HONORS CHEMISTRY

       Mr. Rivas

                            PERIODIC TRENDS
The Periodic Table

Some people collect antique automobiles. Others collect baseball cards, Barbi dolls, etc. Regardless of what you collect, you organize your collection. People that collect CD’s, might organize them by genre or artist or epoch or something else. Chemists, on the other hand, collect elements. They have approximately 118 of them. Like everybody else they organize their collection. The result is the periodic table.

The first scientist to present a comprehensive organized collection of the elements known at the time was Dimitri Mendeleev. What was amazing about his Periodic table is that it predicted elements unknown at that time. Even more he predicted some of the properties of these yet undiscovered elements. When those missing elements were later discovered and their properties matched rather closely Dimitri’s prediction, he became famous indeed.

At the time Mendeleev proposed his periodic table protons were not known, so he organized his table by atomic mass. Mosley, an English physicist, proposed to organize the Periodic Table by atomic number (#p+) instead. The result was a more perfect fit of the properties of the elements and their location in the table. After this change was introduced, the Periodic Law was stated as follows: “The chemical and physical properties of the elements are a periodic function of the atomic number” The modern periodic table contains 18 columns, called groups (or families), and 7 rows, called periods. 

The elements in the same group have similar chemical properties because they have the same number and distribution of valence electrons. As you know the valence electrons are those contained in the highest energy level of the atom.

Example: The highest energy level in the electron configuration of silicon is 3. The total number of electrons in level 3 is 4 (two in 3s2 and two in 3p2). Those electrons that are not valence electrons are called inner electrons or core electrons. The core electrons are usually not involved in chemical reactions because they are attached very strongly to the nucleus. The core electrons plus the nucleus made up the kernel of the atom
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Example: Selenium has 6 valence electrons. Notice that the sub-levels 4s and 4p are not consecutive in energy. 
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In order to simplify the notation of the electron configuration of different elements, we will resort to the condensed electron diagram in which most of the core electrons are replaced by the symbol of the noble gas preceding the element, as follows:

The electron configuration of:

   [Li] = 1s22s1    

   [He] = 1s2  

The condense configuration of Li (     [Li] = [He]2s1
Example: Write the condense electron configuration of bromine:

   [Br] = 1s22s22p63s23p64s23d104p5

   [Ar] = 1s22s22p63s23p6   (Ar is the noble gas immediately preceding Br)

    Condense configuration:    [Br] = [Ar] 4s23d104p5
If you write the electron configuration of several elements in the same group it is easy to realize that they have the same number of valence electrons (and with the same configuration)

We present here the configuration for the alkali metals, the alkaline earth metals, the halogens, and the noble gases. Notice that the configuration of the valence electrons is the same for each group. Helium is an exception because it has only one energy level.
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In summary for the:

Alkali metals

ns1
Alkaline earth metals
ns2
Halogens

ns2np5
Noble gases

ns2np6
This pattern explains the way the groups and periods are laid out in the periodic table. The periodic table is fully explained by the electron configuration of the elements. This fact made believers out of the scientists and explains the total acceptance of Quantum Mechanics.

To better comprehend how the electron configuration is reflected in the periodic table let’s reorganize the different sections of the periodic table based on the corresponding sub-levels (s, p, d, and f).

First keep mind that the format of the periodic table has been change for purely practical reasons: To make it fit better in a regular sheet of paper. The real (sometimes called extended) periodic table would look like this:

[image: image3.png]B I




What is wrong with this table? Nothing except that it is too long to be printed in a normal book or sheet of paper and maintaining a readable font size.

So here we have “our” standard periodic table with the blocks that correspond to the energy sublevels. 
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The elements in block s and block p are called the main group elements or representative elements. The periodic trends of the elements can be more easily observed in these elements.

This rendition of the table allows us to write the electron configuration of any element reading it directly from the periodic table. There are some exceptions that we will explain later. 

To write the electron configuration from the periodic table:

1. Begin with row 1: starting from the left and moving along to the right.

    The row number is the energy level (n, principal quantum number) and the 

    block where the element is corresponds to the energy sublevel 

    (s, p, d, f, etc)

2. Add one electron for each element to the sublevel corresponding to the 

    element. 

3. Go to the next row and repeat the procedure.

4. When you reach the block d, the energy level must be the row number

    minus one (n-1).

5. When you reach the block f, the energy level must be the row number 

    minus two (n-2).

We will do some examples in class.

There are other properties of the elements that vary in a predictable manner along the rows and columns. This fact is known as the Periodic Law: When the elements are arranged in order of increasing atomic number, their chemical and physical properties show a periodic pattern.

We will study the following periodic properties:

1. Atomic radius

2. Ionic size

3. Ionization energy

4. Electron Affinity

Atomic Radius

The atomic radius is the distance from the nucleus (center) of the atom to the outermost electrons. We know that the position of the outermost electrons cannot be determined precisely due to the Heisenberg Uncertainty Principle. All we really know is the probability of finding the electron(s) in a given location (volume).

A way around is to find the inter nuclear distance of two neighboring atoms’ nuclei in the solid state and divide the distance by 2 and use the result as a estimate of the atom’s radius.

In the following picture we see how the atomic radius of iodine can be estimated using a molecule of I2.
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Atomic radii increase down a group because electrons are added to a new shell (n, energy level). As the value of n increases so does the size of the orbitals and the size of the atom’s radius.

Atomic radii decrease across a period because as we are adding electrons the number of protons in the nucleus is also increasing. The additional protons exerts a stronger attractive force on the electrons. This fact causes the atom to become more compact and to reduce the atomic radius. 

