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Mendeleev’s system of classifying elements was more elaborate 
than that of Lothar Meyer’s. 
 
• Recognized the significance of periodicity and used broader 

range of physical and chemical properties to classify the 
elements. 
 

• Mendeleev relied on the similarities in the empirical 
formulas and properties of the compounds formed by the 
elements. He found that some of the elements did not fit in 
with his scheme of classification if the order of atomic 
weight was strictly followed.  
 

• Ignored the order of atomic weights, thinking that the 
atomic measurements might be incorrect 

 



• Placed the elements with similar properties together.  
 

• For example, iodine with lower atomic weight than that of 
tellurium (Group VI) was placed in Group VII along with 
fluorine, chlorine, bromine because of similarities in 
properties.  
 

• While arranging the elements of similar properties in the 
same group, he left unfilled spaces. 
 

• He proposed that some of the elements were still 
undiscovered and, therefore, left several gaps in the table. 
 

• For example, both gallium and germanium were unknown 
at the time. 



• Mendeleev published his Periodic Table.  
 

• He left a gap under aluminium and a gap under silicon, and 
called these elements Eka- Aluminium and Eka-Silicon.  
 

• Mendeleev predicted not only the existence of gallium and 
germanium, but also described some of their general 
physical properties. These elements were discovered later. 

 

CONTRIBUTION OF MENDELEEV PERIODIC LAW 

 Systematic study of the element: Simplified the study of  
chemistry of elements. Knowing the properties of one 
element in group properties of other element in a group can 
be predicted. 



 Correction of atomic masses: Helped in correction of atomic 
mass. Atomic mass of Be was corrected from 13.5 to 9. 
Similarly with the help of this table, atomic masses of indium , 
gold , platinum etc. were corrected. 
 

 Prediction of new elements: Only 56 elements were known. 
While arranging these elements some gaps were left which 
corresponded to undiscovered elements. For example, both 
gallium and  germanium were unknown at the time.  
 

 Mendeleev published his Periodic Table. He left a gap under 
aluminium and a gap under silicon, and called these elements 
Eka- Aluminium and Eka-Silicon.   



 Position of Hydrogen:  Hydrogen resembled the properties 
of both alkali metals (like lithium) and also that of halogens 
(like iodine). Hence, the position of hydrogen (whether 
hydrogen is to be placed with halogens or alkali metals) was 
not specified. 
 

 Position for Isotopes: Isotopes are the atoms of the same 
element having same atomic number but different  atomic 
masses   

                         Mendeleev's periodic table was based on    
     arranging elements in increasing order of atomic masses.   
     But isotopes were not included in his periodic table. 
 

Drawbacks of Mendeleev’s periodic table 



 Certain elements were arranged in reverse order: Elements 
having higher atomic mass were placed in front(or before) 
the elements with less atomic mass.  
 

 Example - Cobalt and Nickel.  Cobalt being more heavier 
than Nickel ,was placed before Nickel , in the Mendeleev's 
periodic table. 
 

 Some similar elements were separated and dissimilar 
elements were grouped together: In the Mendeleev’s 
periodic table, some similar elements were placed in 
different groups while some dissimilar elements had been 
grouped together.  
 

 For example, copper and mercury resembled in their 
properties but they had been placed in different groups. 



 At the same time, elements of group IA such as Li, Na and 
K were grouped with copper (Cu), silver (Ag) and gold 
(Au), though their properties are quite different. 
 

 Cause of periodicity: Mendeleev did not explain the cause 
of periodicity among the elements. He could not explain 
why having similar properties were being repeated in 
different elements. 
 

 Position of lanthanoids (or lanthanides) and actinoids (or 
actinides):The fourteen elements following lanthanum 
(known as lanthanoids, from atomic number 58-71) and the 
fourteen elements following actinium (known as actinoids, 
from atomic number 90 – 103) have not been given separate 
places in Mendeleev’s table. 



















• The elements of Group 1 (alkali metals) and Group 2 

(alkaline earth metals) which have ns1 and ns2 outermost 

electronic configuration belong to the s-block.  

 

• They are all reactive metals with low ionization enthalpies.  

 

• They lose the outermost electron(s) readily to form 1+ ion 

(in the case of alkali metals) or 2+ ion (in the case of 

alkaline earth metals). 

 

• The metallic character and the reactivity increase as we go 

down the group. Because of high reactivity they are never 

found pure in nature.  

 

• The compounds of the s-block elements, with the exception 

of those of lithium and beryllium are predominantly ionic. 

s-block 



• The p-Block Elements comprise of those elements belonging to 

Group 13 to 18. 

 

• These together with the s-Block Elements are called the 

Representative Elements or Main Group Elements. 

 

• The outermost electronic configuration varies from ns2np1 to 

ns2np6 in each period. 

 

•  At the end of each period is a noble gas element with a closed 

valence shell ns2np6 configuration. 

