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Periodic Trends
OBJECTIVES:

6. Relate the position of any main group element in the periodic table to its electron configuration.

7. Explain the periodic trend in ionization energy and electron affinity.

8. Explain the periodic trend in radius in terms of atomic structure.

9. Explain the periodic trend in electronegativity and melting points.
10. Predict chemical behavior of the main group elements according to their position in the periodic table (alkali metals + water and halogens, halogens with halide ions, and halide ions with silver ions).

Periodic trends are properties of elements that change in a predicted way as you move through the periodic table.
Electron Configuration
The periodicity of properties of the elements is caused by the periodicity in electronic structure. The noble gases are chemically unreactive, or nearly so, because their electronic structures are stable--their atoms hold their quota of electrons strongly, have no affinity for more electrons, and have little tendency to share electrons with other atoms. An element close to a noble gas in the periodic system, on the other hand, is reactive chemically because of the possibility of assuming the stable electronic configuration of the noble gas, by losing one or more electrons to another atom, by gaining one or more electrons from another atom, or by sharing electrons. The alkali metals, in Group I, can assume the noble-gas configuration by losing one electron, which is loosely held in the outermost (valence) shell, to another element with greater electron affinity, thus producing the stable singly charged positive ions. Similarly the alkaline-earth metals can form doubly charged positive ions with the noble-gas electronic configuration by losing the two loosely held electrons of the valence shell; the positive ionic valences of the elements of the first groups are hence equal to the group numbers. The elements just preceding the noble gases can form negative ions with the noble-gas configuration by gaining electrons; the negative ionic valences of these elements are equal to the difference between eight and their group numbers. The covalence (or number of shared electron pairs) of an atom is determined by its electron number and the stable orbitals available to it. An atom such as fluorine, with seven electrons in its outer shell, can combine with a similar atom by sharing a pair of electrons with it; each atom thus achieves the noble-gas configuration by having three unshared pairs and one shared electron pair in its valence shell. 

The properties of elements in the same group of the periodic system are, although similar, not identical. The trend in properties from the lighter to the heavier elements may be attributed to changes in the strength of binding of the outer electrons and especially to the increasing size of the atoms.


Reactivity
Reactivity refers to how likely or vigorously an atom is to react with other substances. This is usually determined by how easily electrons can be removed (ionization energy) and how badly they want to take other atom's electrons (electronegativity) because it is the transfer/interaction of electrons that is the basis of chemical reactions. 

Metals 

Period - reactivity decreases as you go from left to right across a period. 
Group - reactivity increases as you go down a group 

Why? The farther to the left and down the periodic chart you go, the easier it is for electrons to be given or taken away, resulting in higher reactivity.

Non-metals 

Period - reactivity increases as you go from the left to the right across a period. 
Group - reactivity decreases as you go down the group. 

Why? The farther right and up you go on the periodic table, the higher the electronegativity, resulting in a more vigorous exchange of electron.

Electronegativity
Electronegativity is an atom's 'desire' to grab another atom's electrons. 

Period - electronegativity increases as you go from left to right across a period. 

Why? Elements on the left of the period table have 1 -2 valence electrons and would rather give those few valence electrons away (to achieve the octet in a lower energy level) than grab another atom's electrons. As a result, they have low electronegativity. Elements on the right side of the period table only need a few electrons to complete the octet, so they have strong desire to grab another atom's electrons.

Group - electronegativity decreases as you go down a group. 

Why? Elements near the top of the period table have few electrons to begin with; every electron is a big deal. They have a stronger desire to acquire more electrons. Elements near the bottom of the chart have so many electrons that loosing or acquiring an electron is not as big a deal. This is due to the shielding affect where electrons in lower energy levels shield the positive charge of the nucleus from outer electrons resulting in those outer electrons not being as tightly bound to the atom.

Ionization Energy
Ionization energy is the amount of energy required to remove the outmost electron. It is closely related to electronegativity. You can think of it as the reflection of how strongly an atom holds onto its outermost electron. Atoms with high ionization energies hold onto their electrons very tightly, whereas atoms with low ionization energies are more likely to lose one or more of their outermost electrons and gain a positive charge.
Period - ionization energy increases as you go from left to right across a period. 

Why? Elements on the right of the chart want to take others atom's electron (not given them up) because they are close to achieving the octet. The means it will require more energy to remove the outer most electron. Elements on the left of the chart would prefer to give up their electrons so it is easy to remove them, requiring less energy (low ionization energy).

Group - ionization energy decreases as you go down a group. 

