Topic 3 - Periodicity


3.1 The Periodic Table


The Periodic Table is a very useful tool because it gives you a lot of information about the different elements even if you have not specifically studied a named element.





In the Periodic Table the elements are arranged in order of increasing atomic number (Z). You need to familiarise yourself with the different versions of the Periodic Table given in your Data Book, each contains different information.


 


On most Periodic Tables you will see a series of Roman numerals across the top: I, II, III, IV, V, VI, VII and VIII and a series of Arabic numerals 1, 2, 3, 4, 5, 6, 7 down the side.





The Roman numerals divide the Periodic Table into eight groups of elements as you look down.


The Arabic numerals divide the Periodic Table into seven periods as you look across. 


The numbers of the periods correspond to the numbers of the shells in the electronic structure. 





Elements in Period 2 have their electrons arranges in two shells.


Elements in Period 3 have their electrons arranges in three shells.





If you put the electronic structures of the elements into the Periodic Table you will quickly see that elements in the same group have the same number of electrons is their outer shells. 


This is very important because the chemistry of the elements depends on their electronic structure.(Note hydrogen is an exception in group I.





All of the elements in Group I have one electron in their outer shell.


All of the elements in Group VII have seven electrons in their outer shell.





What does this similarity in electronic structures suggest to you about the chemistry of the elements in these groups?
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You will also notice something about the electronic structures of the elements in Group VIII.


All of these elements (apart from helium, He) have 8 electrons in their outer shells. The elements in Group VIII are known as the ‘nobel gases’. They used to be called the ‘inert gases’. Inert means unreactive.


If you look up a periodic table or data book that gives the electronic structures of all the elements you will find that none of the elements ever has more that 8 electrons in its outer shell.


You will see why this is important when you study ‘Bonding’.


3.2 Physical properties


Physical properties are those properties of an element that do not effect its chemical behaviour. Physical properties include the atomic radius, the ionic radius, the ionisation energies, the melting point and the electronegativity of the element.





Because the elements are arranged in the Periodic Table in order of increasing atomic number there are patterns or trends in the physical properties as you move across a period or down a group.





Take a look at each of these physical properties in turn.


(a) 	Atomic (covalent) radius.


The atomic radius is considered to be half the distance between the centres of two covalently bonded atoms.





Across a period


As you move across Period 3 (from Na to Ar) you will see that the atomic radius becomes smaller. Remember atoms are very small, their radii are quoted in m(12.
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The reason the atomic radii become smaller across a period is because as you move across the period from sodium to argon a new electron is being added to the same shell as you move from one element to the next. At the same time the number of protons in the nucleus increases from one element to the next and the size of the positive charge in  the nucleus increases.


The increase in the positive charge on the nucleus means that there is a greater attraction on each individual electron. Because the new electrons are going into the same shell there is no increase in the shielding effect between the electrons and the nuclear charge. The overall effect is to pull the electron shells closer to the nucleus, making the atoms, and therefore the atomic radii, smaller across the period.





Down a group the picture is very different.


In Group I (from Li to Cs) and Group VII (from F to I) there is a big increase in the value of the atomic radii (10(12 m).





		Li	152				F	64			





		Na	186				Cl	99





		K	231				Br	114





		Rb	244				I	133





		Cs	262


This is because each new element in Group I has its outer electron in a new shell. So even though there has been an increase in the number of protons, and the size of the nuclear charge, the effect on the electrons is reduced by the fact that there are more shells. Firstly the outer shell is further from the nucleus and secondly the outer shell is protected from the effect of the nucleus by the shielding effect of the shells between it and the nucleus. The more shells the greater the shielding effect and the bigger the atomic radius.





(b)	Ionic radii (10(12 m).


Across a period


If you look at the data for the atomic radii of the Period III elements in the table above you will see that there are two sub-groups of trends in the atomic radii with silicon, in the middle of the period, having two values.
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You need to remember that metallic elements form positive ions by losing electrons from their outer shells while non-metallic elements form negative ions by adding electrons to their outer shells (see Topic 4.1)


In Period three the first three elements (Na, Mg, Al) are metallic. They form ions by loosing electrons from their outer shells:





Sodium loses one electron:		Na	(	Na+  +   e(


Magnesium loses two electrons:	Mg	(	Mg2+   +   2e(


Aluminium loses three electrons:	Al	(	Al3+   +   3e(


When the electrons are lost the nuclear charge remains the same. This means that there is a greater attraction on the remaining electrons, pulling them closer to the nucleus and making the resulting ion smaller than the atom from which it was formed.