 

• Preceding the noble gas family are two chemically important 

groups of non-metals. They are the halogens (Group 17) and 

the chalcogens (Group 16).  

p-Block 



• These two groups of elements have highly negative electron 

gain enthalpies and readily add one or two electrons 

respectively to attain the stable noble gas configuration. 

 

• The non-metallic character increases as we move from left 

to right across a period and metallic character increases as 

we go down the group. 



• These are the elements of Group 3 to 12 in the centre of the 

Periodic Table. 

 

• These are characterized by the filling of inner (n- 1) d orbitals 

by electrons and are therefore referred to as d-Block 

elements. 

 

• These elements have the general outer electronic 

configuration (n-1)d1-10ns1-2 .  

 

• They are all metals.  

 

• They mostly form coloured ions, exhibit variable valence 

(oxidation states), paramagnetism and often used as 

catalysts. 

d-block 



• However, Zn, Cd and Hg which have the electronic 

configuration, (n-1)d10 ns2 do not show most of the 

properties of transition elements. 

 

• In a way, transition metals form a bridge between the 

chemically active metals of s-block elements and the less 

active elements of Groups 13 and 14 and thus take their 

familiar name “Transition Elements”. 



• The two rows of elements at the bottom of the Periodic Table, 

are called the Lanthanoids, Ce(Z = 58) – Lu(Z = 71) and 

Actinoids, Th(Z = 90) – Lr (Z = 103)  

 

• They are characterized by the outer electronic configuration 

(n-2) f 1-14 (n-1) d0–1 ns2.  

 

• The last electron added to each element is filled in the last  

but two (n – 2) f - orbital.  

 

• These two series of elements are hence called the Inner- 

Transition Elements ( f - Block Elements). 

 

• Within each series, the properties of the elements are quite 

similar. 

f - block 



• The chemistry of the early actinoids is more complicated 

than the corresponding lanthanoids. 

 

• This is  due to the large number of oxidation states possible 

for these actinoid elements.  

 

• Actinoid elements are radioactive.  

 

• Many of the actinoid elements have been made only in 

nanogram quantities or even less by nuclear reactions and 

their chemistry is not fully studied.  

 

• The elements after uranium are called Transuranic Elements. 
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 Slater’s  Rule  
INTRODUCTION: 

 

   In 1930, a scientist J.C. Slater proposed a set of   

      empirical rules to understand the concept of Effective  

      Nuclear Charge and to calculate the Screening  

      Constant or Shielding  Constant. 

  He proposed a formula for calculation of Effective  

      Nuclear Charge 

                    Zeff =  Z – S 

      where S is the Slater’s  screening constant ,  
                  Z is the Nuclear charge 



 

Prior to explaining  Slater’s rules , certain terms like 
Nuclear Charge, Shielding Effect and Effective Nuclear 
Charge have to be Understood.  

  

What is Nuclear  Charge? 

      It is the charge on the nucleus with which it attracts the 
electrons of the atom. Basically, the Nuclear Charge is said 
to be equal to the Atomic Number( i.e. the number of 
protons) of an atom. It is denoted by the symbol  Z.  

 

What is  Shielding  Effect? 

       In case of Multielectron atoms, as the orbitals are filled 
up, the electrons in the Inner orbitals shield the electrons in 
the Outer orbitals  from the Nucleus.  

   



So, the electrons in the Outer orbitals do not feel the full 

force or charge of the nucleus. Thus, the reduction of 

nuclear charge on the Outermost electrons is called 

Shielding Effect or Screening Effect.  

 

Shielding Effect is defined as a  measure of the extent to 

which the intervening electrons shield the outer electrons 

from the nuclear charge.  It is denoted by the symbol  S 

 

  What is Effective Nuclear Charge ? 

 

        Effective Nuclear Charge is the actual charge felt by 

the outer electrons after taking into account shielding  of the 

electrons. It is denoted by the symbol  Z* or Zeff 
 



Slater's Rules: 

1) Write the electron configuration for the atom using  

      the following design; 

     (1s)(2s,2p)(3s,3p) (3d) (4s,4p) (4d) (4f) (5s,5p) (5d) 

     ( 5f) (6s,6p)……. etc. 
 

2) Any electrons to the right of the electron of interest  

    contributes nothing towards shielding.  

 

3) All other electrons in the same group as the  

    electron of interest shield to an extent of 0.35  

    nuclear charge units irrespective of  whether the  

    electrons are in s, p, d, or f orbitals. 



4) In case of 1s electron shielding another 1s electron the screening  

    constant value is taken to be 0.30. 

 

5) If the electron of interest is an s or p electron: All electrons with  

    one less value i.e. (n -1) value of the principal quantum number  

    shield to an extent of 0.85 units of nuclear charge. All electrons  

    with two or more less values i.e. (n – 2, n – 3, n – 4 etc.) values of  

    the principal quantum number shield to an extent of 1.00 units. 
 

