 2s orbital of Li becomes partly empty, two elec​trons still remain at 1s orbital of Li atom. If another element tries to insert its unshared electron pair into the partly empty orbital of Li, the remaining two elec​trons from 1s orbital of Li will repell this unshared pair and no hydrogen-type bond will be established.

The role of H bond is very important. Let us see some examples. 
1. Due to hydrogen bond hydrogen fluoride HF in fact exists in a form of molecule dimmers H2F2. H2F2 in its solutions dissociates in two stages, first, loosing one proton: 
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(the hydrogen bond still keeps together a molecule of HF and a fluoride ion). At the second dissociation stage one more hydrogen ion is formed and now two indi​vidual fluoride ions are formed, as there is no more hydrogen bond to keep them together:
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What is even more important, due to the hydrogen bonding hydrogen fluoride is a very weak acid, that could seem surprising, if one takes into account the great acid strength of other hydrogen halogenides HCl, HBr and HI.

2. Hydrogen bonds are responsible for the structure of water both in the state of ice and in the liquid state. In fact, if one measures the molecular mass of liquid water, the result is about 72 instead of 18, that can be calculated from the formula of H2O and is observed in gas phase. The reason for this is, that water molecules in liquid water are associated in tetrahedric particles, consisting of 4 molecules of H2O, bonded by H bonds. The high melting point of water 0oC is also due to the presence of hydrogen bonds (compare to the melting point -86oC of H2S). Thus, if H bonds didn’t exist, water on the Earth would exist in the gas phase only.

3. Hydrogen bonds are responsible for  formation of dimers in liquid alcohols and organic acids. In both of these compounds the hydrogen atom of the OH group is linked to a very electronegative element. As well as in the example of hydrogen fluoride, the electron, which originally belonged to hydrogen is very much shifted towards oxygen and the 1s orbital of H atom is partly empty. Oxygen atom from the neighboring alcohol (organic acid) molecule inserts its unshared electron pair into this partly empty orbital, a hydrogen bond is established and and the two neighboring molecules further exist in a form of dimer, see an example in fig.11.16.
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Fig.11.16.Dimerization of ethyl alcohol. 
Hydrogen bonds between hydrogen and oxygen atoms of neighboring 
moleculesare shown as dashed lines 
4. Finally, hydrogen bonds are responsible for both the helix-type -structure and the belt-type b-structure as the possible kinds of protein secondary structures  As well, hydrogen bonds are responsible for a great part of distortions of protein secondary structures, known as tertiary structures of proteins. This point deserves a longer discussion, that can be found in the Part 18 of this book. 
IX.2 INTERMOLECULAR (VAN DER VAALS’S) FORCES. 
Electrostatic interactions between the molecules are called Van der Vaals’s forces (sometimes called also Van der Vaals’s bonds). 
By the most, they act in solid and liquid states, as in the gas phase the distances between the molecules are great and, as these forces are not very strong, they are not able to keep the molecules together.Three main types of Van der Vaals’s forces are known, called orientation, induction and dispersion forces.
IX.2.1. ORIENTATION FORCES. 
Orientation forces can be established between two polar molecules. When two polar molecules come close to each other, they are oriented so, that the negative pole of one molecule can interact electrostatically with the positive pole of the other one.

As the result, the molecules can stick together for a short period of time. An increase of temperature weakens the orientation forces, as the thermal motion of molecules becomes more intensive at higher temperatures.

As both of the molecules are polar, both dipole moments are used in this kind of intermolecular interaction, therefore the orientation forces are the strongest ones out of all the 3 kinds of Van der Vaals’s interactions.

IX.2.2. Induction forces. 
Induction forces exist between a polar and a non-polar molecule. When a polar molecule comes close to a non-polar one, a dipole is induced in the non-polar molecule. If the polar molecule comes to the non-polar with its positive pole forward, the electron cloud of the non-polar molecule is shifted towards the posi​tive pole of the polar molecule. If the polar molecule comes with its negative pole forward, the electron cloud of the non-polar molecule is shifted away from the negative end of the polar molecule. In both cases a dipole is induced in the for​merly non-polar molecule and now this induced dipole can interact electrostatically with the dipole of the polar molecule.

As in this case only the polar molecule “works” - it induces a dipole in the other molecule and after that interacts with the induced dipole, one can easily understand, that the efficiency of the interaction must be weaker, than in the case of an orienta​tion type interaction.

IX.2.3. Dispersion forces.

Dispersion forces act between two non-polar molecules. 
Any non-polar molecule looks non-polar only, if it is observed in a longer time interval. In fact, due to the motion of electrons, a non-polar molecule exists in at least three different states:

:A-B+ [image: image134.wmf] A:B [image: image135.wmf] A+B-:
(the common pair of electrons is shown as a pair of dots) 
As one can see, part of time the common pair of electrons can be found behind atom A, as in the first state (then atom A obtains a partly negative charge and atom B - a partly positive one), a part of time the electron pair can be found between the atoms and the molecule is really non-polar and a part of time - when the common electron pair is behind the atom B the polarity is opposite to the one in the first case. 
Thus, although the molecule in average is non-polar, at short time intervals the polar forms exist (these time intervals can be about 10-14 seconds long ). If the two non-polar molecules happen to meet each other at a moment, when their polarities are opposite, they can interact electrostatically. 
In such a case the short-living positive pole of one molecule attracts the short-living negative pole of the other molecule and the molecules are kept together for some time. Of course, this kind of interaction is the weakest of the discussed ones, but it cannot be ignored. For instance, the existence of induction forces is the only possible explanation for adsorption of non-polar molecules on non-polar surfaces, that is very well known and can have measurable values.