The three elements P, S and Cl all form negative ions by adding electrons to their outer shell:





Phosphorus gains three electrons:	P   + 3e(	(	P3(


Sulphur gains two electrons:		S   +   2e(	(	S2(


Chlorine gains one electron:		Cl   +   e(	(	Cl(





The ions are all bigger than the atoms they were formed from because adding the extra electrons increases the number of electrons repelling each other and makes them spread further apart. The attraction of the nuclear charge on the individual electrons is also reduced.





The ionic radii decreases from P3( ( S2(  ( Cl(  because of the extra pull from the increasing nuclear charge counteracts the tendency for the electrons to repel. In addition the effect of adding one extra electron to the seven in the outer shell of chlorine is considerably less than the effect of adding three electrons to the five in the outer shell of phosphorus.





You will have noted the two values for silicon (Si). This is because silicon, being in the middle of the period with four electrons in its outer shell, can lose four, or gain four electrons forming Si 4+ or Si4(. It will fit in with either sub-trend. (Na to Al, or P to Cl)














Down Group I and Group VII.


The ionic radii increase down both groups. This is because of the extra repulsion of adding one more electron spreading the electrons out further. At the same time the extra shielding as you go down the group reduces the pull of the nucleus on the electrons.





You will have noticed that the elements in Group VIII, the Nobel gases, do not have values for ionic radii. This is because they are ‘inert’ and do not form ions easily.





 (c) 	Ionisation energies.


Ionisation energy is the energy needed to remove an electron from an atom. Ionisation energies are measures in kilojules per mole. (kJ.mol(1)


Each element has as many ionisation energies as it has electrons.


Hydrogen has one ionisation energy, sodium has eleven, potassium has nineteen.


The energy needed to remove the first electron (the one furthest from the nucleus, and least attracted) is called the First Ionisation Energy. Removal of the first electron leaves a unipositive ion.


e.g.


First Ionisation Energy of sodium:	Na(g)	(   Na+(g)   +   e(	    (H	+ 494 kJ.mol(1





The second ionisation energy for an element represents the energy needed to remove an electron from this unipositive ion. Because of the pull of the nucleus on the remaining electrons the second ionisation energy will always be bigger than the first.





Second ionisation energy of sodium	Na+(g)	   (   Na2+(g)   +   e(	     (H	+ 4563 kJ.mol(1





First ionisation energies/kJ mol(1
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Across Period III First Ionisation Energies increase (from Na to Ar).


This is because of the same factors you saw when looking at atomic radii. All the outer shell electrons of the Period 3 elements are in the same shell (shell 3). The shielding from shells 1  and 2 stays the same while the attraction of the of the protons in the nucleus increases. The net effect is to make it harder to remove an electron as you move across the period.





You will however have noticed that the first ionisation energies for aluminium and sulphur do not fit in with the general trend. This is because of the way in which their outer shell electrons are arranged inside the shell, the way in which electronic structures are ‘fine tuned’ to achieve the most stable arrangement. 





Down both Group I and Group VII first ionisation energies decrease.


This is because the outer electrons are further away from the nucleus as you add a shell for each new element down the group and are consequently more shielded from the pull of the nucleus. The outer shell electrons are also further from the nucleus as you move down the group.





(d)	Melting points (measured on the Kelvin scale.)


A substance melts when it changes from the solid to the liquid state. This happens at a fixed temperature for the pure substance. It is the temperature at which the particles stop being in a fixed position and become free to start moving around each other.


 


To produce this change in state you have to supply energy in the form of heat.


Two factors control the temperature at which this change from solid to liquid takes place. One is the mass of the particles - the bigger the particle the more energy you have to supply to make it move and the higher the melting point.


The other is the ‘forces of attraction’ (see Topic 4.3) between the particles. The stronger the forces of attraction holding the particles together the more energy you need to supply to overcome the forces of attraction and start them  moving and the higher the melting point.





Down a Group.


If you look down the table of melting points in your Data Book for the elements in Group I you will see that the melting points (K) decrease as you from Li to Cs. This is because even though the atomic mass is increasing the metallic bonding is getting weaker and it is the second effect that has the main influence. The metallic bonds get weaker because down the group the extra shell increase the shielding effect and reduces the attraction each nucleus can have on the electrons of the shared electron cloud.