6) If the electron of interest is an d or f electron: All electrons to 

    the left shield to an extent of 1.00 unit of nuclear charge. 

 

7) Sum the shielding amounts from steps 2 through 5 and subtract    
    from the nuclear charge value to obtain the effective nuclear charge  

    value. 

 



 Calculate Z* for a valence electron in 

fluorine ( Z = 9 ). 

 

 Electronic configuration  of fluorine is 1s2,2s2,2p5 

 Grouping it acc. to slater’s rule : (1s2)(2s2,2p5) 

 Rule 2 does not apply; 

 Now, one electron out of the 7 valence electrons 

   becomes the electron of interest. The other remaining  

   6 valence electrons will contribute 0.35 each towards 

   shielding. 

The electrons in (n – 1) orbitals i.e. 1s orbital will  

   contribute 0.85 each towards shielding.  

 



   S = 0.35 x ( No. of electrons in the same shell i.e. 

          n orbital ) + 0.85 x (No. of electrons in the 

          (n – 1) shell ) 

 

    S = 0.35 x 6 + 0.85 x 2 = 3.8 

 

    Z* =  Z – S = 9 – 3.8 = 5.2 for a valence electron. 

 

   Calculate Z* for a 6s electron in Platinum  

   ( Z = 78 ) 



 The electronic configuration of Platinum ( Z = 78 ) is  

     1s2, 2s2, 2p6, 3s2, 3p6, 4s2, 3d10, 4p6, 5s2, 4d10, 5p6, 

      6s2, 4f14 , 5d8   

. 

 Grouping it acc. to Slater’s rule :  
     (1s2)(2s2,2p6)(3s2,3p6) (3d10) (4s2,4p6) (4d10) (4f14)  

     (5s2,5p6) (5d8) (6s2) 

 

  Rule 2 does not apply; 

 

  Now, one electron out of the two valence electrons 

      becomes the electron of interest. The other  

      remaining valence electron will contribute 0.35  

      towards shielding. 

 



 The electrons in (n – 1) orbitals i.e. ( 6 – 1 ) = 5th orbital will 

      contribute 0.85 each towards shielding.  

 

 The electrons in (n – 2) , ( n – 3), ( n – 4) ….etc. orbitals  
      { i.e. ( 6 – 2 ) , ( 6 – 3), (6 – 4)……etc.}   orbitals will  

      contribute 1.00 each towards shielding. 

 

     S = 0.35 x ( No. of electrons in the same shell i.e. 

            n orbital ) + 0.85 x (No. of electrons in the 

           (n – 1) shell ) + 1.00 x ( No. of electrons in the (n – 2), 

           ( n – 3)….etc. orbitals ) 
 

     S = 0.35 x 1 + 0.85 x 16 + 60 x 1.00 = 73.95 

 

     Z* =  Z – S =   78 – 73.95 =  4.15 for a valence electron.  

 



  
    Calculate the Effective Nuclear Charge for 

one of the 4f electrons of Cerium ( Z = 58 ) 

 
     The electronic configuration of Cerium is : 

         1s2 2s2 2p6 3s2 3p6 3d10 4s2 4p6 4d10 4f2 5s2 5p6 6s2 

 

    Grouping the orbitals acc. to Slater’s : 
 

      (1s2) (2s2 2p6) (3s2 3p6) (3d10) (4s2 4p6) (4d10) (4f2)  

      (5s2 5p6) (6s2) 

 

     As we have to calculate the effective nuclear charge    

       of 4f electrons of Cerium, the electrons lying after the   

       4f electron will not contribute to shielding 

     

 
  



Now, 

     S = 0.35 x ( No. of electrons in the same orbital + 

           1.00 x( all the electrons in the lower orbitals) 

 

     S = 0.35 x 1 + 1.00 x 46 = 46.35 

 

      Zeff  = Z – S = 58 – 46.35 = 11.65 
 

 Calculate the Effective Nuclear Charge in 

    the periphery of Nitrogen ( Z = 7) 
 

   In order to calculate the Effective Nuclear Charge in the  

   periphery of an atom or ion, the shielding of nuclear 

   charge by all the electrons present in the electronic  

   configuration of the atom or ion. 

 

   



    

 The electronic configuration of Nitrogen is 1s2 2s2 2p3    

 

  Grouping acc. to Slater’s rule : (1s2) (2s2 2p3)     

 

   S = 0.35 x ( No. of electrons in the same orbital ) +  

             0.85 x (No. of electrons in the (n – 1) orbital  

 

        S = 0.35 x 5 + 0.85 x 2 = 3.45 

 

   Zeff  in the periphery of N - atom = Z – S = 7 – 3.45 

                                                                        = 3.55      

 
 

       



APPLICATIONS OF SLATER’S RULE 

 

  It provides a quantitative justification for the  

      sequence of orbitals in the energy level diagram. 