Why? The electrons in smaller atoms are held more strongly by the nucleus, so more energy is required to remove 1 electron. The electrons in larger atoms are held less strongly, so less energy is required to remove 1 electron. The shielding affect makes it easier to remove the outer most electrons from those atoms that have many electrons (those near the bottom of the chart).

Electron Affinity

Electron affinity is the energy change associated with the addition of an electron to a gaseous atom or the energy released when an electron is added to a gaseous atom.  

Period - electron affinity become more negative (more energy released), or increases, as you move from left to right.  

Group - as you move down the periodic table, electron affinity becomes more positive (less energy released), or decreases, but there are many exceptions to this trend.  

Why? If an atom readily takes in an electron, it will release a lot of energy.  If an atom doesn’t take in electrons easily, energy will have to be added to force it to accept an electron.  

Atomic Radius
Atomic radius is simply the radius of the atom, the distance between the centre of the atomic nucleus and the outermost electron of an atom, an indication of the atom's volume. 

Period - atomic radius decreases as you go from left to right across a period. 

Why? Stronger attractive forces in atoms (as you go from left to right) between the opposite charges in the nucleus and electron cloud cause the atom to be 'sucked' together a little tighter. Atoms that have more positive charge in their nuclei exert a stronger pull on the electrons in a given principal quantum level. A stronger attractive force shrinks the electrons orbitals and makes the atoms smaller.    
Group - atomic radius increases as you go down a group. 

Why? There is a significant jump in the size of the nucleus (protons + neutrons) each time you move from period to period down a group. Additionally, new energy levels of elections clouds are added to the atom as you move from period to period down a group, making the each atom significantly more massive, both is mass and volume. As you move down a group, the principal quantum number of the outermost electrons increases.  Electrons with a larger principal quantum number are found in orbitals that extend farther away from the nucleus, which make the atomic radius larger.  
Ionic Radius vs. Atomic Radius

Ionic radius is the distance between the centre of the atomic nucleus and the outermost electron of an ion.  
Period - ionic radius decreases and then increases as you move from left to right.

Group - ionic radius increases as you move down a group.  

Why? Loss of electrons not only vacates the atoms largest orbitals, it also reduced the repulsive force between the remaining electrons, allowing them to be pulled closer to the nucleus.  Gain of electrons increases the electric repulsion forces among the electrons.  This spreads out the electrons, making the ion larger than the atom.  
Metals - the atomic radius of a metal is generally larger than the ionic radius of the same element. 

Why? Generally, metals loose electrons to achieve the octet. This creates a larger positive charge in the nucleus than the negative charge in the electron cloud, causing the electron cloud to be drawn a little closer to the nucleus as an ion.

Non-metals - the atomic radius of a non-metal is generally smaller than the ionic radius of the same element. 

Why? Generally, non-metals gain electrons to achieve the octet. This creates a larger negative charge in the electron cloud than positive charge in the nucleus, causing the electron cloud to 'puff out' a little bit as an ion.

Melting Point 

Metals - the melting point for metals generally decreases as you go down a group. 


Non-metals - the melting point for non-metals generally increases as you go down a group.

Melting point trends on the periodic table can be understood in a crude way using the following rule of thumb: 

The stronger the forces that act between molecules of a substance, the higher the melting point tends to be.
Melting point trends for the first four periods are shown in the diagram below. The trends are very complex because many different factors influence the forces between atoms (or molecules) in an element. Notice that for each period beyond the first, the melting point rises to a maximum somewhere around the middle of the period and then falls off to a minimum value at the end of the period:
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The melting points of the first period elements are extremely low, because forces between H2 molecules and between helium atoms are exceptionally weak. 

In the second period, there is a gradual transition from relatively weak metallic bonding in lithium to strong network covalent bonding in carbon. Nitrogen, oxygen, and fluorine also form strong covalent bonds but they can't form networks of bonds the way carbon does. Atoms of these elements pair up to form diatomic molecules. While the attractive forces within atoms in the diatomic gas molecules are strong, the forces between molecules are very weak. That causes the sharp drop-off in melting point after carbon in the second period. 