Across  Period 3 (from Na to Ar) it is more difficult to see a trend. There is a definite increase as you move Na(Mg(Al(Si, but then there is an overall decrease (exception - Sulphur) as you move P(S(Cl(Ar.


Once again you have to consider the balance between the increase in atomic mass and different forces of attraction holding the particles together. You also have to consider that different elements exist as different types of particles with different bonds or forces of attraction. 


Sodium, magnesium and aluminium are all metals and have giant structures in which the particles (atoms of the metal) are held together by metallic bonds (see Topic 4.4).


As you move from sodium to aluminium the atomic mass increases and the strength of the metallic bonding increases. This increases the melting points.





Silicon is a non-metal and also exists in as a giant structure. In silicon the atoms are held together by very strong covalent bonds (see Topic 4.2). The atomic mass is greater than that of aluminium and the attraction between the atoms is stronger; silicon has a higher melting point.





Phosphorus, sulphur and chlorine are also non-metals. They exist as discrete particles, molecules, P4�, S8, Cl2. While the atoms forming the molecules are joined by strong covalent bonds the molecules themselves are not joined. There are weak forces of attraction between them, called Van der Waals’ forces (Topic 4.3). Even though the atomic mass has increased as you move across from silicon the effect of the forces of attraction is very much less. While the size of the molecules exerts some effect the reduction in the forces of attraction between the molecules is the factor that determines the melting points getting lower for these elements.





Argon exists a single atoms (monatomic molecules). Even though it has the biggest atomic mass in the period it also has the weakest (Van der Waals’) forces of attraction. It has the lowest melting point in the period.





(e)	 Electronegativity.


A covalent bond involves two atoms sharing a pair of electrons.(Topic 4.2)





If the two atoms are of the same element they will have the same number of electrons, the same nuclear charge and the same number of shells shielding the nuclear charge. You would expect the electron pair to be shared equally between them.





Hydrogen (H2): two atoms of the same element (same electronegativity) joined by a single covalent bond.


H : H


the electron pair is shared equally between the two hydrogen atoms.





If however the two atoms sharing the electron pair are of two different elements, with different numbers of protons and different shielding, you would expect them to have different powers of attracting the shared pair of electrons. 





Hydrogen chloride (HCl): two atoms with different electronegativities joined by a single covalent bond.


H   :Cl


The electron pair is attracted closer to the chlorine (more electronegative).





This attraction of the bond pair towards one of the atoms in a bond upsets the overall distribution of the charge on the molecule. In the case of the hydrogen chloride molecule the chlorine becomes slightly negative ((-) and the hydrogen becomes slightly positive ((+).


The molecule has become slightly polar.


(+  (-


H__Cl





A chemist called Pauling made a study of the way in which different elements attract the shared  electron pair in a covalent bond. He called the phenomenon ‘electronegativity’ and produced a table of electronegativities.


When you look at the table of electronegativities in your Data Book you will see that the values increase across the period and decrease down a group. Fluorine is the most electronegative element and Caesium the least. 





The trends are again due to the charge on the nucleus and the number of shells shielding the electron pair from the attraction of the nucleus. The bigger the attraction the more the atom attracts the electron pair and the higher the value for the electronegativity





3.3 Chemical properties





Reaction of Group 1 Metals - the alkali metals (Li, Na, K, Rb, Cs, Fr)





(a)	with water (H2O).


Lithium (Li), sodium (Na) and potassium (K) all react with cold water to form alkaline solutions of the metal hydroxide.





	2Li(s)   +   2H2O(()	(	2LiOH (aq)   +   H2(g)   	


	2Na(s)  +   2H2O(()	(	2NaOH (aq)   +   H2(g)


	2K(s)    +   2H2O(()	(	2KOH (aq)   +   H2(g)





As you move down Group I the reaction becomes more violent as the metals become more reactive. Sodium flies around on the surface of the water; potassium reacts strongly enough to ignite the hydrogen gas formed which burns with a ‘violet’ flame.





Hydrogen from the reaction between water and lithium can be collected in a test tube and, when a lighted splint is held at the mouth of the tube, will burn with a ‘pop’ sound. The reactions between sodium and potassium with water are too violent for you to collect the hydrogen gas.