 

  It helps to explain the filling of ns - orbital (4s, 5s,6s   

      etc. – orbitals)prior to the filling of (n -1)d orbital (3d,  

      4d, 5d…etc.). 
  Let us consider the case of Potassium ( Z = 19), in  

      which the last electron is supposed to enter 3d    

      orbital instead it goes  to 4s orbital 

 

  



First lets calculate the charge if the last electron enters 4s orbital  

 

The electronic configuration of Potassium acc. to Slater is 

 

            (1s2 ) ( 2s2  2p6 ) ( 3s2  3p6 ) ( 4s1 ) 

 

 As the effective nuclear charge on electron in 4s  

     orbital has to be calculated , the electrons in the   

     same orbital i.e. n orbital  will contribute 0.35 each, the   

     electrons in (n – 1) orbital  i.e. 3s and 3p orbitals will   

     contribute S = 0.85 each and all the electrons in (n – 2,    

     n – 3…. etc.)  orbitals i.e. ( 2s, 2p, 1s) orbitals will  

     contribute S =1.00  each. 

 



So, 

           S =  0 x 0.35 + 8 x 0.85  + 10  x 1.00  

               =  16.80 

Therefore,  Effective Nuclear Charge  

          Z* =  Z – S =  19 – 16.80 =  2.20 

 

Now, Let us assume that the last electron 

enters  the 3d  orbital rather than 4s  orbital, 

 Then the configuration acc. to Slater is  

        (1s2 ) ( 2s2  2p6 ) ( 3s2  3p6 ) ( 3d1 ) 



    Here the d electron is under Interest, so  the electrons   

      in the  same orbital  i.e. 3d orbital  will contribute  S =  

      0.35 each, where as the electrons in  all the other  

      orbitals  i.e. (3s,3p,2s, 2p, 1s) will all contribute  S =  

      1.00  each. 

      So, 

     S = 0 x 0.35 +  18 x 1.00  =  18.00 

     Therefore Effective Nuclear Charge  

        Z* = Z – S =  19.00 – 18.00 =  1.00   

     On comparing the Effective  Nuclear Charge of both 4s  

     and 3d  orbitals, we see that the 4s electron is under the  

    influence of greater Effective Nuclear charge (Zeff = 2.20 )   

     as compared to 3d electron (Zeff = 1.00) in Potassium   

    atom. 

 



 

So, the electron in 4s orbital will be more attracted by 
the nucleus and will have lower energy  than the 3d  
electron.   

 

Thus, the last electron will enter in the 4s orbital , rather 
than the 3d  orbital in case of Potassium atom. 

 

   Slater’s rule explain why 4s electrons are lost prior  

   to 3d electrons during cation formation in case of  

   Transition elements. 

 

    Let us consider the case of  Vanadium (Z=23) 

     The electronic configuration of Vanadium is 

          

      1s2 2s2 2p6 3s2 3p6 3d3 4s2 



    

     After losing 2 electrons, the electronic configuration  of   

      V2+ should be 

                  1s2 2s2 2p6 3s2 3p6 4s2 3d1 

                     And not 

             1s2 2s2 2p6 3s2 3p6 3d3 4s0 
 

   The above Electronic  Configuration can be explained by  

       Slater’s rules   
       The Effective Nuclear Charge for 4s electron is  

        calculated as: 

         (1s2) (2s2 2p6) (3s2 3p6) (3d3) (4s2) 

        Now, one of the electrons of the 4s orbital becomes  

        electron of  interest. The second electron however, will  

        contribute towards shielding effect    



    S =  1 x 0.35 + 11 x 0.85 + 10 x 1.00  =  19.70 

 So,  Zeff =  Z – S =  23 – 19.70 =  3.30 

 

  Now, lets calculate the Effective Nuclear Charge 

  for a 3d electron 

    According  to Slater’s rule 

      (1s2) (2s2 2p6 ) (3s2 3p6 ) (3d3)(4s2) 

    As 4s orbital lies after the electron under interest it will   

   contributes nothing towards shielding. 

   One electron of 3d orbital becomes  electron of interest. The  

   other two 3d electrons will contribute towards  shielding  

   effect. 

 S =  2 x 0.35 + 18 x 1.00 = 18.70 

          Zeff =  Z – S =  23 – 18.70 =  4.30 

 

 



 Comparing  the  Effective Nuclear Charge of both the  

    3d and the 4s electron, it is seen that Effective Nuclear  

     Charge on 3d electron is 4.30 whereas 4s electron has  

     3.30. 

 The force of attraction  experienced by the 3d    

     electrons is more as compared to 4s electrons. 

 The 3d electrons  are more tightly  held to the nucleus  

     than 4s electrons. 

 Thus, the 4s electrons are removed in preference to 3d  

     electrons. 

