
Name: ___________________ 
 

Periodic Properties 
  
1. Using the periodic table shown below indicate  

general electron configuration and the number  
of electrons in the valence shells for elements in  
each of the shaded groups.   
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Group IA has the general electron configuration of ns1.  All elements in Group IA have one valence 

electron. 
  Group IIA has the general electron configuration of ns2.  All elements in Group IA have 

two valence electron. 
  Group IIIA has the general electron configuration of ns2np1.  All elements in Group IA 

have three valence electron. 
  Group IVA has the general electron configuration of ns2np2.  All elements in Group IA 

have four valence electron. 
  Group VA has the general electron configuration of ns2np3.  All elements in Group IA 

have five valence electron. 



  Group VIA has the general electron configuration of ns2np4.  All elements in Group IA 
have six valence electron. 

  Group VIIA has the general electron configuration of ns2np5.  All elements in Group IA 
have seven valence electron. 

  Group VIIIA has the general electron configuration of ns2np6.  All elements in Group 
IA have eight valence electron. 

 
 2. Use the blank periodic table below to mark the sections of the periodic 

table that contain elements having valence electrons in s orbitals, p 
orbitals, d orbitals and f orbitals. 
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 3a. Correlate group and period designations in the periodic table to the 

sections of the periodic table having valence electrons in s orbitals, p 
orbitals, d orbitals and f orbitals. 

 
Groups IA and IIA contain elements in which electrons are filling s orbitals.  Groups IIIA through 

VIIIA contain elements in which electrons are filling p orbitals.  Groups IB through 
VIIIB contain elements in which electrons are filling d orbitals.  The lanthanides and the 
actinides contain elements in which electrons are filling f orbitals. 



b)  Write the electron configuration for Pm and for Bi. 
     
      Pm: 1s22s22p63s23p64s23d104p65s24d105p66s25d14f4     or [Xe] 6s25d14f4 
 Bi: 1s22s22p63s23p64s23d104p65s24d105p66s24f145d106p3  or [Xe]6s24f145d106p3 
 
 4a. Use the blank periodic table below to display the general trends in 

atomic radii for elements within both groups and periods (rows).  
Explain the observed trends in terms of electronic screening effects and 
the populations of the various energy levels.   
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In general the atomic radius of elements in a group increases going down the group.  Going down a 

group, the valence electrons occupy orbitals of increasing larger principal quantum 
numbers.  As the magnitude of the principal quantum number increases, the size of the 
orbital increases. 

 
  The atomic radius of elements in a row (period) decrease going from left to right.  Going 

across a row, the core electrons remain constant and electrons are added to the valence 
shell.  Since the nuclear charge increases going across a row and valence electrons do not 
effectively screen each other, the effective nuclear charge experienced by the valence 
electrons also increases.  As a result the valence electrons experience a greater attraction 
to the nucleus and are drawn closer to the nucleus. 
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Explain the trend in 
observed covalent radii 
shown in the adjacent plot. 
 
The radius of the atoms increases 
as the the atomic number of the 
element increases.  This is due to 
the fact the the valence electrons 
have higher energy (higher n 
values) and are thus found farther 
away from the nucleus. 
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Explain the trend in 
observed covalent radii 
shown in the adjacent plot. 
 
As one moves across the 2nd 
period of the, energy of the 
valence electrons remains 
approximately constant, (n = 2).  
The nuclear charge, however, 
increases.  The electrons are being 
pulled toward the nucleus more 
strongly on the right side of the 
table and thus the radii decrease 
as one moves from left to right. 

 



 5a. Use the blank periodic table below to display the general trends in 
ionization energy for elements within both groups and periods (rows).  
Explain the observed trends in terms of electronic screening effects and 
the populations of the various energy levels.   
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Ionization energy is the energy required to remove a single valence electron from a neutral atom. 
M(g)  M+(g) + 1e– 

   
  The ionization energy decreases going down a group and increases going across a period.  
The ionization energy decreases going down a group because the outer most electron occupies a high 
energy level.  The higher the energy level the less energy required to remove the electron.  Going across a 
period the electron feels a greater attraction to the nucleus and the energy required to remove the electron 
increases. 
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In general, ionization energy 
increases as one moves across a 
period from left to right.  An 
exception to this trend is when 
electrons are being removed from 
different subshells.  The electron 
removed from Be comes from the 
2s orbital.  The electron removed 
from B comes from the 2p orbital.  
The 2p orbital is slightly higher in 
energy than the 2s, so the electron 
is easier to remove.  Another 
exception is O.  The ionization 
energy for O is lower than 
expected.  This is due to the 
repulsion the paired electrons 
experience in the filled orbital.  
The electron which is added going 
to oxygen is at a higher energy 
level due to the repulsion is feels 
from the other electron and 
subsequently it is easier to 
remove. 
 