The trend is repeated in a more subdued way in the third period. There is a jump in melting point from aluminum to silicon where bonding changes from primarily metallic to more covalent. P and S are better able to link into chains and rings than their second period counterparts, and have much higher melting points than N2 and O2. In the fourth period, the rise and fall of melting points across the period is even more muted. Note the discontinuity going from gallium (Ga) to germanium (Ge) at the metal/metalloid border. 
In Summary
	Characteristic
	Trend (left to right)
	Reason

	Atomic radius
	Decreases in size from left to right
	Increased attractive force (acting on the same energy shell) of the nucleus increases as the number of protons increases

	Ionic radius
	Decreases across the period until formation of the negative ions then there is a sudden increase followed by a steady decrease to the end
	In general as above. The sudden increase on formation of negative ions is due to the new (larger) outer shell

	Electronegativity
	Increases
	More electron attracting power of the larger nuclear charge as we move to the right

	Melting point
	Na[image: image2.png]


Al steady increase
Increasing availability of electrons in the metallic bonding associated with greater charge density of the metal ion
Si massive increase
Si giant macromolecular structure
P large decrease
P4 molecules
S small increase
S8 molecules
Cl [image: image3.png]


Ar decrease
Cl2 molecules and Ar atoms



The elements of group 1
	Characteristic
	Trend (descending group 1)
	Reason

	Atomic radius
	Increases in size top to bottom
	The number of electron shells increases from Li to Cs

	Ionic radius
	Increases from Li to Cs
	The number of electron shells increases from Li to Cs

	Electronegativity
	Decreases
	Attracting power of the nucleus is shielded by the inner electron shells increasingly as the group is descended

	Ionization energy
	Decreases descending the group
	Shielding effect of the inner electron shells increases as we descend the group and so the outer electron is more easily removed

	Melting point
	Decreases from Li to Cs
The larger ions have weaker metallic bonding as their charge density (charge/volume ratio) is smaller



The elements of group 7 (Fluorine to Iodine)
	Characteristic
	Trend (descending group 7)
	Reason

	Atomic radius
	Increases in size from F to I
	The number of electron shells increases from F to I

	Ionic radius
	Increases from F to I
	The number of electron shells increases from F to I

	Electronegativity
	Decreases
	Attracting power of the nucleus is shielded by the inner electron shells increasingly as the group is descended

	Ionisation energy
	Decreases descending the group
	Shielding effect (repulsion caused by the inner electrons) of the inner electron shells increases as we descend the group and so the outer electron is more easily removed

	Melting point
	Increases from F to I
The larger halogens have greater Van der Waals forces holding the molecules together as they have more electrons 



Predicting Chemical Behavior

Reactions of elements of the same group are similar because they have identical outer shells (i.e. same number of valence electrons).
Group I of the Periodic Table is composed of highly reactive metals. They react vigorously with water to produce hydroxides and release hydrogen.
Alkali metals tend to lose one electron and form ions with a single positive charge. They form ionic compounds (salts) in reaction with the halogens (alkali halides).  
	Element
	Reagent
	Example equation

	Alkali Metals (Li...Cs)
	Water
	2Na + 2H2O --> 2NaOH + H2

	Alkali Metals (Li...Cs)
	Halogen
	2Na + Cl2 --> 2NaCl


Displacement reaction of halogens
Reactivity of the halogens decreases going down the group and the more reactive halogen will displace a less reactive halogen from a solution of its ions. 

	 
	Cl- (aq)
	Br- (aq)
	I- (aq)

	Cl2
	No reaction 
	Turns red due to formation of bromine 
	Turns brown due to formation of iodine 

	Br2
	No reaction
	No reaction
	Turns brown due to formation of iodine 

	I2
	No reaction
	No reaction
	No reaction


As chlorine is a more powerful oxidising agent than bromine, chlorine will oxidise bromide ions to bromine.  

Cl2(aq) + 2 Br-(aq) [image: image4.png]


 2 Cl-(aq) + Br2(aq)

Similarly chlorine will oxidise iodide ions to iodine.  

Cl2(aq) + 2 I-(aq) [image: image5.png]


 2 Cl-(aq) + I2(aq)

Bromine oxidises iodide ions to iodine.

Br2(aq) + 2 I-(aq) [image: image6.png]


 2 Br-(aq) + I2(aq)
The reactions of Halide ions with Silver ions

The precipitates are the insoluble silver halides - silver chloride, silver bromide or silver iodide.

	 
	Cl- (aq)
	Br- (aq)
	I- (aq)

	Ag+
	White ppt
	Cream ppt
	Yellow ppt

	Reason
	Insoluble AgCl formed
	Insoluble AgBr formed
	Insoluble AgI formed

	Equation
	Ag+ + Cl- [image: image7.png]


AgCl
	Ag+ + Br- [image: image8.png]


AgBr
	Ag+ + I- [image: image9.png]


AgI
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