 

 



The force of attraction  experienced by the 3d    

     electrons is more as compared to 4s electrons. 

The 3d electrons  are more tightly  held to the nucleus 
than   

     4s electrons. 

Thus, the 4s electrons are removed in preference to 3d  

     electrons. 

  It helps to explain why  size of a cation is 

  always smaller than its neutral atom. 
 

Let’s take the example of Lithium atom and Lithium 
ion 

The Electronic configuration of Lithium atom is 1s2 2s1 

 Write it according to Slater’s  (1s2) (2s1)  

As  2s orbital has only one electron ,  it becomes the  

    electron of interest. 



Only the 1s electrons will contribute  towards shielding.     

         

       S = 2 x 0.85 + 0 x 0.35 = 1.70 

        Z eff  = Z – S = 3 – 1.70 = 1.30 

 

In case of Lithium (Li+) Ion 
The Electronic Configuration of  Li+ is 1s2 

Grouping acc. to Slater : (1s2 ) 

In Case of Li+ , one of the 1s electrons becomes electron  

    of interest and the other 1s electron contributes towards  

    shielding. 

 

    S = 1 x 0.30 = 0.30 

           Z eff  = Z – S = 3 – 0.30 = 2.70 
 

 



Comparison of the  Effective Nuclear Charge of Li atom  

   ( Z eff  = 1.30) and Li+ ion ( Z eff  = 2.70), shows that  

   Effective nuclear charge on Li+ ion is more than Li atom. 

So , the size of Li+ ion is smaller than Li atom. 

 

It explains why a anion is always larger than its 
neutral atom 

 

Taking the example of Chlorine atom and Chlorine ion. 

In case of Chlorine atom ( Z = 17), the electronic  

    configuration is 1s2 2s2 2p6 3s2 3p5 

Grouping it acc. to Slater’s rule 

         (1s2 ) ( 2s2 2p6 ) ( 3s2 3p5)  

         S = 6 x 0.35 + 8 x 0.85 + 2 x 1.00 = 10.90 

        Zeff =  Z – S = 17 – 10.90 = 6.10 
 

 



       In case of Chlorine ion Cl
-  

The electronic configuration is 1s2 2s2 2p6 3s2 3p6 

Grouping it acc. to Slater’s rule 

         (1s2 ) ( 2s2 2p6 ) ( 3s2 3p6)  

        S = 7 x 0.35 + 8 x 0.85 + 2 x 1.00 = 11.25 

        Zeff =  Z – S = 17 – 11.25 = 5.75 

Comparison of the  Effective Nuclear Charge of Cl atom      

    ( Z eff  = 6.10) and Cl- ion ( Z eff  = 5.75), shows that Effective   

    nuclear charge on Cl atom is more than Cl- ion. 

 So , the size of Cl- ion is larger than Cl atom . 

 

 



Slater grouped both s and p orbitals together for 

calculating effective nuclear charge , which is 

incorrect. This is because radial probability 

distribution  curves show that s orbitals are more 

penetrating than p orbitals. So , the s orbitals should 

shield to a greater extent as compared to p orbital. 

According to Slater , all the s ,p ,d and f electrons 

present in shell or energy level lower than (n – 1) 

shell will shield the outer n electrons with equal 

contribution of S=1.00 each. This is not justified as 

energetically different orbitals should not contribute 

equally. 

Slater rules are less reliable for heavier elements 

* LIMITATIONS OF SLATER’S RULE 



CAUSE OF PEROIDICITY:  





PERIODIC PROPERTIES 

ATOMIC RADIUS:  
 
• The atomic radius of a element is a measure of the size of its 

atoms, usually the mean or typical distance from the center of 
the nucleus to the boundary of the surrounding shells of 
electrons.  
 

• However , absolute size of an atom is difficult to define 
because 

Physical and chemical properties of some elements show 
periodic variation with atomic number. Some of the properties 
are directly linked with electronic configuration , while some 
are indirectly linked. 



• Since the boundary is not a well-defined physical entity, 
the probability of finding electron is never zero even at 
larger distances.  
 

• It is not possible to isolate an atom and measure its radius. 
  
• The probability distribution of an atom is also affected by 

the presence of the other atoms in its neighborhood.  
 

• The size of atom may change in going from one 
environment to another. 
 

• Thus we can only arbitrarily define atomic radius as the 
effective size which means the distance of closet approach 
of one atom from another atom in a given bonding 
situation. 



• The atomic radius can be defined in terms of : Covalent 
radius, Ionic radius, Metallic radii and Van der Waal radius. 

 

Covalent radius: 
 
 In case of homo 
diatomic molecule 
the atomic radii is 
given as  
 
“One half of the 
distance between the 
centers of two nuclei 
of two similarly 
bonded atoms in a 
molecule”  
 



In case of heteroatomic or heteronuclear molecule  the 
covalent radii of different atoms joined by single covalent 
bond. 