 

 
 
 6. Use the blank periodic table below to display the general trends in 

electron affinity for elements within both groups and periods (rows).  
Explain the observed trends in terms of electronic screening effects and 
the populations of the various energy levels.   
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Electron affinity is the energy associated with a neutral atom in the gas phase gaining an electron to 

form a negatively charged ion.  The energy change that occurs in the following process is 
called the electron affinity, 

 
M(g) + 1e– �  M–(g) 

   
  Electron affinity does not change significantly going down a group.  The electron added 

is placed in the outer orbital, far away from the nucleus and it feels very little attraction 
to the nucleus.  In addition the electron experiences a repulsion to those valence 
electrons already present.  In general the electron affinity decreases, becoming more 
negative, going across a period.  In general, going across a row, the valence electrons feel 
a greater effective nuclear charge.  Addition of an electron means the new electron will 
feel greater attraction to the nucleus as we proceed from left to right.   

  There is an interesting change going from an element in Group VA to an element in 
Group VIA.  Instead of the electron affinity decreasing it increases when moving from 
VA to VIA.  The reason is due to the repulsion as a result of the pairing of an electron in 
the atom.  So instead of continuing the decreasing trend at Group VIA there is a slight 
upswing from which it continues the downward trend. 

 
7. Describe the observed trends in reactivity, atomic radii, ionization 

energy, and electron affinity within the alkali metal group.    
8.  

In general the reactivity of the elements in the alkali metals increases going down the group.  Going 
down the group the atomic radius increases and the single s electron is further from the 
nucleus.  Going down the group the valence electron is easier to remove, as indicated by 
the decrease in the first ionization energy.  The less energy required to ionize the 
element the more reactive the element will be with other substances. 

 



8. Compare atomic radii, ionization energy, and electron affinity between 
corresponding members of the alkali metal group (IA) and the Group IB 
metals.   

 
  Elements in Group IA and IB exhibit some similarity in properties.  Elements in Group  

IA have one valence electron in an s orbital.  The core electrons represent a noble gas or 
completely filled shell, so the loss of the single valence electron is not difficult.  For the 
elements in Group IB, the valence electron can also be characterized as in the s orbital.  
However, in Group IB the increased nuclear charge means the valence electrons experience 
a greater attraction to the nucleus.  Also, if one of the valence electrons is removed, another 
remains and the noble gas core is not obtained.  Therefore the atomic radius is smaller in 
Group IB compared to Group IA and the energy required to remove an electron is greater. 

 
9. Explain the term degenerate, as it relates to orbitals, and explain how 

adding electrons to a set of degenerate orbitals differs from adding 
electrons to orbitals which are not degenerate. 

 
Degenerate orbitals are equal in energy.  When adding electrons to nondegenerate orbitals, 
the electrons always go into the orbital of lowest energy and fill it completely.  If the orbitals 
are degenerate, the electrons are added in accordance with Hund's rule.  One electron is 
added to each orbital of the degenerate set before a second electron can be added to any of 
the orbitals. 

 
 10. Briefly explain each of the following statements. 
 
  a) The atomic radius of Mg is smaller than Ba. 
 
Both elements are members of group IIA.  The valence electrons of Ba are in the 6s orbital and those 

of Mg are in the 3s orbital.  Electrons in the n = 6 level have more energy than those in 
the n = 2 level.  The orbitals they occupy are larger, so the radius of the Ba atom is 
greater than that of the Mg atom. 

 
  b) The ionization energy of S is lower than P. 
 
Ionization energies tend to increase moving from left to right across rows of the periodic table.  

Based on this trend alone, we would expect the ionization energy of S to be greater than 
that of P.  However, for these elements another factor must be considered.  To remove 
an electron from P, we must disrupt a half filled set of p orbitals.  This requires more 
energy than removing an electron from a subshell that is not filled or half filled.  Thus, P 
has a higher ionization energy than S. 

 
     
 c) The energy required to remove the fourth electron in Al is 

significantly larger than the third electron. 
 
Aluminum has an electron configuration:  [Ne]3s23p1.  There are three valence electrons 

that can be removed to leave the noble gas core electrons.  The fourth electron 
would have to be removed from this noble gas core.  A great deal of additional 
energy would have to be expended to overcome the special stability of the core 
electrons. 

 
 



 d) The energy change associated with gaining an electron, the electron 
affinity, is positive for some atoms and negative for others. 

 
Electron affinity is the energy change that occurs when an electron is added to a gaseous atom.  If 

energy is given up by the atom, then the sign of the electron affinity in negative.  
(The anion is more stable than the neutral atom from which it was formed.)  If work 
must be done to force the atom to accept an electron, then the electron affinity is 
positive.  (The anion is less stable than the neutral atom from which it was formed.) 

 
 11. Predict the products of the following reactions. 
 
  a) A sample of potassium is added to water at 25˚ C → 
 

2K(s)   +  2H2O(l)    2KOH(aq)   + H2(g) 
 
  b) Mg(s)  +  S(s)  → 
 

Mg(s)  +  S(s)    MgS(s) 
 
 
  c) Sodium solid is dropped into a sample of bromine → 
 

2Na(s)  +  Br2(l)   � � NaBrs) 
 
  d) Ba(s)  +  O2(g)  → 

 
2Ba(s)  +  O2(g)     2BaO(s) 

 
 
 