You can notice both of these trends in the following diagram
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Ionic size

The ionic radius is found by dividing the inter nuclear distance of two neighboring ions in a solid proportionally to their atomic radii. 
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Ionic radii increase down a group because the ion has an additional shell (n, energy level). 

Ionic radii decrease across a period due to the increased positive charge of the nucleus. 

However, cations are smaller than their parent atoms because as they lose electrons they become more compact and in addition, in most cases, the ions also lose an entire shell (energy level). 

The anions are larger than their parent atoms because they add electrons while the nucleus maintains the same positive charge. The additional electrons decrease the effective nuclear charge (Zeff) because they exert additional repulsion among the electrons (shielding). 

Shielding effect in a magnesium atom
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The periodic variation of the ionic radii can be seen in the following picture:
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Ionization Energy

Ionization energy is the amount of energy required to remove an electron from an atom. Ionization energy is generally given in joules per mole of atoms. Ionization energies measure the tendency of a neutral atom to resist the loss of electrons. It takes a considerable amount of energy, for example, to remove an electron from a neutral fluorine atom to form a positively charged ion. Since the enthalpy change is positive it means that energy must be supplied to remove the electron. This also means that the positive fluoride ion is more energetic and consequently less stable than the fluoride atom.

	F(g)       [image: image9.png]
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Ho = 1681.0 kJ/mol


              Less energetic      More energetic

               More stable         Less stable

The ionization energy of hydrogen could be estimated by computing the energy required to move one electron from the first energy level to the hypothetical level: infinity. The result would need to be multiplied by Avogadro number to get the energy in joules per mole of atoms.
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The ionization energy depends on the numbers of electrons that have been previously removed from the atom. The energy required to remove the first electron from the atom is called the First Ionization Energy (I1). The energy required to remove the second electron is called the Second Ionization Energy (I2) and the like. 

The first ionization energy is usually the lowest.

The ionization energy decreases down a group because the valence electrons are occupying shells that are farther from the nucleus. Remember that the electric force (attractive force between the nucleus and the electrons) decreases rapidly with distance. 

The ionization energy increases across a period because the electrons are held more tightly by the nucleus due to the closer distance.

Metals found at the lower left of the table have low ionization energies and can easily lose electrons. 

Non-metals found at the upper right of the table have high ionization energies and can readily gain electrons.
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The anomaly of Be and Mg can be explained by the fact that the electron to be removed from these two atoms is in the “s” sublevel while the electrons to be removed from B and Al are in the “p” sublevel. The electrons in the “p” sublevel are more energetic consequently easier to remove. 

The anomaly of N and P can be explained by the fact that filled and half filled sublevels are more stable.  (Applies to exceptions to the Aufbau Principle relating to Cr and Cu, etc.)
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Electron Affinity

Electron Affinity is a measure of the energy released (or absorbed) when an electron is added to a gas-phase atom to form a negatively charged ion. 

A fluorine atom in the gas phase, for example, gives off energy when it gains an electron to form a fluoride ion. 

F(g)  +  e–    (    F– (g)     ΔHº =  –328.9 kJ/mol

                      More energy        Less energy

                       Less stable          More stable

Elements with the highest electron affinities are those close to O, F, and Cl.

Here we need to be a little careful in interpreting the data as the energy axis may be confusing at first. In this plot, negative energy means that the ion formed when the atom picks up an electron is actually lower in energy than the free atom. Another way of thinking about this is that accepting an electron is favorable when the electron affinity is negative. If the electron affinity is positive, this means that the negative ion is less stable than the free atom. In other words, a positive electron affinity is an indication of an unfavorable electron addition. Now let's look at the graph:
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In this graph we notice that the inert gases He, Ne and Ar all exhibit positive electron affinities. In other words forming He-1 is unfavorable relative to He. This makes sense since the inert gases have filled s and p levels (or filled octets if you prefer that terminology) and any additional electron must go into the next n level. What is particularly surprising is that the Group 2 metals, Be, Mg and Ca, have even more positive values than do the inert gases. These metals have filled s orbitals and the positive value reflects the fact that the next electron must be going into the p level. It is curious that placing an electron into an inert gas is less forbidden than placing an extra one into the Group 2 metals. 

One slightly surprising feature of the electron affinities is that the Group 1 metals (plus H) have negative electron affinity values. This means that the formation of the simple anions H-1, Li-1, Na-1, etc. is slightly favored. We've already mentioned that H can form a "hydride" ion, H-1, but the others may be a surprise. In fact under very special circumstances the Group 1 metals may form metalides although these conditions are not at all common. Notice that the electron affinity of these Group 1 elements decreases gently as we go from H to K reflecting the fact that the larger atom has a weaker Coulombic attraction for the extra electron. 

Looking at the pattern from B to F, we see that B and C have negative electron affinities, but that the electron affinity of N is zero. This is expected by Hund's rule since N has a half filled level and the addition of an extra electron would be unfavorable. As expected O and F have strongly negative electron affinities. The Al = Cl trend is similar to that of the B - F atoms. 

At the risk of confusing you, it is appropriate to note that an atom like O can ,and would be expected to, pick up two electrons. While the electron affinity for the first of these electrons is strongly negative, the affinity for the second is actually positive because of the additional repulsion associated with bringing an electron into a negatively charged species. The reason that O-2 is favored is that the total energy of the two electron additions is still favorable. 

A summary of the periodic trends in shown in the following table
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Electronegativity

Electronegativity is the attraction that an atom has for a shared pair of electrons.
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ELECTRONEGATIVITY (It has no units)
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Electron Configuration
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Main Group Elements
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