Atomic  radii of atom is given by  

                                            

                                           rAB = rA + rB   
if the difference in electronegativity of the combining atoms  is 
less. 

 

If the difference in electronegativity of the combining atoms is 
high then the atomic / covalent radii is given as 

 

                                            rAB = rA + rB  -|XA-XB| 
 
Multiple Bond : The atomic radii of atoms which do not form 

diatomic molecules with single bonds are calculated by indirect 

method.  

 

For example,  the single bond radii of  N2 and O2 are not obtained 



by                              rAB = rA + rB  - |XA-XB|  
as both nitrogen and oxygen molecule contain multiple bonds. 

 

The single bond atomic radii of the nitrogen can be 

calculated by indirect method in those compounds in which 

nitrogen is bounded to another atom by a single bond. 

 

For eg.  C-N bond in Methyl amine (H3CNH2 ) has been found 

to b 1.47A0 . Since the atomic radius of carbon is 0.77A0 

(obtained from C-C bond distance in diamond), the atomic 
radius of nitrogen is (1.47-0.77) = 0.70 A0 
 

Bond radius Bond radius 

C-C 0.77 A0 N-N 0.70 A0 

C=C 0.74 A0 N=N 0.60 A0 

C=C 0.70 A0 N=N 0.55 A0 



Hybridization and atomic radius 

As seen from the 

table, the distance / 

bond length between 

the atoms goes on 

decreasing with 

increase in the 

number of bond 

between atoms.  

 

This can be 

explained on the 

basis of 

hybridization. 



Hybridization s-character example C-H distance Radius of C 

sp3 25% CH3 – CH3 1.14 Ȧ 0.77 Ȧ 

sp2 33% CH2 = CH2 1.11 Ȧ 0.74 Ȧ 

sp 50% CH = CH 1.07 Ȧ 0.70 Ȧ 

The decrease in the radius of carbon may be attributed to 

increase in s character while moving from sp3, sp2 to sp.  

 

With increase in s-character , the electron pair between the two 

C atom  comes closer to the nucleus resulting in greater 

attraction  between the two C atoms and hence atomic radii 

decreases. 



Atomic radii (in A0) in main group (s-and p-block) elements 



 The atomic radii decreases along a period (from left to right). 
 

• The principal energy level is the same all across the period i.e. 

the electrons are being added in the same energy level (n). 

 

• Electrons being added to the same energy level are not shielded 

very much by the other electrons in the same energy level. 

 

• Whereas, the nuclear charge increases from left to right due to 

addition of electrons. 

 

• So, the outer electrons experience more nuclear charge and are 

attracted more by the nucleus, resulting in decrease in atomic 

radii. 

 



 The atomic radii increases on going down the group (top 
to bottom) 
 

• On going from top to bottom in a group in periodic table, the 

outermost electrons are placed in higher energy levels (n). 

 
• Higher the energy level in which an electron is placed, larger 

will be the atomic radius of the shell. 

 

• Nuclear charge  also increases on going down the group but 

the increase in effective nuclear charge is not large. 

 

•  So, the increase in atomic radii/volume is much more (or 

predominates) than the increase in  effective nuclear charge. 

 

• As a result nuclear charge decreases down the group. 



• The ionic radii corresponds to radii of ions in ionic crystal.  

 

• Ions are formed as a result of addition or removal of electrons 

from the outermost shell of atom. 

 

• Cations: are formed by loss / removal of electrons 

• Anions: Formed by addition / gain of electrons. 

 

• Ionic radii is defined as “the effective distance from nucleus of 
the ion up to which it has an influence in the ionic bond.” 

 

• The distance between the nuclei of a adjacent positive and 

negative ions in the crystal can be measured by X – ray method. 

IONIC RADII: 



• If ions are considered spheres, the internuclear distance may 

be taken equal to the sum of radius of cation and anion. 

 

• For eg. the internuclear distance of Na+Cl- is 2.76 Ȧ which 
corresponds to  

                               rNa
+ + rCl

-
  = 2.76 Ȧ  

 
• Unless we know the radii of any one ion we cannot calculate 

the radii of the other 



Measurement of ionic radius: 

• Large number of methods are known but the most accepted 

method for calculating ionic radii is the Pauling’s method. 
 

• This method is limited to univalent isoelectronic ions. 