(b)	with the Halogens.


Lithium, sodium and potassium all burn in chlorine (Cl2) and bromine (Br2) to form the halide.


	


	e.g.	2Li (s)   +   Cl2(g)	(	2LiCl(s)


		2Na(s)	  +  Br2(g)	(	2NaBr(s)


		2K(s)    +   Cl2(g)	(	2KCl(s)





		        	


Reactions of Group VII elements (Cl, Br, I)


 (The Halogens - from the Greek ‘salt former’)





1. 	With water:


Chlorine can react with water, bromine and iodine do not react with water.


Bromine will dissolve in water to give a solution of bromine water; iodine does not readily dissolve in water.





The reaction between chlorine and water is very slow and yields a mixture of two acids, hydrochloric acid and chloric(I) acid [Also known as hypochlorous acid.]





Cl2(g)   +   H2O(l)	(	HCl(aq)   +   HClO(aq)


The hypochlorous acid is the active ingredient in many commercial bleaches and in the chemical added to swimming pools to keep the water clean because it decomposes to form oxygen gas and more hydrochloric acid.





2HClO(aq) 	(	2HCl(aq)   + O2





You can also use ‘pool acid’ (HCl) in swimming pools:





2hcl    +   ClO(	(	Cl2   +   H2O   +  Cl(





2.	With Halide ions.


If a solution of chlorine gas in water (Chlorine water = Cl2(aq)) is added to solutions containing bromide ions (Br ( (aq)) or to a solution of a salt containing iodide ions (I ( aq) the chlorine will displace the bromine or the iodine from the salt.





Cl2 (aq)   +   2kbr(aq)	(	2kcl(aq)   +    Br2(aq)





The presence of free bromine can be shown by adding a few drops of cyclohexane - the distinct orange colour of bromine in cyclohexane will show that free bromine has been formed.





Similarly if chlorine gas is used:





Cl2(g)   +   2KI(aq)	(	2kcl(aq)   +   I2(s)





Chlorine will displace bromine and iodine from solutions of bromide or iodide salts.


Bromine will displace iodide ions form solutions of salts, BUT will NOT displace chlorine.


Br2(aq)   +  2kcl(aq)	(	NO REACTION


Br2(aq)   +   2KI(aq)	(	2kbr(aq)   +   I2(s)


The presence of free iodine can be shown by adding a few drops of cyclohexane - the distinct purple colour of iodine in cyclohexane will show that free iodine has been formed.





Iodine cannot displace either chlorine or bromine from solutions of their salts.





Order of reactivity of the Halogens: Cl > Br > I.





Reactions of Halide ions with Silver Nitrate (AgNO3) solution.





If a few drops of silver nitrate solution are added to any solution containing chloride ions (Cl((aq)) a white precipitate of silver chloride is formed.





		AgNO3(aq)   +   Cl((aq)	(	AgCl(s)   +   NO3((aq)


					                 white precipitate





If the test tube is left standing in bright sunlight the white AgCl turns purple-grey.


If a few drops of silver nitrate solution are added to any solution containing bromide ions (Br((aq)) a cream coloured precipitate of silver bromide is formed.


AgNO3(aq)   +   Br((aq)	(	AgBr(s)   +   NO3((aq)


	                       cream precipitate


If the test tube is left standing in bright sunlight the cream AgBr turns yellow-green..





If a few drops of silver nitrate solution are added to any solution containing iodide ions (I((aq)) a yellow precipitate of silver iodide is formed - it does not change colour in sunlight.





	AgNO3(aq)   +   I((aq)	(	AgI(s)   +   NO3((aq)


				            yellow precipitate





These reactions are the basis of ‘Black and White” photography and the colour changes in ‘photochromic’ (reactalight) sun-glasses lenses.





From metal to non-metal across period 3.





As you move across Period 3 from sodium to argon the nature of the elements changes from metallic to non-metallic. Silicon in the middle of the period has some metallic and some non-metallic characteristics.





As you have seen above (section 3.2) the metallic elements tend to have different physical properties from the non-metals. 


Of particular importance in terms of their chemical properties is that metallic elements form positive ions while non-metallic elements form negative ions.





The tables on the next page shows the differences in the chemistry of the oxides and the halides of the elements in Period 3.
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chlorides:
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