 

• The method is based on the observed internuclear separation  in 

four crystals:   NaF, KCl, RbBr and CsI 
 

• Pauling selected these compounds because: 

i. They have approximately the same radius ratio ( r+ / r- = 0.75) 

ii. They have approximately equal ionic character. 

iii. In each case the cation and the anion are isoelectronic (i.e. : 

they have the same number of electrons) 



• Pauling also made two more assumptions: 

i. The cation and anions are assumed to be in contact with 

each other ,so that   

                          r+ +  r- = R ( Internuclear distance) 

 

ii.    The radius of the ion is inversely proportional to the   

       effective nuclear charge of the ion ( Zeff ) 
 

                                        rion  ∞ 1 / Zeff 
       where Zeff  = Z – S 
 
In other words      

                                        rion  ∞ 1 / Z – S 
 
                                        rion  = C / Z – S 
   where  C is the constant of proportionality & has the same   

   value for both the ions 



 Let us consider the example of  NaF 

 

                   rNa
+ + rF

-
  = 2.31Ȧ   (Determined by X-ray technique) 

 
Both Na+ and F- are isoelectronic (have same no. of electrons) 

 

Calculated Zeff according to Slater rule 

                     Zeff for Na+ = 11- 4.5 = 6.5 

                     Zeff for F-  =  9 - 4.5 = 4.5 

 

Acc. to Pauling                   

                            rNa
+  =    C          and       rF

-  =    C 

                              6.5                       4.5 

 

     C   +    C   =  2.31 Ȧ 

   6.5        4.5 
 



   4.5C + 6.5 C = 2.31 x 6.5 x 4.5 

                       

     11.00C = 70.51 

   

            C= 6.41 

  

Using values of C, the  radii of Na+ and F- can be calculated 

 

           rNa
+  =    C          and       rF

-  =    C 

              6.5                  4.5 

 

           rNa
+  =   6.41        and       rF

-  =  6.41 

              6.5                  4.5 
 

           rNa
+  =  0.95 Ȧ     and      rF

-  =  1.36 Ȧ              



 Size of cation is less than its neutral /parent atom. 
 
• This is due to removal of electrons from the valence shell of 

an atom. 

• The  magnitude/amount of the nuclear charge remains  the 

same where as the number of electrons decreases.  

• As a result the nuclear charge now acts on lesser number of 

electrons.  

• Due to which the electrons are more strongly attracted and 

pulled towards nucleus. So, the size of cation decreases. 

SIZE OF CATION  

Atomic radius of Na 
 (Z = 11) 

1.54 Ȧ Ionic radii of Na+ 

(Z = 11) 
0.95Ȧ 

Atomic radius of K 
           (Z = 19) 

1.96Ȧ Ionic radii of K+ 

          (Z = 19) 
1.33Ȧ 



SIZE OF ANION  

 Size of anion is more than a neutral / parent atom.  
 
• This due to addition of electrons occur in  the valence shell 

of an atom. 

• The  magnitude/amount  of the nuclear charge remains  the 

same where as the number of electrons increases.  

• As a result the nuclear charge now acts on the more 

number of electrons. 

• The effective nuclear charge decreases due to which the 

electrons cloud is less tightly held by the nucleus i.e. they 

are less strongly attracted and pulled towards nucleus. So, 

the size of anion is more 

Atomic radii of Cl (Z = 17) 0.99Ȧ Ionic radii of Cl-  (Z = 17) 1.81Ȧ 

Atomic radii of Br (Z = 35) 1.14Ȧ Ionic radii of Br- (Z = 35) 1.95Ȧ 



 For isoelectronic ions (ions having same number of electrons but 

different number of protons) the ionic radii decreases as the nuclear 

charge increases. 

 

Reason:  
In isoelectronic series, with  increase in nuclear charge, the Zeff 

increases. More the Zeff , more will be the nuclear charge on the 

outermost electron  &  smaller will be the size. 

Periodic trends of ionic radii in period 





• The metallic radius is 

the radius of an atom 

joined by metallic bond.  

 

• The metallic radius is 

half of the total distance 

between the nuclei of 

two adjacent atoms in a 

metallic cluster.  

 

• Since  metal is made up 

of group of atoms of the 

same element, the 

distance of each atom 

will be the same 

METALLIC RADIUS 

rmetallic = Internuclear distance between two  
               adjacent atoms in  metallic lattice 
          2 



Metallic bond is weaker 
than covalent bond and 
as a result metal atoms 
in metallic lattice are 
not drawn as close to 
each other as in a 
covalent  bond. 
 



Van der Waals radius 



• In covalent bond the atoms come closer due to overlapping of 

orbitals.  

 

• On the other hand van der Waal forces exist between non 

bonded atoms or molecules. 

 

• Van der Waal forces are weak as the atoms/molecules are at 

larger distances.  

 

• Thus the internuclear distances in case of atoms held by Van 

der Waal forces is more than that between covalently bonded 

atoms. 

Covalent  and van der Waals radii in A0  of some elements 

N O F Ne P S Cl Ar 

Covalent 0.77 0.74 0.72 - 1.10 1.04 0.99 - 

Van der waal 1.50 1.40 1.35 1.31 1.80 1.90 1.80 1.74 



COMPARISON OF DIFFERENT RADII 



• It is a quantitative measure of the tendency of an element to lose 

electron.  

 

• It represents the energy required to remove an electron from an 

isolated gaseous atom (X) in its ground state.  

 

      M(g) + ionization energy    M+(g) + e-  (g) 

 

• Ionization energy is also called ionization potential because it 

is measured as the amount of potential needed to remove the 

most loosely held electron from gaseous atom. 

 

• Smaller the value of ionization energy, the easier it is to remove 

electron. 

IONIZATION ENERGY 



1. Size of an atom:  
 
• Ionization energy depends upon the distance  between the 

nucleus and electron that has to be removed.  

 

• The attractive force between the electron and the nucleus is 

inversely proportional to the distance between them.  

 

• As size increases, the outer most electrons are less tightly held 

by the nucleus. So it becomes easier to remove the electron. 

 

• Hence ionization energy decreases with increase in atomic 

size 

 

Factors on which ionization energy depends  



2. Charge on the nucleus:  
 
• The attractive force between the nucleus and the electrons 

increases with increase in nuclear charge.  

 

• Force of attraction is directly proportional to the product of 

charges on nucleus and that of electrons. 

 

• With increase in nuclear charge it becomes more difficult  

     to remove an electron and IE increases. 

 

3. Screening effect of the inner electrons:  
 
• In multielectron atoms, the outermost electrons are shielded or 

screened from the nucleus by the inner electrons. This is 

called screening or shielding effect 



• As the result the outermost electron does not feel the full 

nuclear charge. 

 

• The actual nuclear charge felt is Zeff = Z - S 
 

• If no. of electrons in the inner shell is more, the screening 

effect will be more.  

 

• As a result the nucleus-electron attraction will be less and  

    Ionization energy will be less. 

 

4. Penetration effect:  
 
• In multielectron atoms, the penetration of a 2s electron to the 

nucleus is more than that of a 2p-electron.  



• s-orbital have max probability of being near the nucleus. 

 

• The penetrating  power decreases as  s > p > d > f . 
 

• If the penetration of the electron is more, it will be closer to 

the nucleus and will be firmly held which will increase the 

ionization energy. 

 

• For the same shell the required ionization energy to remove 

electron from s orbital is more than that of  a p-orbital , 

which in turn will be more than that for a d orbital. 

 

• 5. Electronic Configuration:  
 

• Ionization energy depends upon electronic configuration of 

the atom.  



• It has been observed that certain electronic configuration are 

more stable than others. 

 

• For example half filled and fully filled orbitals are more stable 

than the others. 

 

• So, it will be difficult to remove electron from these stable 

configuration and ionization energy required will be high. 

 

• GENERALISATIONS 

i) The noble gas have the most stable electronic configuration in 

each period. They  have the  highest I.E. 

 

ii)  The elements like Be(1s2,2s2) and Mg (1s2 2s2 2p6 3s2 )have   

      completely filled orbitals. Hence their I.E. will be high. 



iii)  The elements like N(1s2 2s2 2px
1

 2py
1 2pz

1) and P(1s2 2s2 2p6   

          3s2 3px
13py

13pz
1) have half filled orbital and hence more   

       stable. Hence they require more energy to remove electron.      

       So, their ionization energy will be large. 

Variation of IE energy with atomic number 



i)  On moving across a period from      

     left to right , the nuclear charge  

     increases. 

 

ii) The atomic size decreases  along  

     a period though the energy  

     level remains same.  

 

As a result of increasing nuclear 

charge and simultaneous decrease 

in atomic size, the valence electrons 

are more tightly held by nucleus.  

Variation of Ionization Energy In Periodic Table:  
 
Ionization energy increases with increase in atomic number in 
period. 



Ionization energy in group: 
 
 Ionization energy decreases 
gradually in moving from top to 
bottom in a group . 
On moving down a group from top to 

bottom ,  

i) the nuclear charge increases  

ii) the atomic size increases  along a 

group  due to addition of shell 

iii) There is increase in shielding and 

screening effect on the outermost 

electron due to an increase in 

number of inner electron.  

The effect in atomic size  and shielding effect is more than the effect of 
increase in nuclear charge.  As a result electron becomes less and less 
firmly held to the nucleus as we move down in the group. 



Successive Ionization energy: Atom may not lose just one 

electron but more than one electron. Therefore it is essential to 

specify the Ionization energy for each electron removed. 

The energy required to lose or remove subsequent electrons from 

atom in gaseous  state are known as successive ionization energy. 

M    M+ + e- 

M+   M2+ + e- 

M2+   M3+    + e- 

For example, the first and second ionization of  Li may be given as 
 

       Li    Li+ + e-         ;         IE1= 520 kJmol-1   
 

 

       Li+   Li2+ + e-          ;        IE2= 7298 kJmol-1  

  

IE1 

IE2 

IE3 

IE1 

IE2 







 

 

 

*    THE END 


